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Preface

The primary purpose of this book is to support students in developing a 
more holistic and integrative understanding of physical inorganic chemistry 
at the advanced level not only to meet the requirements of the national 
examination, but to really appreciate the centrality and relevancy of chem
istry as a science subject. Hopefully with this book, students find the subject 
fascinating and exciting enough to want to continue to study chemistry after 
they have left school.

Our students usually find the learning of chemistry very difficult and 
lack intellectual stimulation. Thus, because of this, their learning is usually 
disjointed and mostly fact driven. The impetus behind this book was to 
translate what we have learnt from our students into a book that is peda- 
gogically driven to develop their critical understanding of chemistry. This 
book should prove not only useful to students attempting to gain meaningful 
understanding of advanced chemistry, but also an asset to science teachers 
who are fresh into teaching service, to make the learning of chemistry of 
their students more engaging and mind stimulating. There are certainly 
pragmatic reasons for experienced science teachers to share the relevance of 
this book amongst the teaching community.

The main feature of this book is that we have incorporated various think- 
aloud questions at specific points in the content. Through this Socratic 
questioning, we want to challenge students to be analytical, to evaluate 
the chemical facts that are presented and to find a synthesis among facts 
and ideas being presented among disparate chapters. Ultimately, we hope 
that they develop their scientific thinking, gain better understanding of the 
nature of science and a more meaningful understanding of fundamental con
cepts, and appreciate that, although science evolves amongst human social- 
cultural activity, it is nonetheless an extremely powerful tool to develop 
knowledge and advance technology. The other feature that we are proud of,
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as it is really useful to students for integrative understanding, is the incor
poration of questions at the end of each chapter. These integrated questions 
will prove useful to students in helping them to revise fundamental concepts 
learnt from previous chapters as well as see the importance and relevancy 
in the application to their current learning. This book offers a vision of 
understanding chemistry meaningfully and fundamentally from the learn
ers’ approach.
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CHAPTER 1

Atomic Structure and the 
Periodic Table

1.1 The Subatomic Particles of Matter

The three fundamental subatomic particles of matter are protons, neu
trons and electrons.

The table below shows the properties of these subatomic particles.

Proton Neutron Electron

Actual mass 1.673 x 10“ 27 kg 1.675 x 10“ 27 kg 9.109 x 10-31 kg
Relative mass 1 1 1/1840
Charge +1.602 x И Г 19 С 0 -1.602 x 10"19 С
Relative charge +1 0 -1
Location within atom in the nucleus in the nucleus around the nucleus

Protons and neutrons are collectively known as nucleons. The nucleons 
reside in the small nucleus of the atom whereas the electrons revolve around 
it in a “vast” empty space. The size of an atom is easily more than 10,000 
times that of the nucleus. Yet, it is the nucleus that accounts for most of 
the mass of an atom since the mass of the electron is negligible as compared 
to the mass of the protons and neutrons.

An atom is electrically neutral and contains equal numbers of electrons 
and protons.

1.1.1 Behaviour in an electric field/m agnetic field

The behaviour of particles in an electric field depends on their mass and 
charge. Like charges repel while unlike charges attract. Hence, a beam of 
charged particles passing through an electric field is deflected.

Since neutrons are neutral, they are not deflected but travel in a straight 
path perpendicular to the direction of the electric field.

1
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When a beam of protons passes through an electric field, the positivel}^^ 
charged particles are deflected towards the negative plate.

As for a beam of negatively charged electrons, these are deflected tow ards** 
the positive plate and to a greater extent since they are much lighter t h a i* =  
protons.

I ...........-> p
beam o f --------------------------------------------------------■>> p
particles | '“s

-+^ e -
electric field

The amount of deviation from its original direction of movement is known 
as the angle of deflection. The angle of deflection в can be expressed by:

r i n . chargeangle of deflection oc ---------.mass

Another way to measure the amount of deviation is to use the radius 
of deflection:

. , n massradius of deflection oc —-------.charge

This is possible if we imagine that after deflection the particle moves m 
a circular path. Hence, the factors affecting the radius of deflection are 
reciprocal to that for the angle of deflection.

Q: Why is the angle of deflection directly proportional to the charge of the 
particle?

A: The greater the charge of the particle, the greater is the attractive force 
exerted on it from the oppositely charged plate, and the greater is the 
deviation from its original direction of motion.

Q: Why is the angle of deflection inversely proportional to the mass of the 
particle?
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A: If two particles are moving at the same speed but one is more massive 
than the other, the heavier particle has a greater kinetic energy. Thus, 
more energy must be exerted on the heavier particle to cause it to deflect. 
Since the applied electric field is exerting the same amount of force on 
these two different particles with different masses, the heavier particle 
is deflected to a lesser extent.

The figure below shows how a beam containing protons (}H+), deuterons 
(?H+) and protiums (}H) is affected when passing through an electric field.

I
beam  of — ------- - л - Г г г . ' Ш .............. - - > 1H
particles I 1

+
electric field

Being positively charged, both the protons and deuterons will deflect 
towards the negatively charged plate.

However, the angle of deflection for the deuterons will be half that for 
the protons since a deuteron has twice the mass of a proton.

1H+ has a charge/mass ratio of 1/1 while 2H+ has a charge/mass ratio 
of 1/ 2.

As for the neutral hydrogen atoms, they will not be deflected but travel 
in a straight path perpendicular to the electric field.

1.1.2 Isotopes

Isotopes are atoms of the same element that have different masses due 
to the presence of different numbers of neutrons. An example is the 
deuterium (fH) and the protium (}H) isotopes. The latter is loosely called 
the hydrogen atom.

Isotopes usually have the same chemical properties since they have the 
same number of protons and hence the same number of electrons. However, 
their physical properties differ since they have different numbers of neutrons 
and hence different masses.

For instance, molecules of 35Ch and 37Ch undergo the same chemical 
reactions but pure 35 Cb will have a lower density, melting point and boiling 
point than 37Cl2 (refer to Chap. 2 for an explanation of these differences).
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Q: Why do isotopes react similarly?
A : This is because in a chemical reaction, it is the electrons that are trails—  

ferred between different atoms; atoms either gain, lose or share electrons—  
The nucleus remains intact.

To distinguish among the isotopes present, a classification system ha^— 
been devised. In this system, the nuclide of an element is represented—  
by three notations:

• The atomic symbol (X ) represents each element in the periodic table.
• Atom ic num ber/Proton  number (Z) is the number of protons in 

the nucleus.
• Mass num ber/N ucleon number (A) is the sum of protons and 

neutrons in the nucleus.

Q: What is the meaning of this symbol: s 0 2“ ?
A: This represents an oxide ion. The subscript on the left is the atomic 

number whereas the superscript on the right indicates the extra electrons 
oxygen has acquired. For this sO2- species, the number of protons (8 ) 
is not equal to the number of electrons (10). The number of electrons is 
the same as the number of protons for a neutral atom only.

Q: What is the meaning of this symbol: O22 -?
A: This represents a peroxide ion. The subscript 011 the bottom right 

indicates that there are two oxygen atoms in this species covalently 
bonded to each other. The superscript indicates the extra electrons 
this species has acquired.

1.1.3 Relative masses o f  an element

The mass of an atom is very small, ranging from 10-24 to 10-22 grains. 
Chemists use a relative atomic mass scale to compare the masses of different 
atoms. Initially, protium (1H) was used as the atom for comparison as its 
nucleus only consists of one proton.

In 1961, the carbon-12 atom was adopted by the International Union of 
Pure and Applied Chemistry (IUPAC) as the reference standard for rela
tive atomic masses. On the carbon- 12 scale, an atom of the isotope 12 С is 
assigned a mass value of 12 atomic mass units (a.m.u.). The relative masses 
of all other atoms are obtained by comparison with 1/12 of the mass of a
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carbon- 12 atom. Thus, the relative atomic mass of an atom is a dimension- 
less quantity (without physical units).

Term Definition Rem arks

Relative 
isotopic mass

mass of one atom of the isotope 
of an element relative to 1/12 
of the mass of one atom of 12C

• Dimension less.
• It is actually similar to mass number 

since the bulk mass of an atom results 
from its massive nucleus. The 
electrons have negligible mass.

• It is a whole number.
• It can be determined using mass 

spectrometry.

Relative atomic 
mass (Лг)

average mass of one atom of the 
element relative to 1/12 of the 
mass of one atom of 12C

• Dimensionless.
• This quantity has taken into 

consideration the composition of 
various isotopes present in an element. 
It is usually not a whole number.

Relative 
molecular 
mass (M r)

average mass of one molecule of 
the substance relative to 1/12 
of the mass of one atom of 12 С

• Dimensionless.
• It is equal to the sum of the AT of the 

atoms shown in the molecular 
formula.

Relative 
formula mass
(Mr)

average mass of one formula unit 
of the substance relative to 
1/12 of the mass of one atom 
of 12C

• Dimensionless.
• A formula unit is the smallest 

collection of atoms from which the 
formula of an ionic compound can be 
established. It is equal to the sum of 
the Ar of the atoms shown in the 
formula unit.

Example 1.1: Determine the AT of chlorine given that there exist two iso
topes, 35C1 and 37C1, with percentage isotopic abundance 75% and 25%, 
respectively.

Solution: Since Ar is a weighted average, one has to take into consideration 
the relative amount of each isotope. The following shows how to calculate a 
weighted average:

, г , ,  • 75(35)+25(37) oc c 
r of chlonne =  (75 + 25) =  35'5'

Q: It seems that the relative isotopic mass is a whole number. Is it really so? 
A: The word “relative” means that the value obtained is measured with 

respect to something else; hence, this number has no physical unit. In 
this case, the relative isotopic mass of an isotope is the mass measured 
with respect to 1/12 of the mass of a 12C atom, which has a value of
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1 unit (1/12  x 12). As the mass of an atom arises mainly from the 
nucleus and since the total number of nucleons in 35 Cl is 35, the relative 
isotopic mass seems to have a value of 35 too. But in reality, the actual 
relative isotopic mass is less than the mass of all nucleons added up. This 
phenomenon is known as mass defect. The difference in the masses, 
which is less than 1% and arise because part of the mass has been 
converted into binding energy according to E =  me2, is necessary to 
hold the nucleons together in the nucleus.

1.2 Orbitals and Quantum Numbers
1.2.1 The nature o f  electron

Electrons are negatively charged particles and thus they cannot crowd 
together at the same point in space. They need to spread themselves out 
to minimise interelectronic repulsion (like charges repel) by moving about. 
As a result, the electrons in an atom revolve round the nucleus, occupy
ing space from near the nucleus to much further away. In effect, the large 
size of an atom arises solely because of the huge space occupied by the 
electrons.

When scientists studied the atoms of various types of elements, they 
found out that each of the electrons in an atom occupied a specific region in 
space known as an atomic orbital. The atomic orbital is a region of space 
from near the nucleus to a certain distance away. In the atomic orbital, one 
has ал approximately 90 percent chance of finding the electron there. Do 
not forget that an electron is not stationary but constantly moving around!

Through some mathematical calculations using Quantum Mechanics, sci
entists created a scientific model to give a unique identity to each and every 
single electron in the atom. This identity is characterised by four num
bers known as quantum numbers, namely, the Principal Quantum Number 
(n), the Angular Momentum Quantum Number (/), the Magnetic Quantum 
Number {mi), and the Spin Quantum Number (ras). No two electrons in 
the same atom have exactly the same set of four quantum numbers.

Due to this unique occupancy in space, each electron has a specific 
amount of energy, and we say that the energy is quantised. Thus, the four 
quantum numbers can be used to represent a specific energy level that an 
electron might have.

The importance of the principal quantum number is that it indicates the 
average distance of the orbitals from the nucleus, and hence the amount of 
attractive force the nucleus is exerting on the electron residing in the atom. 
The value of n takes on integers starting from 1, 2, 3 and so forth.
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An electron in the n =  1 principal quantum shell is the closest to the 
nucleus, and is thus most strongly attracted and has the least energy. In 
other words, the greater the value of n, the further the electrons are 
from the nucleus, and the greater is the energy of the electrons.

Q: Why does the energy of an electron increase as we move away from the 
nucleus?

A: By convention, when an electron is “free” , that is, not subjected to any 
other electrostatic interactive forces (attractive or repulsive), it has an 
assigned energy value of zero. This is when the electron is “infinitely 
far” from the nucleus. But now if you want to bring an electron from 
n =  1 principal quantum shell to infinity, you have to do work against 
the attractive force of the nucleus; you have to “break” the “bond” 
between the electron and the nucleus. Breaking bonds requires energy. 
The energy that you expend while doing work is gained by this elec
tron (energy is conserved from the Law of Conservation of Energy) and 
hence its energy increases. When an electron moves from infinity and 
is attracted by the nucleus, a “bond” is formed, and energy will be 
released. The following diagram helps to explain.

ДЕ1 Д e2

«1

At an infinite distance from the nucleus, the energy of a free electron is 
zero, i.e., -̂ infinity = 0*

n =  2 has an energy level £ 2, which by convention is a negative value. 
For example, —300kJmol_1.

n = 1 has an energy level E\y which by convention is a negative value. 
For example, —500kJmol_1.

Energy of Electron 1, e\ < Energy of Electron 2, e2- 
Energy to remove ei, A £ i =  £fmai _  înitial =  0 — E\ =  — E\.
Energy to remove 62, A £2 =  £fmai — initial =  0 -  £2 =  —Eo-

Since AEo < A E\, we say that more energy is absorbed by Electron 1 
them by Electron 2 in order to reach the same infinite distance from
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the nucleus. Therefore, Electron 1 must be at a lower energy level than 
Electron 2. Such a consideration is important in order to be in line 
with the concept that when energy is being absorbed, it is a positive 
quantity. This corresponds with work being done against an opposing 
force and in this case, bond breaking. In contrast, the release of energy 
is a negative quantity, corresponding to the formation of a bond. This 
also explains why, by convention, scientists assign a negative sign to the 
energy possessed by an electron in an atom.

Each principal quantum shell comprises of subshell(s). A subshell is a 
group of orbitals with the same energy level but different orientation 
in space. These subshells are represented by the letters s, p, d, and / .  Each 
of these subshells contains specific numbers of such orbitals, each of which 
can only accommodate a maximum of two electrons.

• The s subshell comprises ONE s-orbital; the p subshell comprises THREE 
p-orbitals; the d subshell comprises FIVE d-orbitals; and the /  subshell 
comprises SEVEN /-orbitals.

• The number and type of subshells possible is in turn limited by the princi
pal quantum shell number. When n =  1, only the Is subshell is possible. 
When n =  2 , there are two types of subshells, namely the 2s and 2p 
subshells. When n =  3, there are the 3s, 3p and 3d subshells.

When we piece all the information together, we end up with a pattern as 
shown in Table 1.1.

From Table 1.1, it can be shown that in the nth principal quantum shell, 
there are n subshells consisting of n2 orbitals with a maximum number of 
2n2 electrons.

T a b le  1.1 P a tte rn  o f  S hells

S h e ll /P r in c ip a l T y p e  o f N u m b e r  o f N u m b e r  o f M a x im u m  n u m b e r
Q u a n tu m  N o . (n ) Su bsh ells O rb ita ls E le ctro n s o f  E le c tro n s

1 Is 1 2 2
2 2s 1 2 8

2 p 3 6
3 3s 1 2

3 p 3 6 18
3d 5 10

4 4s 1 2
4 p 3 6
4 d 5 10 32
4 / 7 14
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The diagram below is a schematic representation of the energy lev
els, indicating the relative energies of the various orbitals. Generally, for 
the same value of n, the relative energies of the orbitals increase in the 
following order: s <  p <  d < f .

Increasing
energy

n =  4

n = 3

4p
3d

3p

3s

4Px 4py 4p2
Эйду 3dy2 Збд

4s

3p, 3py 3pz

3s

2p

n_=2
2s

2px 2pv 2pz

2s

n =  1 1s 1s

Shells Subshells Orbitals

Q: Why does the 4s subshell have a lower energy than the 3d subshell given 
that the n =  4 principal quantum shell should have a higher energy than 
the n =  3 principal quantum shell?

A: n =  4 should have a higher energy than n = 3. But the s subshell 
has a relatively lower energy than the d subshell for the same princi
pal quantum shell. These two factors counteract each other, resulting 
in the 4s subshell having a lower energy than the 3d subshell. The 
same explanation accounts for the relative energies of the 5s and 4d 
subshells.

Q: Does that mean that the 4s subshell is now closer to the nucleus than 
the Ы subshell?

A: No. On average, the n =  4 principal quantum shell is still further away 
from the nucleus than n =  3. So although the energy of the 4s subshell 
is lower than the 3d subshell, it does not imply that the distances have 
changed. Remember that a principal quantum shell is actually a band, 
not a single discrete line.
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1.2.2 Shapes o f orbitals

Instead of representing orbitals as an electron map showing the electron
density, we make use of geometrical shapes to denote the orbitals.

• s orbitals:

о These are spherical, where the spherical surface indicates the region 
where there is a 90% probability of locating an electron.

• p orbitals: 

о These are shaped like “dumb-bells” .
о A set of three degenerate (same energy) p orbitals make up the p 

subshell.
о These three orbitals differ only in their spatial arrangements, being 

mutually perpendicular to each other as shown in the diagram, 
о Each p orbital is approximately one-third the size of the s orbital in the 

same principal quantum shell, which means that three p orbitals have 
the same volume as an s orbital.

z z t

У

Pz

• d orbitals:

о These are shaped like a “four-petal flower” .
о A set of five degenerate d orbitals make up a d subshell. Each d orbital 

is about 20% the size of an s orbital.
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2 2 z

d^

For a particular type of orbital, when the value of n increases, the 
orbitals become more diffused. What do we mean by this? Taking the 
s orbitals for instance, all s orbitals axe spherical but they get larger as 
the value of n increases. With a 2s orbital larger than a Is orbital, the 
probability of finding an electron in a 2s orbital is spread across a greater 
region, and thus this electron is less strongly attracted by the nucleus as 
compared to one in the Is orbital. As we view the electron as a negatively 
charged cloud, this means a lower charge density and hence a more diffuse 
orbital.

Thus far, there are four important points to understand:

(i) The greater the principal quantum number, the higher the energy of the 
electron, and hence the less the amount of energy required to remove 
it (a process known as ionisation).

(ii) Different subshells have different energy levels, i.e., s <  p <  d <  f . 
Hence, more energy is required to remove an electron from the s sub
shell at a lower energy level (slightly closer to the nucleus) than from 
the p subshell.

(iii) Within the same subshell, the orbitals have the same energy. We say 
that they are degenerate.

(iv) For increasing n values, orbitals of the same subshell type occupy a 
bigger region of space, and are thus more diffuse. This is important as 
we will use it for understanding the strength of the covalent bond in 
Chap. 2.
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1.3 Electronic Configurations

The electronic configuration represents the electronic structure of an atom. 
It refers to the way in which the electrons are distributed among the various 
orbitals.

There are two common notations for writing electronic configurations:

(i) spdf notation (e.g., for 7N, it is written as ls22s22p3) or
(ii) orbital-as-box diagram, e.g., for 7N, orbitals are represented by boxes 

and each electron is represented by a half-headed arrow:

а в шш
1 j  2s  2 p

Q: Why do we need to know the electronic configuration of an element? 
A: Knowing the correct electronic configuration enables us to know which 

electron is to be removed and which orbital it resides in. This is impor
tant as the removal of different electrons from different orbitals requires 
different amounts of energy.

1.3.1 Rules used in working out electronic configuration

(i) Place electrons into orbitals, starting with those of the lowest energy 
(nearest to the nucleus) and then working outwards. This is known as 
the Aufbau Principle.

As shown in the diagram below, the order progresses as Is2s2p3s 
3p4s3<24p, and so forth.

When the electrons in an atom occupy orbitals of lowest available 
energy, the atom is said to be in its ground state.
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When an electron is promoted to an orbital of a higher energy level, 
the atom is unstable and is said to be in an excited state.

(ii) Each orbital can only contain a maximum of two electrons of opposite 
spins. This is known as the Pauli Exclusion Principle.

Ш а И н

Q: What is electron spin?
A: You can imagine an electron like Earth, rotating on a particular axis.

Q: Why can’t two electrons in the same orbital have the same spin?
A: When an electron spins, this spinning charged particle creates a mag

netic field. If two electrons spin in the same direction, the magnetic 
field created would be repulsive and the energy level of these two elec
trons would be higher as compared to if they spin in opposite directions 
to create an attractive magnetic field. An analogy can be used here: 
picture a spinning electron as moving in one particular direction. Two 
such spinning electrons will be moving in opposite directions and the 
chances of them “meeting” will be lower. This results in lesser inter- 
electronic repulsion.

(iii) When filling a set of degenerate orbitals (orbitals in the same subshell 
and of the same energy), ensure that each orbital is half full before 
completely filling any one. This is known as Hund’s Rule of Multiplicity.

irrrm  m n
pi 0  p3 S

Q: Why do we need to first place electrons in empty orbitals of the same 
subshell before pairing them in an orbital?

A: Electrons repel each other. By occupying different orbitals, the elec
trons remain as fax apart as possible from one another, thus minimising 
electron-electron repulsion. Note that each orbital represents a partic
ular region of space, and hence two different orbitals are two different 
regions of space separated from each other. Take for instance the three 
p orbitals in a p subshell: each is oriented perpendicularly from one 
another, occupying different regions in space.

Example 1.2: State the electronic configuration of an gO atom. Sketch, 
on the given axes, the shapes of all the orbitals that are occupied by 
electrons.
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г

Solution: The electronic configuration of sO atom: ls22s22p4

z

Example 1.3: State the electronic configuration of the 25МП atom. Sketch 
an energy level diagram to illustrate its electronic configuration.

Solution: The electronic configuration of 25МП: ls22s22p63s23p63d54s2
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1.3.2 Electronic configuration o f transition elements

Q: Why is the electronic configuration of 25МП not ls22s22p63s23p63d7? 
A: The 4s orbital is filled first before the 3d orbitals. This is because the 

4s orbital has a lower energy level as compared to the 3cl orbitals.

Q: If 4s orbital is filled before the 3d orbital, why is the electronic configu
ration of 25МП not written as ls22s22p63s23p64s23d5?

A: The electronic configuration is always written in the order of increasing 
Principal Quantum Number. This also indicates the order of increasing 
energy level of the various subshells.

Example 1.4: State the electronic configuration of 2бМп2+. How many 
unpaired electrons does it have?

Solution: 2бМп2+ has the electronic configuration of ls22s22p63s23p63d5 
and thus it has five unpaired electrons.

It is wrong to write it as ls22s22p63s23p63d34s2. К 
When an atom of a transition element undergoes ionisation, forming a 

cation, the 4s electrons are removed first before the 3d electrons. This is 
because the 3d subshell is closer to the nucleus. Once the 3d subshell is 
occupied by electrons, they repel the 4s electrons further from the nucleus 
and cause the latter to be at a higher energy level.

Exercise: Write down the electronic configurations of the following species:
(a )15P3- ,  ( b )MK+ (c) 22Ti2+, and (d) 24Cr.

Solution:

(a) 15P3- :  ls22s22p63s23p6,
(b) 19K+: ls22s22p63s23p6,
(c) 22Ti2+: ls22s22p63s23p63d2, and
(d) 24Cr: ls22s22p63s23p63d54s1.

Approach:
(i) First, write down the electronic configurations for the neutral atom.
(ii) Remember to add electrons to the 4s orbital before the 3d orbitals.

(iii) Remove or add the relevant number of electrons to the electronic con
figuration of the neutral atom to get that of the cation or anion.
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(iv) Remember to remove electrons from the orbitals with the highest 
energy. Thus, remove electrons from the 4s orbital before the 3d 
orbitals.
15P3- and 19К"l’ are an example of a pair of isoelectronic species.
Isoelectronic: species containing the same number of electrons 
Isotopic: species containing the same number of protons 
Isotonic: species containing the same number of neutrons

Q: Do isoelectronic species have the same electronic configuration?
A: Not necessary. Take for instance, Fe2+ (24 electrons) and Cr (24 elec

trons) are isoelectronic but their electronic configuration are not the 
same.

1.3.3 Anomalous electronic configurations

Apparently, electronic configurations with half-filled or fully filled 3d sub
shells are unusually stable due to the symmetrical distribution of charge 
around the nucleus. The electronic configuration of 24Cr is ls22s22p63s2 
3p63d54s1 and that of 29CU is ls22s22p63s23p63d104s1.

More detailed explanation about the writing of electronic configurations 
for transition elements is covered in Chap. 11.

Q: Why is symmetrical distribution of similar charge preferred?
A: If similar charges are distributed symmetrically, this means that all 

charges are spread out evenly and as far apart as possible. Such a situ
ation results in a similar amount of electrostatic repulsion at each point 
in space. Consequently, such a state has lower energy as compared to a 
state of asymmetrical distribution.

1.4 Ionisation Energies

Ionisation involves the removal of electron(s), forming a cation.
As electrons, being negatively charged, are naturally attracted to the 

positively charged nucleus, their removal requires energy. Thus, ionisation 
energies are positive values, indicating energy is absorbed during ionisation.

• First ionisation energy (1st I.E.) is the energy required to remove 
one mole o f electrons from one mole o f gaseous atoms in the 
ground state to form one mole of gaseous singly charged cations. For 
example,

Ca(g) -* Ca+(g) +  e~, A H  =  1st I.E. =  +590kJ mol"1.
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Q: Why must the atom be in the gaseous state?
A: When we carry out ionisation, the species must be gaseous atoms. In the 

gaseous state, atoms have very minimal interactions with one another. 
Thus, the energy input would solely be responsible for removing the 
electron and not for overcoming other types of bond. Remember that 
the gaseous state symbol is very important here.

• The second ionisation energy (2nd I.E.) is the energy required to remove 
one mole o f electrons from one mole of gaseous singly charged 
cations to form one mole of gaseous doubly charged cations.

Ca+(g) -  Ca2+(g) + e” , A H  =  2ndI.E. =  +1150k jгпоГ1.

1.4.1 Factors influencing the magnitude o f ionisation 
energies

The magnitude of ionisation energy serves as a measure of the strength 
of attraction between the positively charged nucleus (due to the protons 
present) and the valence electron that is to be removed.

The ionisation energy of an atom or ion is mainly influenced by the 
following factors:

(i) the effective nuclear charge acting on the electron,
(ii) interelectronic repulsion between electrons in the same orbital,

(iii) the orbital where the electron comes from,
(iv) the distance between the nucleus and the electron to be removed, and
(v) the charge of the cation.

Q: What is a valence electron?
A: Valence refers to the outermost. Thus, a valence electron “sits” in the 

outermost principal quantum shell and is furthest from the nucleus. 
The principal quantum number for the valence shell corresponds to the 
period number of the element. All other principal quantum shells of 
electrons before the valence principal quantum shell are known as the 
inner core electrons.

1.4.1.1 The effective nuclear charge acting on the electron

An electron in the atom faces two main electrostatic forces, namely, the 
attractive force exerted by the nucleus and the repulsive force o f 
electrons closer than itself to the nucleus. This repulsive focce^tetmed 
“screening effect” or “shielding effect” as it seems to
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from being attracted by the nucleus. The repulsive force caused by electrons 
from the same principal quantum shell is usually ignored as its effect is quite 
minimal; electrons in the same shell exert a negligible shielding effect on one 
another since they hardly come between each other and the nucleus.

Thus, one can see that the net attractive force on a valence electron is 
actually less than the number of protons in the nucleus. This net attractive 
force is termed the effective nuclear charge (ENC) and it can be approxi
mated by:

ENC «  Nuclear charge — Number of inner core electrons.
For example:

Element
Nuclear charge 

(N o. o f  P rotons)
N o. o f  Inner Shell 

E lectrons
Effective (N et) N uclear 

Charge

Mg +12 10 +2
P +  15 10 +5
Cl +17 10 +7

The greater the ENC, the greater the amount of energy needed to remove 
the electron(s), i.e., ionisation energy will increase, which means that a 
valence electron is easier to be removed than an inner core electron. And 
very importantly, ENC increases across a period o f elements.

Q: What is the ENC on each of the valence electrons of an oxygen atom? 
A: The electronic configuration of an О atom is ls22s22p4. The nuclear 

charge consists of eight protons and the number of inner core electrons 
is two (since there is only one Principal Quantum Shell of electrons 
before the n =  2 valence shell); therefore, the ENC is « 6.

Q: Does that mean that each of the six valence electrons is attracted by 
1/6 of the ENC, which is one proton?

A: No. Each of the six valence electrons is attracted by six protons. This is 
because the six valence electrons are moving around the nucleus within 
the same distance from the nucleus and the nucleus is considered a point 
charge. Therefore, the ENC is the same on each of the valence electrons.

Q: Does that mean that the ENC on each of the two Is electrons is equiv
alent to eight protons?

A: Yes. There are no other inner core electrons before the n =  1 Principal 
Quantum Shell; therefore, there is no shielding effect. The ENC on each 
of the electrons in the n =  1 subshell is the same, i.e., equivalent to eight 
protons.
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1.4.1.2 Interelectronic repulsion between electrons in the same 
orbital

Ionisation energy can be lowered if the electron is being removed from an 
orbital that contains another electron as compared to the case where the 
orbital contains a singly unpaired electron.

For instance, the 1st I.E. of oxygen (1310 kJmol-1 ) is lower than that 
of nitrogen (1400 кJ mol-1 ) because the interelectronic repulsion makes the 
removal of one of the paired electrons easier.

7N: \s12s12pi 80: \sz2s22pA

S S EEED II S FflTTTI
Is 2s 2p Is 2s 2p

This interelectronic repulsion factor can be used to account for the lower 
than expected I.E. of a species with the n^np4 valence shell electronic con
figuration compared to another with the n^np3 valence shell electronic con
figuration.

However, it cannot be used to account for the difference in I.E. between 
atoms or ions of the ns1 versus the ns2 valence shell electronic configuration. 
For instance, beryllium (ls22s2) has higher 1st I.E. than lithium (ls22s! ) 
because of its higher effective nuclear charge. Although the interelectronic 
repulsion between the 2s electrons of Be does make the removal of one of 
the paired electrons easier ^ал the removal of the valence electron in Li, 
the ENC effect far outweighs the interelectronic repulsion effect!

Q: The ENC of an О atom is greater than the N atom. So shouldn’t this 
cause the О atom to have a higher 1st I.E.?

A: Yes, the ENC of the О atom is greater than the N atom and this should 
cause it to have a higher 1st I.E. But experimentally, it has been found 
that the О atom has a lower 1st I.E than what was expected. There 
must be some other factors that have yet to be considered. The only 
reason we can use to explain the data collected would be to employ the 
interelectronic repulsion factor. As shown here, there is the interplay 
of two opposing factors but it seems that interelectronic repulsion is a 
more dominant factor than ENC.

Q: Why is the domineering effect of the interelectronic repulsion over the 
ENC factor observed in the oxygen versus nitrogen case but not in the 
beryllium-lithium scenario?

A: Remember that we mentioned before that a p orbital is one-third the size 
of an s orbital from the same principal quantum shell? Thus, because
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of this difference in size, interelectronic repulsion is more prominent in 
a p orbital than in the much bigger s orbital.

1.4.1.3 The orbital where the electron comes from

The orbital where the electron comes from also affects the ionisation energy.
For instance, the 1st I.E. of boron (799kJmol-1 ) is lower than that of 

beryllium (ЭООкЛтоГ1) because the electron that is being removed from 
the boron atom comes from a 2p subshell that is at a higher energy level 
than the 2s subshell which requires less energy to be removed.

4Be: Is2!*2 5B: 1 ?2^2р1

a a n n  a a irrn
Is 2s 2p Is 2s 2p

This factor can be used to account for the lower than expected I.E. of a 
species with the ns^np1 valence shell electronic configuration compared to 
another with the ns2 valence shell electronic configuration.

Q: The ENC of a В atom is higher than that of a Be atom but there is 
interelectronic repulsion faced by the electrons in the 2s subshell of Be. 
Are these two factors less dominant than the “difference in energy level” 
factor?

A: Yes. Based on the ENC factor, В is expected to have a higher 1st I.E. 
than Be. But this does not agree with experimental data. If we are to 
consider the interelectronic repulsion factor, Be should have a lower 1st
I.E., but observed data prove otherwise. Hence, the only factor that can 
be used to account for the observed experimental data is that the 2p 
electron is at a higher energy level than the 2s electron.

1.4.1.4 Distance between the nucleus and the electron 
to be removed

The further an electron is from the nucleus, the weaker is its attraction to 
the positively charged nucleus. Consequently, it is easier to be removed and 
less energy is required to do so. This factor is used to account for the trend 
in I.E. down a group of elements.

Thus, we expect less energy is required to remove an electron from a 
higher principal quantum shell (n increases down a group) as it is further 
away from the nucleus.
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Q: Why is the attractive force weaker the further an electron is from the 
nucleus?

A: The electrostatic force (F ) between the nucleus and electron can be 
approximated to F  oc 1/ r 2, where r is the distance of separation between 
the charges. Thus, as r increases, the strength of the electrostatic force 
decreases drastically.

1.4.1.5 The charge of the cation

The removal of an electron from a +2  cation is greater than from a +1 
cation, and so forth for the same element. For instance, the 2nd I.E. of Ca is 
greater than its 1st I.E.. This is because when we remove the second electron 
from a Ca+ (g) species, the total number of electrons in Ca+ (g) is fewer than 
in Ca(g). But both Ca(g) and Ca+(g) still have the same nuclear charge. 
The interelectronic repulsion of the electron cloud in Ca+(g) is less than 
that of Ca(g), resulting in a stronger net attractive force for the electrons 
in Ca+(g), and thus higher I.E. The same reason applies for the increase in 
consecutive ionisation energies of a given element.

For example:

Na(g) —> Na+(g) + e_ 1st I.E. =  +494 kJ mol-1 

Na+(g) —> Na2+(g) +  e-  2nd I.E. =  +4560 kJ mol-1 

Na2+(g) -> Na3+ (g) +  e~ 3rd I.E. =  +6940 kJ mol" 1 

Na3+(g) -  Na4+(g) +  e" 4thI.E. =  +9540kJ mol"1.

Thus, we can make use of successive I.E. values to deduce information 
regarding the number of valence electrons an element has. This number 
of valence electrons corresponds to the group number of the element in the 
periodic table.

Example: The first four successive I.E.s (in kJ mol-1 ) of element W  axe as 
follows: 577; 1820; 2740; 11,600.

Determine which group of the periodic table element W  belongs to.

Solution: W belongs to Group 3.
A big jump in energy is seen between the 3rd and 4th I.E. This implies 

that the fourth electron to be removed belongs to a principal quantum shell 
that has a lower energy than the one that the valence electrons occupied. 
Therefore, there are only three electrons in the valence shell of W.
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Approach:

(i) Tabulate the differences between successive ionisation energies.
(ii) To determine the group to which W  belongs, we must determine the 

number of valence electrons. The point where a big jump in I.E. occurs 
indicates the removal of successive electrons from an inner principal 
quantum shell.

Exercise: The first seven successive I.E.s (in kJ mol-1) of element X  are
as follows: 1010; 1905; 2910; 4965; 6275; 21,270; 25,430.

Which group of the periodic table does element X  belong to?
(Answer: Element X  belongs to Group 5.)

1.5 Periodic Table: Trend in Ionisation Energy
We will now apply the factors that influence ionisation energies to account 
for Periodic Table trends across the period and down the group.

The graph shows the trend in 1st I.E. across Period 2.

• In general, 1st I.E. increases across a period.
• Prom Li to Ne, nuclear charge increases but the 

shielding effect is relatively constant since the num
ber of inner core electrons is the same across a 
period.

Overall, effective nuclear charge increases, resulting in electrons being 
pulled closer towards the nucleus. It becomes increasingly difficult to

(i) effective nuclear 
charge acting on the 
electron
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remove the valence electron, i.e., more energy is required, and thus 1st I.E. 
increases.

If we go by the general trend of increasing I.E. across the period, we 
would expect the 1st. I.E. of В to be higher than that of Be, and likewise, 
the 1st I.E. of О to be higher than that of N. However, experimental data 
concluded that this is not the case.

• В has a lower 1st I.E. than Be since less energy 
is needed to remove its 2p electron, which is at a 
higher energy level (further away from the nucleus) 
than the 2s electron of Be.

• О has a lower 1st I.E. than N as less energy is 
required to remove one of the paired 2p elec
trons since there is interelectronic repulsion 
between these electrons in the same orbital.

• In general, ionisation energy decreases down any group.
• Na has a lower 1st I.E. than Li as less energy 

is required to remove a 3s electron in Na, 
which is further away from the nucleus than 
a 2s electron in Li.

As we move down a group, nuclear charge increases but electrons are 
being added to a higher principal quantum shell which is further away from 
the nucleus. This results in the valence electrons experiencing weaker attrac
tive force, and they are consequently easier to be removed.

What is wrong with the following explanation?
“Across a period, the atomic radius decreases so the distance between the 
nucleus and the valence electron decreases. The electron to be removed is 
thus more tightly held and it is increasingly more difficult to remove it. 
Hence, 1st I.E. increases” .

Answer:
Both atomic radius and ionisation energy are phenomena that are accounted 
for by a similar fundamental reason, which is the ENC factor. Thus, you 
cannot use one property to explain the other.

In fact, we will apply the same ENC factor that influences ionisation 
energies to account for trends in atomic radii across the period. As for down 
the group, we would use the distance from the nucleus factor to account for 
both the trend of decreasing I.E. and increasing in atomic sizes.

(iv) the distance between the 
nucleus and the electron to be 
removed.

(iii) Interelectronic repulsion 
between electrons in the same 
orbital

(ii) orbital where the 
electron comes from
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1.6 Periodic Table: Trend in Atomic Radii

Atoms have no definite outer boundary and thus no definite circumference 
unlike a solid spherical object such as a bowling ball. Nonetheless, the size 
of an atom can be estimated by using the atomic radius which describes the 
distance from the nucleus to the outermost energy level.

O O O O o o o o
Period 2 Li Be В С N О F Ne 
Atomic 152 112 88 77 70 66 64 70 
Radii (pm)

Group 1 
Atomic Radii (pm)

Li 152 •
Na 186 •
К 227 •
Rb 248 О
Cs 265 О
Fr 270 о

• In general, atomic radius decreases across a period.
• From Li to Ne, nuclear charge increases but the shielding effect is relatively 

constant since the number of inner core electrons is the same across a 
period. Overall, effective nuclear charge increases, resulting in electrons 
being pulled closer towards the nucleus. Thus, atomic radius decreases.

• In general, atomic radius increases down a group.
• As we move down a group, nuclear charge increases but electrons are 

being added to a higher principal quantum shell which is further away 
from the nucleus. This results in the valence electrons experiencing weaker 
attractive force, which gives rise to greater atomic radius.

Thus far, there are five important points to understand:

(i) I.E. generally increases across a period because of greater ENC. This is 
due to the increase in nuclear charge but a relatively constant shielding 
effect as the number of inner core electrons is the same across a period.
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(ii) Elements from the same period may have different I.E. for the 
following reasons:
• ENC factor; e.g., a nitrogen atom has a higher I.E. than a carbon 

atom because a nitrogen atom has greater ENC.
• Interelectronic repulsion factor; e.g., an oxygen atom has a lower 

I.E. than a nitrogen atom due to interelectronic repulsion between 
its paired electrons in the same orbital.

• A p electron has higher energy than an 5 electron; e.g., a boron atom 
has lower I.E. than a beryllium atom.

(iii) I.E. decreases down a group because, although nuclear charge increases, 
electrons are being added to a higher principal quantum shell which is 
further away from the nucleus. This results in the valence electrons 
experiencing weaker attractive force, and are consequently easier to be 
removed.

(iv) Successive I.E.s of an element increases because the interelectronic 
repulsion, due to a decrease in the number of electrons, decreases and 
since nuclear charge remains the same, net attractive force increases.

(v) Both I.E. and atomic radius across a period or down a group can be 
accounted for by the ENC factor.

My Tutorial (Chapter 1)

1. Naturally occurring boron consists of two isotopes, 10B and n B, having 
abundances of 19.7% and 80.3%, respectively.
(a) Explain the terms isotope and relative isotopic mass.
(b) Calculate the relative atomic mass of naturally occurring boron.

2. (a) (i) Give the electronic configuration of an atom of the isotope of
calcium, 2o^a-

(ii) Give the names and numbers of each type of nucleon present in 
the isotope.

(iii) State one reason why the information in (a)(i) is usually more 
useful to chemists than that in (a)(ii).

(b) 2oCa is radioactive, decaying by giving off electrons. State and explain 
what would happen to the electrons if they were passed through an 
electric field.

(c) (i) For the following species, sketch a graph of ionic size against the
respective atomic numbers:

Na+, 0 2- ,S 2- ,P 3- ,F - ,C r .
(ii) Explain the trends shown in the graph sketched in part (c)(i).
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3. Given the first four ionization energies, in kJ mol of gallium and 
cobalt:

1st 2nd 3rd 4th

Gallium 577 1980 2960 6190
Cobalt 757 1640 3230 5100

(a) Provide an explanation for the increases in the successive ionization 
energies.

(b) With reference to the electronic configuration, explain why a discon
tinuity is present in gallium but not in cobalt.

(c) Naturally occurring gallium consists of two isotopes, 69Ga and '*Ga. 
Calculate the percentage abundance of each isotope.

4. Given the 1st I.E.s, in kJ mol-1 , of the elements lithium to neon:

Li Be В С N О F Ne

519 900 799 1090 1400 1310 1680 2080

(a) Give an equation representing the 1st I.E. of oxygen.
(b) (i) Explain why the 1st I.E. generally increases across the

period.
(ii) Explain the irregularities in trend of the 1st I.E. of В 

and O.
(c) An element W has successive ionization energies as follows:

786; 1580; 3230; 4360; 16,000; 20,000; 23,600; 29,100 kJ mol"1.

(i) Provide with an explanation which group in the periodic table 
element W belongs to.

(ii) Give the valence electronic configuration of an atom of W.
(iii) Suggest formulas for TWO chlorides of W.

5. The ionization energies of successive elements in the periodic table are 
shown in the next page:
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(a) Which two elements are in the same group?
(b) Which element has the largest atomic radius?
(c) Explain why the ionization energy of

(i) N is smaller than that of M;
(ii) О is greater than that of N;

(iii) P is greater than that of O;
(iv) P is greater than that of N;
(v) P is greater than that of Q;

(vi) R is greater than that of Q;
(vii) T is smaller than that of U.





CHAPTER 2

Chemical Bonding

Chemical bonds are electrostatic forces of attraction (positive charge 
attracting negative charge) that bind particles together to form matter. 
When different types of particles interact electrostatically, different types of 
chemical bonds are formed. There are four different types of conventional 
chemical bonds, namely, metallic, ionic, covalent and intermolecular forces.

2.1 Metallic Bonding
Within a metal, atoms partially lose their loosely bound valence electrons. 
These electrons are mobile and delocalised, not belonging to any one single 
atom and yet not completely lost from the lattice.

A metal can thus be viewed as a rigid lattice of positive ions surrounded 
by a sea of delocalised electrons. What holds the lattice together is the 
strong metallic bonding: the electrostatic attraction between the positive 
ions and the delocalised valence electrons.

Metallic bonds are strong and non-directional (so we do not talk about 
shape here).

29
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Л ° 7 1

F ig . 2 .1 . The copper atoms occupy the corners and the centre o f each face o f  a cube.

Since metallic bonding is the result of the interaction between the delo
calised electrons and the positive ion, the strength of a metallic bond 
depends on:

• The number of valence electrons available for bonding. (This factor is 
useful in explaining the increase in metallic bond strength across a period 
of metals).

• The size of the metal cation. (This factor is useful in explaining the 
decrease in metallic bond strength down a group of metals).

2 .1.1 Physical properties o f metals

2.1.1.1 Metals are malleable and ductile

These properties are related to the ability of the cations to move over one 
another without the breaking of metallic bonds.

0 .0 0 . 0  0 0 0 . 0  
55 000 .0  ^  0 .0.00

O'OO.O 0.00.0 
0 . 0 0 0  0 . 0 0 0  

F ig . 2 .2 . The arrangement of metal atoms (a) before and (b) after “slip” .

2.1.1.2 High melting and boiling points

These properties are related to the strong metallic bonding.
For instance, Mg and A1 have high melting points as a great amount 

of energy is needed to overcome the strong metallic bonds between the 
positively charged ions and the “sea of delocalised valence electrons” .
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The higher melting point of A1 (m.p. 660° C) compared to 
Mg (m.p. 650°C) is due to a greater number of delocalised electrons 
available for metallic bonding.

2.1.1.3 Good thermal and electrical conductivity

These properties are related to the presence of delocalised electrons in the 
metallic lattice.

For instance, Na, Mg and A1 are good conductors of electricity as there 
exist delocalised electrons that can act as mobile charge carriers when a 
potential difference is applied. Electrical conductivity increases from Na to 
A1 due to a greater number of delocalised electrons in the metallic 
structure.

2.2 Ionic Bonding (or Electrovalent Bonding)

Ionic compounds are generally formed between metals and non-metals. The 
metal atoms lose electrons from the outermost principal quantum shell, 
forming positively charged ions (cations) and the non-metal atoms receive 
these electrons, place them in the outermost principal quantum shell, form
ing negatively-charged ions (anions). The resultant electrostatic attraction 
between the cations and anions is known as the ionic bond. ( This is another 
case of positive charge attracting negative chargel)

Q: Why are electrons removed from or placed in the outermost principal 
quantum shell?

A: Electrons from the outermost principal quantum shell are the easiest to 
remove as compared to the inner core electrons as they are furthest away 
from the nucleus and less strongly attracted. In addition, the outermost 
shell is not fully filled; thus, it can accept additional electrons.

Q: How does the cation actually attract the anion? Is it the of the 
cation attracting the of the anion?

A: When we actually look at a cation or anion, it just looks like a spherical 
ball, like a neutral atom. You will not see a “+ ” sign on the cation nor a 

sign on the anion. When we talk about the ionic bond, it is actually 
the attractive force between the nucleus of the cation and the electron 
clouds of the anion, and vice versa. At the same time, there is repulsion 
between the electron clouds of the cation and anion, and also between 
the two nuclei. If the attractive force is greater than the repulsive force,
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there is a net attractive force that exists, and this net attractive force 
is the ionic bond that holds the two species together. For simplicity, we 
just say a cation attracts an anion.

— «—  Attractive force 

.  _з..  . Repulsive force

Cation Anion

Ionic compounds have crystalline lattices wherein the ions are arranged 
in an orderly manner and held in fixed positions by the strong ionic bonds. 
In the lattice of NaCl(s), each Na+ ion is surrounded by six Cl-  ions and 
each Cl-  ion, in turn, is surrounded by six Na+ ions as nearest neighbours. 
For metal complexes or crystal structures, the number of nearest neigh
bours (atoms, ions or molecules) around a central atom or ion is termed 
the coordination number. When used for describing simple ionic structures, 
the coordination number indicates the number of nearest oppositely charged 
ions around the ion of concern. Hence, both Na+ and Cl”  have coordina
tion numbers of six, that is, each ion is surrounded by six nearest ions that 
are oppositely charged. Another common lattice structure is exemplified 
by CsCl(s) wherein Cs+ and Cl”  have coordination numbers of eight; each 
Cs+ ion is surrounded by eight Cl“  ions and each Cl-  ion is surrounded by 
eight Cs+ ions.

О Na4

O c r

F ig . 2 .3 . Lattice structure of NaCl (left) and CsCl (right).

It must be noted that ionic bonds are not singular bonds that 
hold together just one cation and one anion. Ionic bonds are actually
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non-directional. Take NaCl(s) for example: each Na+ ion is equally attracted 
to the neighbouring Cl-  ions without preference for any Cl-  ion in 
particular.

Q: How do we determine the number of electrons to be gained or lost in 
forming ionic compounds?

A: We make use of the Octet Rule, which is an observational conclusion that 
“Atoms tend to lose, gain or share electrons until they are surrounded 
by eight valence electrons.”

The Octet Rule stems from the fact that all noble gases (except helium) have 
eight valence electrons. They have very stable electronic arrangements, as 
evidenced by their high ionisation energy, low affinity for additional elec
trons, and general lack of reactivity. However, one must note that there are 
many exceptions to the Octet Rule, which we will see in later sections. The 
Octet Rule should not be regarded as a driving force in explaining why ionic 
compounds are formed.

Apart from transition metals, Group 1 to 3 metals will lose the number 
of electrons corresponding to their group number. The non-metals will tend 
to gain the required number of electrons to make a total of eight electrons 
in the valence shell.

Take for instance NaCl(s), which is formed from its elements in the fol
lowing reaction:

2Na(s) +  Cl2(g) — ♦ 2NaCl(s).

In this reaction, the Na atom loses its one valence electron to form Na+, 
which has a stable octet configuration:

Na — > Na+ + e“  
ls ^ s ^ p ^ s 1 ls22s22p6

The Cl atom gains one electron to form Cl- , which also has a stable octet 
configuration:

Cl +  e-  —-> СГ 
ls22s22p63s23p5 ls22s22p63s23p6 

We can depict the electron transfer using the following dot-and-cross 
diagram:

” . Гм "1 Гл- .l  *  = valence electron of NaNax + :CI*  ̂ Na + „  •  = valence electron of Cl
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There axe other changes that occur in the reaction such as breaking of the 
Cl-Cl bond, but these will be covered in depth in Chap. 4 on Chemical 
Thermodynamics.

2 .2.1 Guidelines fo r  drawing dot-and-cross diagrams

These diagrams represent the valence shell electrons as dots or crosses. 
Inner-shell electrons axe not depicted since it is only the valence electrons 
that are responsible for bonding.

Let us examine how the dot-and-cross diagram for the following reaction 
is drawn:

• First of all, draw the valence electrons around each atomic symbol for 
the atoms A1 and 0. The number of valence electrons is essentially the 
group number on the periodic table. Use “ x ” and to differentiate the 
electrons from each element.

• Take note that the metal atom loses all its valence electrons easily to form 
a cation. Thus, the dot-and-cross diagram for the cation should show no 
valence electrons but the atomic symbol enclosed in square brackets with a 
superscript that denotes the charge of the cation (its value corresponding 
to the number of electrons lost).

• The non-metal atom “seeks” to form a stable outer octet configuration. 
Thus, in the case of O, it will accept two electrons. For the anion, there 
should be eight valence electrons depicted and the electrons that are 
gained should be differentiated from the original valence electrons that 
the non-metal atom has. The anion thus has a charge that corresponds 
to the number of electrons gained.

• The number of electrons lost by a metal atom need not necessarily be 
equal to that gained by a non-metal atom. To ensure electrical neutrality, 
you need to balance the charges by adding the required coefficients (on the 
left-hand side of the symbols for atoms or ions).

Example 2 .1 : Give the dot-and-cross diagrams for (i) CaF2, (ii) Na2S and
(iii) Mg3N2.

■»

Solution:

W [ca] 2 [sFs] (") 2 [Na] [«Ss]* ('") з[мд] г [ ф ]
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Q: In the dot-and-cross diagram for Na2S, the two “electrons gained” are 
paired together on S whereas in the case of Mg3N2, the three “electrons 
gained” are each paired with one of the original valence electron belong
ing to N. Is it important to distinguish between the types of “pairing” 
when drawing dot-and-cross diagrams?

A: It does not matter how pairs of both source of electrons are drawn and 
in which combinations since all electrons are indistinguishable, i.e., the 
following dot-and-cross diagram for Mg3N2 is also acceptable:

2 .2.2 Physical properties o f ionic compounds

2.2.2.1 High melting and boiling points

Ionic compounds have high melting and boiling points, indicating that the 
ionic bonds are strong.

For melting to occur, the crystal lattice has to be broken down so that 
the ions are free to move about. Therefore, a great amount of energy, in 
the form of heat, is required to overcome the strong electrostatic attraction 
between the oppositely charged ions (i.e., ionic bonds).

Likewise, when molten ionic compound undergoes boiling, energy is 
needed to overcome the ionic bonds between the mobile ions so that 
they can break away from one another and have greater freedom of 
movement.

For a good indication of the strength of the ionic bond, we can make use 
of an energy term known as the lattice energy (L.E.) shown in Eq. (2.1):

where q+ =  charge on cation, q_ = charge on anion, r+ = radius of cation, 
r_ =  radius of anion.

Lattice energy is defined as the energy released when one mole of a 
pure solid ionic compound is formed from its constituent gaseous ions 
under standard conditions (of 1 atm and 298 K).

For example, Eq. (2.2) depicts L.E. for magnesium oxide:

Since energy is released when a bond is formed, lattice energy is always 
a negative value (exothermic). A greater magnitude of L.E. indicates a 
stronger ionic bond.

(2.1)

Mg2+(g) +  0 2~(g) — ♦ MgO(s). (2.2)
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Q: Why must the formation of the ionic compound start from “its con
stituent gaseous ions” ?

A: When a bond is formed, energy is evolved. In the gaseous state, the 
cations and anions have minimal interaction and when they form the 
ionic solid, the particles are in closest proximity and they attract one 
another. This is very similar to what we have discussed in Chap. 1 on 
Atomic Structure. The closer the electron is to the nucleus, the stronger 
is the attractive force faced by the electron. Therefore, the energy that 
is evolved is a very good indication of the strength of the bond that is 
formed.

Hence, the magnitude of L.E. depends on two factors:

• Charges on the ions: The higher the charge, the greater is the attraction 
between the oppositely charged ions, which then leads to a more exother
mic L.E.

• Ionic radius of the ions: The smaller the ions, the closer they are and the 
greater the attraction, which leads to a more exothermic L.E.

Example 2 .2 : Explain why MgO (m.p. 2850°C) has a higher melting point 
than Na20  (m.p. 1130°C).

Solution: Both Na20  and MgO have giant ionic structures with strong 
electrostatic forces of attraction between the oppositely charged ions in the 
ionic lattice. Mg2+ has a greater charge and smaller ionic radius than Na+. 
These two factors result in a more exothermic lattice energy for MgO, which 
indicates stronger ionic bonding. This accounts for its higher melting point 
compared to Na2 0 .

Common misconception: It is WRONG to say that “since there are two 
Na+ in the formula Na20 , the “number” of ionic bonds in Na20  is double 
that of MgO” Щ\

The ionic bond is non-directional, and when we talk about an ionic bond, 
we are just referring to the attractive force between oppositely charged ions.

The formula unit, written as Na20  in this case, simply indicates the 
numbers of cations and anions that are present to give an electrically neu
tral ionic compound. It gives us the simplest ratio of both types of ions in 
the giant ionic lattice since there are countless such ions, depending on the 
crystal size. The only valuable information that we can derive from these 
numbers would be to infer the charges on the cation and anion.
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Example 2.3: Explain the following:

(i) The melting point of KC1 is lower than NaCl.
(ii) The melting point of NaCl is lower than NaF.

(iii) The melting point of KC1 is lower than K2S.

Solution:

(i) The cationic size of K+ is greater than Na+, and therefore the ionic 
bond strength of NaCl is stronger than KC1.

(ii) The anionic size of Cl-  is greater than F- , and therefore the ionic bond 
strength of NaF is stronger than NaCl.

(iii) The anionic charge of S2~ is higher than Cl” , resulting in the ionic 
bond strength of K2S being stronger than KC1.

2.2.2.2 Ionic compounds are hard and brittle

Ionic compounds are hard because of the strong ionic bonds present within 
the compound. When you apply pressure or force on a crystal of NaCl, it is 
difficult to separate the ions.

Yet they are brittle. As the particles are arranged in an orderly manner, 
the ionic bonds are easily broken if a force is applied specifically along certain 
“cleavage” planes in the crystal lattice. The layers of particles will slide past 
each other and this will result in repulsion between like-charged particles, 
causing the crystal to break apart.

© 0 © -*
© © 0 0 © 0 
© 0  © © © ©
© © 0  0 © ©

© © ©
Repulsion

F ig . 2 .4 . Cleavage o f crystal lattice o f an ionic compound.

2.2.2.3 Good conductors of electricity

Ionic compounds are conductors of electricity in the molten (liquid) state 
or when dissolved in water. In these cases, there are mobile ions to act as 
charge carriers.

They do not conduct electricity in the solid state as the ions are held in 
fixed positions in the crystal lattice and thus their lack of mobility means 
that they cannot act as charge carriers.

Sharp blow
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2.2.2.4 Generally soluble in polar solvents

Ionic compounds are generally soluble in polar solvents such as water. Not
all ionic compounds are soluble in water as they have a wide range of solu
bilities that depend on factors such as lattice energy and hydration energy 
(see Chap. 4 on Chemical Thermodynamics).

Hydration describes the exothermic process whereby an ion is attracted 
by layers of polar water molecules via the electrostatic interaction known 
as the ion-dipole interaction. If molecules other than water molecules are 
involved, the process is known as solvation. The stronger the ion-dipole 
interactions, the more energy will be evolved. (Bonds form, energy evolves!) 
The magnitude of the lattice energy reflects the energy that is required to 
break up the lattice and separate the ions. If a particular ionic compound 
can dissolve in water, it goes with saying that the energy released during 
hydration is able to compensate for the smaller amount of energy that is 
required to break up the lattice, and vice versa.

Ionic compounds are insoluble in non-polar solvents such as hexane.

Q: Why does ал ionic compound dissolve in one solvent but not in another? 
A: For an ionic compound to dissolve, that is, to have the ions separated 

from one another, energy that is released from the solvation process 
must be sufficient to offset the energy needed to overcome the strong 
ionic bonds and hence break up the crystal lattice.

To ensure substantial energy released from solvation, there must be 
favourable interactions between the ions and the solvent molecules that are 
stronger than, or at the very least, of similar magnitude to, those between 
the ions themselves. This is the driving force for the ions to be separated. 
Likewise, to have solvent molecules attracted to the ions, the interactions 
between them must be stronger than, or similar to, those between the solvent 
molecules. Such an explanation is the reasoning behind the saying “like dis
solves like” .

Я +  R . 5L.

5-
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Q: How does an ionic compound dissolve in water?
A: We can imagine the process of an ionic solid dissolving to be like peeling 

an onion. The positive end of the dipole of a water molecule is attracted 
to the anions on the surface of the ionic solid, and the negative end 
of the dipole is attracted towards the cations. The formation of the 
various ion-dipole interactions releases energy. The energy released is 
transferred to the cations and anions, which increases the vibrational 
energy of these ions. As more ion-dipole interactions occur, releasing 
more energy, the greater amount of vibrational energy enables the ions 
to be freed from the lattice.

2.3 Covalent Bonding

Covalent compounds are usually formed between non-metals.
A covalent bond is formed by the sharing of electrons between two 

atoms. The shared electrons are localised between the two nuclei, in 
contrast to a non-bonding electron, which moves three-dimensionally around 
its own nucleus.

'■-7* -W "  ч ./
2 H atoms approaching Electron cloud of each atom is Accumulation of electron density in the
each other attracted to the positively-charged inter-nuclei region of the hydrogen

nucleus of the other atom molecule

The covalent bond is the electrostatic attraction between the 
localised shared electrons and the two positively charged nuclei.
(This is yet again another case of positive charge attracting negative charge! 
This is what “bonding” is all about!).

Q: Why are covalent compounds usually formed between non-metals 
whereas ionic compounds are usually formed between a metal and a 
non-metal?

A: Prom Chap. 1 on Atomic Structure, we learnt that effective nuclear 
charge increases across the period from left to right. This means that 
the electron clouds of the elements are more strongly attracted by the 
nucleus as we move across the period.

Elements on the left are metals and they are characterised by the relative 
ease with which they lose electrons as compared to elements on the right 
of the period. So when a metal and a non-metal meet, you have one
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that “wants to give” and another that is “willing to accept” electrons. 
A great fit! But what happens when two non-metals meet? Well, neither 
of them wants to give, so they “compromise” by sharing, resulting in an 
accumulation of electron density in the inter-nuclei region.

Q: Will there not be repulsion when the two nuclei come close to each 
other?

A: Yes, there will be repulsion between the two nuclei and even repulsion 
between the non-bonding electron clouds of the two atoms when a cova
lent bond is formed. But if these two repulsive forces are weaker than the 
attractive forces the two nuclei have for the “shared” electrons (which is 
the electron cloud that is accumulated in the inter-nuclei region), then 
you will have a net attractive force that holds these two atoms together. 
This is, in fact, a covalent bond!

Q: So does this mean that as long as the reaction is between a metal and a 
non-metal, ionic bonds must be formed? Whereas, if it is between two 
non-metals, then covalent bonds must form?

A: Not necessarily! Metals reacting with non-metals to give ionic com
pounds is a very useful GUIDELINE, but it is not always true. For e.g., 
A1 is a metal and Cl is a non-metal but AICI3 is a covalent compound 
(refer to Section 2.4.1 for more details). Ultimately, what makes a reac
tion occur is determined by whether the energy change is favourable (see 
Chap. 4 on Chemical Thermodynamics) and whether there is sufficient 
energy for the particles to react (see Chap. 5 on Reaction Kinetics).

2.3.1 Covalent bond form ation

To form a covalent bond, the valence orbitals of the two bonding atoms
must overlap for the sharing of electrons to occur. There are two types of
orbital overlap which result in two different types of bond:

• Head-on overlap of orbitals forms a sigma bond.
• Side-on overlap of orbitals forms a pi bond.

Q: Why do we need to bring in the concept of “orbitals” here?
A : In Chap. 1 on Atomic Structure, we have learnt that electrons can be 

perceived as residing in regions of space known as orbitals. Orbitals 
come in different shapes and sizes. Thus, we can think of a covalent 
bond forming when two partially filled valence atomic orbitals overlap 
with each other. We focus only on the valence orbitals because they are
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in the outermost principal quantum shell, which is only partially filled 
up. The inner core shells are completely filled with the respective number 
of electrons and therefore cannot accommodate any extra electrons.

Q: Why are there different types of orbital overlap?
A: Orbitals come in different shapes and when they overlap with each other, 

geometrical considerations result in either a head-on or side-on over
lap. Such overlap of orbitals resulting in an accumulation of electron 
density in the inter-nuclei region is known as effective overlap of 
orbitals. We shall look at this in the following section.

2.3.1.1 Formation of sigma bond (a bond)

A sigma bond is formed when two orbitals overlap head-on.
It can occur between two s orbitals as in the case of H-H covalent bond 

formation:

1 s orbital 1s orbital

It can also be formed by the overlap of an s orbital and a p orbital as in the 
case of H-F covalent bond formation:

h i )  +  C X 3  — "  — *  ( h c > o

1s orbital 2p orbital

Furthermore, it can be formed by the overlap of two p orbitals as in the case 
of Cl-Cl covalent bond formation:

СХЭ • O Q  — CX3EX5 — c< D o
3p orbital 3p orbital

2.3.1.2 Formation of pi bond (п bond)

After a sigma bond is formed between two atoms, it is possible to have the 
valence p orbitals of these atoms overlap in a side-on manner, if required. 
This side-on overlap of orbitals is known as the pi bond.
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It usually occurs when two p orbitals overlap side-on.

Head-on overlap of 2p orbitals 
forming the о bond

K b o n d ^  Q  o bond О  ^

Side-on overlap ol 2p  orbitals Electron density of я bond
perpendicular to  plane of о bond concentrated above and 

below the plane ol о bond

The bonding involved in 
forming the 0 = 0  bond

A pi bond is weaker than a sigma bond.

Q: Can a pi bond be formed without the presence of a sigma bond between 
two atoms?

A: Absolutely not. If given the options of forming a sigma bond or a pi

and stronger than the pi bond. This is because if you look at the sigma 
bond and compare it with the pi bond, the electron density accumu
lated in the inter-nuclei region is greater than that in the pi bond. We 
thus say that the sigma bond results from more effective overlap of 
atomic orbitals as compared to the pi bond. This greater accumulation 
of electron density minimises inter-nuclei repulsion to a greater extent 
than in the case of the pi bond.

Q: Can there be two sigma bonds formed between the two atoms?
A: Absolutely not. The formation of two sigma bonds will result in too 

much accumulation of electron density within the inter-nuclei region. 
The inter-electronic repulsion will be too great to be contained. In addi
tion, if you look at the electronic configuration of the two atoms involved 
in covalent bond formation, you will not be able to find, on the same 
atom, two valence atomic orbitals with the correct orientation in space, 
to form two sigma bonds with the other atom. Thus, the different ways 
of forming the sigma bond and the pi bond result in spreading out the 
electron density in the inter-nuclei region with minimal inter-electronic 
repulsion but maximum bond strength!

2.3.2 Dative covalent bond (coordinate bond)

bond, the two atoms “prefer” to form a sigma bond as it is more stable

Usually, a covalent bond consists of each bonding atom contributing one 
electron. It is also possible to have a covalent bond formed whereby the
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pair of sharing electrons come only from one atom, known as the donor 
atom. This type of bond is known as a dative covalent bond or coordinate 
bond.

There is one donor atom with a lone pair of electrons to donate and a 
receiver atom which must have a low-lying vacant orbital to receive the pair 
of electrons.

HCl
I

Cl— Al

A
: N — H

'A

ci
I

Cl— Ah -H

Cl \ H

Receiver
atom

Donor
atom

Dative covalent bond

Once a dative covalent bond is formed, it is no different to any other covalent 
bond.

The dative covalent bond is represented by an arrow that shows the 
direction of electron flow from donor atom to receiver atom.

Other examples include the formation of NfLt*, BF3-NH3 adduct and 
AI2CI6 dimer:

+

H+

H
I

:N — H
I

H

H

■N— H
I

H

F
I

F — В
I
F

H
I

:N — H
I
H

F H
I IF—B«— N—H
I I
F H

;ci* ;ci: ;ci; :cr ;cr ;ci;
• V  At • —  V

:c\f ĉi; p f  /\ci.i:ci. /  .ci. .ci;■■/"I ■■
Dative covalent bond

Q: Is there really no difference between a covalent bond and a dative 
covalent bond?

A: In terms of the concept of sharing, you cannot differentiate between 
a covalent and a dative covalent bond as the electrons are within the 
inter-nuclei region. But in reality, you will not expect these two types 
of covalent bond to be of the same strength as the donor atom will
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not be so “altruistic” as to fully donate the two electrons for sharing. 
The electron density will always be more lopsided towards the donor 
atom. This means that a dative covalent bond is actually polar in nature. 
This is why some books use the following symbol to denote a dative 
covalent bond:

The positive sign on atom A indicates that it is the donor atom, which 
loses an electron, hence the positive charge. The negative charge on В 
indicates that it is the acceptor atom, which gains an electron.

2.3.3 Factors affecting strength o f covalent bond

Bond energy and bond lengths are two indicators of the strength of covalent 
bonds.

Bond energy (BE) is the average amount of energy required to break 
one mole of a particular bond in any compound in the gas phase. A larger 
bond energy implies a stronger covalent bond.

Bond length is defined as the distance between the nuclei of two bonded 
atoms. A shorter bond length implies a stronger covalent bond.

bond length 
143 pm

f

199 pm

I

228 pm

i  i i ■
i

266 pm

F2 Cl2 Br2 l2

The strength of a covalent bond depends on:

• Effectiveness of orbital overlap in bond formation.

Example 2.4: Account for the trend of bond energies of chlorine to iodine: 
BE(Cl-Cl): 244 kj т о Г 1; BE(Br-Br): 193 kj т о Г 1; BE(I-I): 151 kj т о Г 1.

Solution: The orbitals used for covalent bonding increase in size from 
Cl to Br to I. The larger orbitals are more diffuse and when the larger 
orbitals overlap each other, the accumulation of electron density within the 
inter-nuclei region is lower. Thus, the orbital overlap is less effective and 
this accounts for the weaker bond strength that is reflected in the bond 
energies.



Chemical Bonding 45

Common mistake: It is WRONG to cite the bond energy or bond length 
as the reason to account for the strength of a covalent bond.[x]

This factor is usually used to account for differences in bond strengths 
for atoms that come from the same group, e.g., H-Cl, H-Br, H-I or C-Cl, 
C-Br, С-I, etc.

• Difference in electronegativity of bonding atoms.

Q: What is electronegativity?
A: Electronegativity refers to the ability of an atom to polarise the electron 

cloud that is shared between the two atoms. The higher the effective 
nuclear charge (ENC), the higher the electronegativity value. Thus, 
we expect electronegativity to increase across a period (ENC increases 
across period) and decrease down a group (ENC decreases down a 
group).

Example 2.5: Why is the bond energy of H-S greater than that of H-P?

Solution: S is more electronegative than P. This results in polarisation of 
the shared electron density, creating a dipole. The additional attractive force 
within the dipole strengthens the covalent bond. (A dipole is created when 
there is a separation of charges in a bond).

This factor is usually used to account for differences in bond strengths for 
atoms that come from the same period, e.g., N-H versus O-H, C-C versus 
C-N, etc.

• Number of bonds between the bonding atoms, e.g., single, double, triple 
bond, etc.

As the number of shared electrons increases within the inter-nuclei 
region for multiple bonds, the attractive force for these electrons increases. 
Thus, the covalent bond strength increases from single to double to 
triple.
Q: If the covalent bond strength increases with the number of shared 

electrons, then why does quadruple bond not exist?
A: An increase in the number of shared electrons does increase the amount 

of “glue” within the inter-nuclei region. But at the same time, the 
amount of inter-electronic repulsion between this greater number of elec
trons also increases. This opposes the “glue” effect. For quadruple bonds,
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the inter-electronic repulsion among the eight electrons outweighs the 
“glue” effect, and therefore cannot exist.

Example 2.6: Why is N2 less reactive (or more inert) than F2?

Solution: More energy is needed to overcome the stronger triple bond in 
N2 than the single bond in F2 . Hence, N2 is less reactive than F2 . Thus, 
BE(N=N):994 kJ mol"1; BE(F-F): 158 kJ mol"1.

2.3.4 Shapes o f molecules — The VSEPR model

Unlike both metallic and ionic bonds, covalent bonds are directional, leading 
to various possible types of molecular shapes. This is because covalent bond 
formation involves the overlap of atomic orbitals and each atomic orbital 
has a particular size and shape.

The Valence Shell Electron Pair Repulsion (VSEPR) model is but one 
useful model that is used to predict the shapes of molecules.

The shape of a molecule can be predicted by using the two main principles 
under the VSEPR model:

• Electron pairs, both bond pairs (BP) and lone pairs (LP), around a 
central atom arrange themselves as far apart as possible to minimise 
inter-electronic repulsion.

• The strength of electrostatic repulsion decreases in the order: LP-LP > 
LP-BP > BP-BP. Lone pairs repel more than bond pairs. This is 
because a lone pair on an atom is non-bonding and thus the elec
tron density pretty much resides close to this atom as compared to 
the electron density of a bond pair, which is spread out between two 
nuclei.

The first principle helps to predict the shapes of molecules. The second 
helps in estimating the bond angles in molecules.

2.3.4.1 Predicting shapes of molecules using the VSEPR model 

Approach:

(i) Draw the dot-and-cross diagram of the molecule in question.
(ii) Count the regions of electron densities around the central atom. This 

will give you the electron-pair geometry (refer to Table 2.1).
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A region of electron density (electron 
pairs) encompasses the shared electrons 
between the central atom and an atom 
bonded to it. Thus, single, double, or 
triple bonds, or a lone pair of electrons 
are each considered as one region of 
electron density.

(iii) Next, count the number of lone pairs 
(non-bonding electrons) around the 
central atom.

(iv) The molecular geometry (shape) is 
deduced without taking into 
consideration the presence of the lone 
pairs of electrons (refer to Table 2.1).

Q: What is the difference between “electron-pair geometry” and “molecular 
geometry” ?

A: Electron-pair geometry gives the arrangement of electron densities which 
is inclusive of lone pairs of electrons around the central atom. On the 
other hand, the molecular geometry depicts the arrangement of the 
atomic nuclei around the central atom. One first has to deduce the 
electron-pair geometry, followed by the molecular geometry.

Q: What is meant by the “arrangement of the atomic nuclei”? Why is it 
so?

A: In an atom, the nucleus is more massive than the electron cloud, and is 
thus more detectable. Remember Rutherford’s scattering experiment?

Table 2.1 may look intimidating with its myriad possible shapes: a 
molecular species can be linear in shape with two regions of electron 
density and no lone pair OR five regions of electron density with three 
lone pairs OR even with six regions of electron densities and two lone 
pairs!

First, determine the number of electron densities by drawing the 
dot-and-cross diagram to give you the electron-pair geometry. Then, count 
the number of lone pairs and the remaining bonding electron densities will 
give you the molecular geometry.

E xam ple: To determine the 
shape of CIF3 molecule using 
the VSEPR theory.

(i) ^:Fs
x *x • •
*CUF:
x *x • •

:F:
(ii) Around the central Cl 

atom, number of electron 
pairs =  5. Therefore, 
electron-pair geometry is 
trigonal bipyramidal.

(iii) Number of lone pairs: 2.
(iv) Molecular shape of CIF3 

is T-shaped.
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Q: Why is it that CIF3 is T-shaped with the lone pair of electrons placed 
on the equatorial position and not on the axial position?

A: If you placed the lone pair of electron densities on the axial position, 
there would be more 90° lone pair-bond pair repulsion than in the equa
torial position; these close-range repulsive forces are significant and need 
to be minimised.

2.3.4.2 Guidelines for drawing dot-and-cross diagrams

• Try to identify the central atom and draw the valence electrons around 
the central atom using either a dot or cross symbol. Note: The number of 
valence electrons an atom has is equivalent to its Group number in the 
Periodic Table.

• Draw the peripheral atoms around the central atom. Take note of the 
number of electrons each peripheral atom requires in order to achieve 
octet configuration.

• Decide on the types of bond (dative, single, double or triple) a periph
eral atom needs to form with the central atom in order to achieve octet 
configuration.

• Always ensure that the peripheral atom achieves octet configuration. If 
in order to fulfil this criterion, the central atom needs to expand octet, 
then allow it. This is viable for an element that belongs to Period 3 and 
beyond.

• If the species is negatively charged, this means that there are extra 
electrons on the species; these electrons should go to the central atom 
provided that the peripheral atoms have already achieved octet configu
ration. If not, the extra electrons should go to the peripheral atoms to 
make them achieve octet configuration. This is especially true if there are 
oxygen atoms surrounding the central atom.

• If the species is positively charged, the electrons removed (that is 
why it is positively charged) should come from the central atom 
because the peripheral atoms have already been made to achieve octet 
configuration.

F
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Example 2.7: Give the dot-and-cross diagrams for (i) CO, (ii) NH3 ,
(iii) N20 , (iv) N 02+ and (v) C 032_.

Solution:

(i) 5C 5:0: H ;W;H (iii) JN*:N:OS!|_ | '  '  * xx

(iv) П 
L:
Г XX XX

0 s:N :5 0 + (V)
XX XX

Ю ;С :Ю
1 XX XX

1
<<

XX

:O
i

XX
(<

1

2-

2.3.4.3 Exceptions to the octet rule

• Species with an odd number of valence electrons, e.g., NO:
•  X X

:N :sO &

• Electron deficient compounds, e.g., BF3:
••sF:
•x

• v ’x •.
* ..•

• Species with expanded valence shells. (Note: The central atom is from 
Period 3 and beyond.) For example, SFe and PCI5 :

%F. *qi* CLX X I ф • у •• • A _ л •• • *•__* • •:F; S  sF: .. . P sCI:•• •• V4I x " , •••*px xp *P[* Q|%

Exercise: State the shapes of the following species by using the VSEPR 
theory: (i) BF3l (ii) XeF4, (iii) 0 3, (iv) HCN, (v) IC14+, (vi) SO42- ,
(vii) SbF52_, (viii) PF5 and (ix) N2H4.
Solution: (i) Trigonal planar, (ii) square planar, (iii) bent, (iv) linear, 
(v) seesaw/distorted tetrahedral, (vi) tetrahedral, (vii) square pyramidal,
(viii) trigonal bipyramidal and (ix) trigonal pyramidal with respect to each 
N atom (both N are considered central atoms).
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Example 2 .8 : Predict the shapes of CCI4 and ИзО+ and state the bond 
angles in these species.

Solution: There are four regions of electron densities around the С 
atom in the ССЦ molecule and the О atom in the НзО+ ion. These electron 
pairs must be directed in a te trahedral manner (i.e., to be as far apart as 
possible) in order to minimise electrostatic repulsion.

Since these are all bond pairs in the case of ССЦ, it is te trahedral in 
shape and all bond angles are 109.5°.

As for НзО+, there are three bond pairs and one lone pair, and 
thus H3 0 +is trigonal pyramidal in shape. Since lone pair-bond pair 
repulsion is greater than bond pair-bond pair repulsion, the bond 
pairs in H3O4" are forced closer together, resulting in a bond angle less than 
109.5°, i.e., ~107°.

Cl
109.5°

Cl44" i  Cl 
Cl

H

<109.5°

Example 2.9: Account for the difference in bond angles in CH4 , NH3 and 
H20.

Solution: There are four regions of electron densities around the central 
atom in each molecule, i.e., С in CH4 , N in NH3 and О in H20.

These electron pairs must be directed in a te trahedral manner (i.e., to 
be as far apart as possible) in order to minimise electrostatic repulsion.

Since these are all bond pairs in the case of CH4 , it is tetrahedral in 
shape and all bond angles are 109.5°.

As for NH3 , there are three bond pairs and one lone pair, and thus it 
is trigonal pyramidal in shape. Since lone pair-bond pair repulsion > 
bond pair-bond pair repulsion, the bond pairs in NH3 are forced closer 
together, resulting in a bond angle of ~107°.

As for H20 , there are two bond pairs and two lone pairs, and thus it 
is bent in shape. Since lone pair-lone pair repulsion > lone pair-bond 
pair repulsion > bond pair-bond pair repulsion, the bond pairs in 
H20  are forced much closer together, resulting in a smaller bond angle of 
-105°.
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H

H 1Q50 H 

105°

2.3.5 Using the H ybridisation  M odel to understand shape

Q: Why must we learn about the Hybridisation Model?
A: An electron resides in an orbital and each orbital comes with a particular 

shape and orientation in space. Consider, for instance, a CH4 molecule. 
The carbon atom is covalently bonded to four hydrogen atoms. We can 
simply unpair the pair of electrons in the 2s orbital and promote one to 
the 2p subshell. This does not really require too much energy and thus 
can be easily achieved. We now have four unpaired electrons sitting in 
four orbitals (the 2s orbital and three 2p orbitals).

--------  -------- ------------------  excitation of 2s
2 S  2 p  electron into empty

orbital of higher 
energy

If these four orbitals are now overlapped with the Is orbital of four hydrogen 
atoms, we are going to get four C-H bonds. However, since the three 
2p orbitals that carbon has used in bond formation are perpendicular to 
one another, we are going to get three C-H bonds that are at 90° to one 
another. In addition, not all of the four C-H bonds are going to be of equal 
length as different orbitals have been used by the carbon atom for bond 
formation.

A problem arises because, experimentally, it has been found that all the 
bond angles in a CH4 molecule are the same, at 109.5°. And all the C-H 
bonds are of the same strength and bond length. So, we have used the wrong 
approach to try to understand a CH4 molecule!

We need a different model to explain what we have observed experimen
tally. Thus, the Hybridisation Model was formulated mathematically to help

109.5

О С "109.5° ^

107° н

0
107°
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us. Hybridisation is essentially the mathematical mixing of atomic orbitals 
to create new orbitals (known as hybrid orbitals) that are then used for 
bonding. Combinations of different numbers of atomic orbitals give rise to 
different types of hybrid orbitals.

Remember that the model is “man-made”; nature does not understand 
what hybridisation is. So let us now look at the various types of hybridisation 
and understand its purpose and usage, especially for organic molecules.

2.3.5.1 sp3 hybridisation

Let us consider how hybridisation can be used to account for both the 
bonding and shape of methane, CH4 .

Consider the valence orbitals of C:
excitation _ \~A | \ A \ A \ A \ hybridisalion.Ш  FTTTT1

2S 2 p 2 s 2 p 2sp3

Four atomic orbitals (one 2s and three 2p orbitals) give rise to four equiv
alent sp3 hybrid orbitals which are orientated 109.5° apart, at the corners 
of a tetrahedron.

In forming methane, each of the sp3 hybrid orbitals of the С atom over
laps head-on with the Is orbital of the H atom forming four a bonds and 
resulting in the tetrahedral geometry of the molecule.

four equivalent 
sp3 hybrid orbitals

09.5°

H ------- s orbital of H atom

f  -̂-----sp3 hybrid orbital of С atom
j

2.3.5.2 sp2 hybridisation

Consider how hybridisation can be used to account for both the bonding 
and shape of boron trifluoride, BF3 .

Consider the valence orbitals of B:

ГЕ1 11 excitation ^ a ] iи 1 hybridisation ̂ 1 1 A I I□
2s 2p 2 s 2 p 2 sp2 2 P

Three atomic orbitals (one 2s and two 2p orbitals) give rise to three equiv
alent sp2 hybrid orbitals which are orientated 120° apart in a triangular 
plane.
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In forming BF3 , each of the sp2 hybrid orbitals of the В atom over
laps head-on with the 2p orbital of the F atom forming three a bonds and 
resulting in the trigonal planar geometry of the molecule.

Г;
three equivalent 
sp2 hybrid orbitals Л >

4 .

С
>

1 2 0°
p orbital of F atom

‘ sp2 hybrid orbital of В atom F --"

Consider how it can be used to account for both the bonding and shape 
of ethene, C2H4 .

ш o n excitation -  ш ГПТП ПТТП ш
2S 2 P 2S 2 p 2 sp2 2p

Three atomic orbitals (one 2s and two 2p orbitals) give rise to th ree equiva
lent sp2 hybrid orbitals which are orientated 120° apart in a triangular plane. 
The unhybridised p orbital lies perpendicular to this plane.

In forming ethene, two of the sp2 hybrid orbitals of each С atom overlaps 
head-on with the Is orbital of the H atom forming the four C-H <r bonds. 
The remaining sp2 hybrid orbitals of the С atoms overlap with each other to 
form the C-C a bond. The unhybridised p orbitals are thus brought closer 
to each other and they overlap side-on to form the pi bond.

_  4 ^90 * .........  _ ^  -------p orbital of С atom
P - .  + H ------ sorbital ot H atom н

-  С ' Ф ' З С  > --------- sp2 hybrid ofbital ol С atom

L ‘ hi
unhybridised Чм?
p orbital

я electron cloud

2.3.5.3 sp hybridisation

Consider how hybridisation can be used to account for both the bonding 
and shape of beryllium chloride, BeC^.

Consider the valence orbitals of Be:
^  excitation ^  |

2 S 2 p 2s 2 p 2 sp 2p

hybridisation,
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Two atomic orbitals (one 2s and one 2p orbitals) give rise to two equivalent 
sp hybrid orbitals which are orientated 180° apart.

In forming BeCl2 , each of the sp hybrid orbitals of the Be atom overlaps 
head-on with the 3p orbital of Cl atom forming two a bonds and resulting 
in the linear geometry of the molecule.

two equivalent
sp hybrid orbitals ^oo OOOODO- p orbital of Cl atom ^  ^  Qcу  Cl

180° N . 180.
^  sp hybrid orbital of Be atom

Consider how hybridisation can be used to account for both the bonding 
and shape of ethyne, C2H2 .

/j /j excilalion ^ j /j | | /| >j /j hybridisation ̂  | j | j j | >j |

2s 2 p 2s 2 p 2 sp 2 p

In forming ethyne, one of the sp hybrid orbitals of each С atom overlaps 
head-on with the Is orbital of the H atom, forming the two C-H о bonds. 
The remaining sp hybrid orbitals of the С atoms overlap with each other 
to form the C-C cr bond. There are two unhybridised p orbitals on each 
С atom that lie perpendicular to the plane containing the hybrid orbitals. 
These overlap side-on to form two pi bonds.

■ s к  electron cloud

---------0: sg)----------------x : H p *  -------- s orbital of H atom H t ^ C ^ —  C , - £
a ' ' sp hybrid orbital of С atom / "  . J \

W  ----------- p orbital of C atom /  I

1

Q: Why does PCI5 exist, but not NCI5?
A: NF5 does not exist since its formation requires five N-F bonds, which 

means five unpaired electrons in the N atom are required for bonding. 
Since the 2p electrons are already unpaired, one of the 2s electrons would 
have to be promoted to a low-lying vacant orbital. The next avail
able empty orbital is the 3s orbital, which has a much higher energy 
than the 2s orbital. Since too much energy is involved in promoting the 
electron, the N atom cannot expand its octet to accommodate all the 
bonding electrons. Thus, NF5 does not exist. On the other hand, PF5
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exists because the P atom can expand its octet by using its low-lying 
vacant 3d orbitals to accommodate the bonding electrons.

2.3.6 Delocalised bonding/resonance

The bonding in some molecules and ions cannot be adequately explained 
using one dot-and-cross diagram or Lewis structure.

Take for instance the organic molecule benzene, СбНб. If we are to 
draw either one of the localised structures using the dot-and-cross method 
(shown in Fig. 2.5a), we are expected to have two types of bond length, C-C 
single and C=C double bonds.

However, experimental data show that all carbon-carbon bond lengths 
in benzene are identical and the bond length is in between that of the C-C 
single and C=C double bond lengths.

This evidence implies that there is delocalisation of 7r electrons in the 
benzene molecule, giving rise to the actual structure, known as the reso
nance hybrid, which is described by an average of the two resonance forms

(b)

F ig. 2 .5 . (a) Canonical forms of benzene: Localised structures of benzene, (b) Resonance 
hybrid: Delocalised structure of benzene.
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(canonical forms) that are equivalent. Note that resonance DOES NOT 
mean that the molecule constantly flips from one structure to the other. 

Other examples include the following polyatomic anions:

Carbonate ion, СОэ2

^cr

or
I

о
II

/ с\-О cr

o
/ | \  

о / \ 0

&

Nltrate(V) ion, N 0 3" 

O'

Л

о
t

Л

о
Л\

5

Q: Does the occurrence of delocalised electrons explain why graphite is a 
conductor of electricity ONLY in a particular direction?

A: Indeed. The continuous overlapping of the unused p orbitals (each p 
orbital contains an electron) of the carbon atoms in the graphite 
structure allows the delocalised electrons to move along the plane BUT 
not perpendicular to the plane.

Good electrical conduction
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2.4 Intermediate Bond Types

О  © О ©  G >  С Эs- 8+
Pure ionic bond:

complete transfer 
of electrons

Ionic bond with 
covalent character 

partial transfer 
of electrons

8 -  8+  

Covalent bond with 
ionic character: 

unequal sharing 
of electrons

Covalent bond:

equal sharing 
of electrons

H2 can be considered a molecule with a pure covalent bond, i.e., equal 
sharing of electrons between the bonding atoms. In the case of HC1, there is 
unequal sharing of electrons because of a difference in electronegativity of 
the bonding atoms. This gives rise to a bond which has a permanent dipole 
(otherwise known as a covalent bond with ionic character).

At the other end of the continuum of bond types, we have the pure ionic 
bond as a result of complete electron transfer. But experimental data have 
shown that even for some supposedly ionic substances, there is some degree 
of electron sharing between the oppositely charged ions.

One example would be aluminium chloride. We would expect aluminium 
chloride to be an ionic compound just like aluminium fluoride. However, the 
extent of electron sharing between the ions is so great that aluminium chlo
ride actually exhibits characteristics of covalent compounds. This specific 
example clearly indicates that the notion “metals and non-metals combine 
to form ionic compounds” is not completely correct in all instances! There 
are numerous other examples, but we will focus instead on the explanation 
for such a phenomenon.

2.4.1 Covalent character in ionic bonds

For electron sharing to occur between anion and cation, there must be a 
distortion (polarisation) of the electron cloud of the anion by the positively 
charged cation. Electron density is drawn into the region between the two 
nuclei, resulting in partial sharing of electrons. When this happens, the ionic 
bond is said to exhibit some covalent character.

Greater polarisation imparts a greater degree of covalency in the com
pound.
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, ..ч/
l = >  •  •

Ч * У \
V.

Polarisation of anion's electron cloud by cation leads to 
accumulation of electron density between the ions

Fig. 2.6. Polarisation of an anion’s electron cloud by a cation.

The extent of polarisation therefore depends on:

• Polarising power of the cation
A general indicator of the polarising power of a cation is a term known 
as charge density. The charge density can be approximated as being 
proportional to the ratio of the cationic charge over the cationic radius,
i.e., charge density oc (q+/r+). The more “concentrated” the positive 
charge, the more “powerful is its attractive power”.

Therefore, a cation of higher charge density has greater polarising power.

Example 2 .1 0 : Why is AICI3 covalent and NaCl ionic?

Solution: Due to its smaller ionic size and higher charge, the Al3+ ion has 
higher charge density and hence greater polarising power than Na+. The 
electron cloud of the Cl“ ion is therefore distorted to such a great extent 
that it leads to sharing of electrons. Hence, AICI3 is covalent.

• Polarisability of the anion
There are two general indicators of the polarisability of an anion: the size 
and the charge of an anion.

о The greater the anionic size, the further the electron cloud is from the 
nucleus, which means it will be less tightly attracted to the nucleus and 
hence more easily distorted, 

о The higher the anionic charge, the greater the number of extra electrons 
the anion has as compared to its parent atom, and hence the greater 
the possibility of the distortion of the electron cloud.

Example 2 .1 1 : Why is AICI3 covalent and AIF3 ionic?



60 Understanding Advanced Physical Inorganic Chemistry

Solution: Due to its larger ionic size, the Cl~ ion is highly polarisable 
compared to the F“ ion.

The electron cloud of the Cl-  ion is more easily distorted by the cation, 
resulting in an accumulation of electron density in the inter-nuclei region, 
causing the formation of the covalent bond.

For the compound AIF3 , even though the charge density of Al3+ is high, 
the polarisability of F_ is not particularly great. For that reason, AIF3 is 
primarily ionic.

Note that if the charge density of the cation and the polarisability of 
the anion are high, the compound is likely to be covalent in nature. This 
explanation also accounts for compounds such as P b0 2 being covalent and 
not ionic, although Pb is a metal. Can you imagine if P b0 2 were ionic, how 
large the charge density of a Pb4+ ion would be? Not to mention that it is 
energetically demanding to remove four electrons from a Pb atom!

The concept of the polarising power of cations is useful in explaining 
certain other properties of elements and their compounds. You have seen 
how it helps to account for the covalent character of AICI3. In subsequent 
chapters, this same idea helps to address questions such as the following:

Q: Why is NaCl neutral in water but a solution of AICI3 is acidic?
(Refer to Chaps. 7 and 9 on Ionic Equilibria, Periodicity.)

Q: Why is it more difficult to decompose ВаСОз than MgC0 3 ?
(Refer to Chap. 10 on Chemistry of Groups 2 and 7.)

2.4.2 Ionic character in covalent bonds

Electronegativity denotes the ability of an atom in a molecule to attract 
electrons to itself. When the bonding atoms have the same electronegativity, 
the bonding electrons are shared equally between the two nuclei, forming 
a pure covalent bond. This normally happens when the bonding atoms are 
identical.

As long as the bonding atoms are different, there exists a difference in 
their relative electronegativity values. The bonding electrons will be more 
strongly attracted to the more electronegative atom, giving rise to a per
manent separation of charges (dipole) in the bond; the presence of ionic
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character in the covalent bond. Such covalent bonds with unequal sharing 
of electrons are termed polar bonds. For example, HF in the following:

A greater difference in electronegativity implies a greater polarity in the 
covalent bond.

Partial charges are used to illustrate the relative ability of the bonding 
atoms to attract the shared electrons. The more electronegative atom, i.e., 
having a stronger hold on the shared electrons, is considered to be “electron 
rich” and gains a partial negative charge (<5-). The other bonding atom, 
which is less electronegative, partially loses its hold on the electrons and 
acquires a partial positive charge (£+) — an indication of its being “electron 
deficient”.

Example 2 .1 2 : Which is more polar, the C-Cl bond or the С-I bond?

Solution: The C-Cl bond is more polar as the difference in the electroneg
ativity values of С and Cl is greater than that between С and I. Therefore, 
the shared electron cloud in C-Cl is more distorted.

Polar covalent bonds are generally stronger than non-polar ones, as 
evidenced in the differences in bond energies of H-H and H -0 bonds: 
BE(H-H) = 436 kJ mol-1  and BE(H-O) =  460 к J mol-1.

Q: An О atom has a greater effective nuclear charge (ENC) than an H atom. 
Is it not because of this that the bonding electrons are more strongly 
attracted, leading to a stronger bond?

A: Yes. It may be because of the ENC factor which gives rise to a more 
electronegative О atom and hence a more polar bond. It all boils down 
to the level of analysis that is being called for, i.e., the context wherein 
the problem is to be analysed. You can use either the ENC concept or 
the electronegativity concept to explain the above differences in bond 
energies.

Q: Is there any advantage in knowing if ionic character is present in a 
covalent bond?
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A: A resounding yes! An atom that is relatively more electron rich (or 
electron deficient) can “attract” an attack by a complementary species 
that is electron deficient (or electron rich). This is how chemical reactions 
can come about. You will learn more about this in Organic and Inorganic 
Chemistry.

Q: Can the concepts “ionic character in a covalent bond” and “covalent 
character in an ionic bond” be viewed interchangeably?

A: No. For instance, you cannot say that there is covalent character in the 
ionic bond for HC1 because there is no such thing as an ionic H+C1“ 
species. Neither can you say that there is ionic character in the covalent 
bond for MgO because there is no such thing as covalent M g-0 whereby 
the Mg atom would achieve octet configuration by sharing electrons 
with an О atom. Whether it is “ionic character in a covalent bond” 
or “covalent character in an ionic bond” depends on which end of the 
continuum you have started with.

2.5 Physical Properties of Covalent Compounds
2.5.1 Properties o f giant covalent compounds

Some non-metallic substances such as diamond and silicon have high melt
ing and boiling points, which means that the attractive forces binding the 
particles together are very strong. For melting to occur, a great amount of 
energy in the form of heat is required to overcome the strong covalent bonds 
between the atoms.

In fact, diamond, an allotrope of carbon, is made up of a large net
work of carbon atoms each covalently bonded to four other carbon atoms 
as shown in Fig. 2.7. Silicon has a similar structure to diamond whereas the 
macromolecular structure of silicon dioxide (ЭЮг) consists of each Si atom 
covalently bonded to four oxygen atoms and each oxygen atom is in turn 
covalently bonded to two Si atoms.

Example 2.13: Account for the higher melting point of diamond (3350°C) 
compared to silicon (1410° C).

Solution: The orbitals used for forming C-C covalent bonds are smaller and 
less diffuse than those used for forming Si-Si covalent bonds. There is thus 
more effective overlap of the orbitals of С and this accounts for the stronger
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Fig. 2.7. Lattice structures of diamond and Si (left), SiC>2 (middle) and graphite (right).

C-C bond, which requires more energy to be cleaved. Hence, diamond has 
a higher melting point than silicon.

Unlike diamond, graphite, another allotrope of carbon, has a giant 
layered structure. Within each layer, the carbon atoms are each covalently 
bonded to three other carbon atoms. There is an unpaired electron “sitting” 
in a p orbital of each carbon atom. All these p orbitals overlap side-on, 
resulting in a continuous network of delocalised electrons. These electrons 
are free to move throughout the layer, giving rise to the uni-directional 
electrical conductivity of graphite along the layers but not between 
layers.

Q: Why is the bond length between two С atoms within a layer shorter 
than the bond length between two С atoms from adjacent layers? Does 
this mean that the bond strengths are different? Are they not all C-C 
covalent bonds?

A: Indeed, the longer bond length between С atoms in adjacent layers 
indicates that the bonding between these atoms is weaker than those 
between С atoms within the same layer. The forces of attraction hold
ing these layers together are not covalent bonds. Rather, they belong to 
a class of intermolecular forces of attraction known as the instantaneous 
dipole-induced dipole interactions.

In fact, it is this class of intermolecular attractive forces that accounts 
for the much lower melting and boiling points of simple covalent molecules 
such as H2O and NH3 in contrast to those of diamond and graphite. These 
latter molecules, along with Si and SiC>2, are termed macromolecules, or 
giant covalent molecules.

Thus, note that covalent compounds can exist as either simple discrete 
molecules or macromolecules.
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2.5.2 Properties o f sim ple covalent com pounds

• Simple covalent compounds, such as CO2 and H2O, have low melting and 
boiling points.

Melting and boiling are phase changes. When a covalent compound 
undergoes a phase change, it still retains its molecular character. What dif
fers is the extent of interactions among its molecules and also their degree 
of freedom of motion.

a

a

t ?

a
Solid Liquid G as

For melting to occur, the crystal lattice has to be broken down so that 
the discrete molecules are free to move about. Therefore, energy (in the 
form of heat) is required to overcome the intermolecular forces of attraction 
among the molecules. Likewise, for boiling to occur, energy is needed to 
overcome the intermolecular attractions between the mobile molecules so 
that they can break away from one another and have greater freedom of 
movement.

• Most covalent compounds are non-conductors of electricity (an exception 
is the macromolecule graphite).

• Covalent compounds readily dissolve in organic solvents, such as benzene 
and tetrachloromethane, rather than in polar solvents like water.

Some physical properties of simple covalent compounds are often deter
mined by the type and strength of attractive forces between the particles. 
In the next section, we will cover the various types of intermolecular forces 
of attraction.

2.6 Intermolecular Forces of Attraction
Covalent bonds hold atoms in a molecule together. But what helps to keep 
the millions of water molecules intact together in a cube of ice? In this 
section, we will cover various types of intermolecular forces of attraction 
(yet another type of electrostatic interaction) that hold molecules together
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and differentiate these from the intramolecular covalent bonds that bind 
atoms within a molecule.

Depending on the type of molecules, one of the following intermolecular 
forces of attraction, or combinations of these, could exist between molecules:

• van der Waals’ forces of attraction

о Instantaneous dipole-induced dipole interactions (id-id)
о Permanent dipole-permanent dipole interactions (pd-pd)

• Hydrogen bonding

It must be noted that these intermolecular attractions are also known 
as intermolecular bonding! They are not the same as conventional bonds 
such as ionic, covalent and metallic bonds. The attractive forces between 
molecules are very much weaker than the conventional bonds.

2 .6 .1  Instantaneous dipole-induced dipole (id -id )  
in teractions

Id-id interactions exist for all types of molecules, but they may be used to 
account for the observed physical properties of matter.

As electrons are always in random motion, at any point in time, there is 
an uneven distribution of electrons in a molecule. This separation of charges 
creates an instantaneous dipole in the molecule.

The instantaneous dipole in one molecule can induce the formation of 
dipoles in nearby unpolarised molecules. As a result, a weak electrostatic 
attraction forms between these dipoles.

Instantaneous Induced 
dipole dipole

For the very fact that electrons are constantly moving, these dipoles are 
short-lived. However, new dipoles are soon formed again and the process 
repeats itself so that on average, there are “permanent” forces of attraction 
between these molecules, which give rise to their observed physical proper
ties such as melting point, boiling point, non-ideal behaviour, and so forth.
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The strength of id-id interactions depends on:

• The number of electrons in the molecule: the greater the number of 
electrons (i.e., the bigger the electron cloud), the more polarisable the 
electron cloud, and the stronger the id-id interactions.

• The surface area for contact of the molecule: the greater the surface area 
of contact possible between the molecules, the greater the extent of id-id 
interactions.

Example 2.14: Account for the higher boiling point of Br2 (b.p. 59°C) 
compared to Cl2 (b.p. -34°C).

Solution: Since both compounds have simple molecular structures, 
boiling involves breaking of intermolecular forces. The two compounds are 
non-polar in nature; thus, the molecules are attracted to one another via 
id-id interactions. Their boiling point is determined by the strength of the 
id-id interactions, which increases with an increase in the number of elec
trons per molecule. Since Br2 has a greater number of electrons per molecule 
than Cl2, it has a higher boiling point than Cl2.

Q: The bond energy of Br-Br (193 kJ mol"1) is smaller than the bond 
energy of Cl-Cl (244 kJ mol"1). Should Br2 not have a lower boiling 
point since it is easier to cleave the Br-Br covalent bonds?

A: It is a common misconception to think that it is the intra-molecular 
bonds, i.e., covalent bonds in the molecule, that have to be broken for 
a phase change to occur for simple covalent compounds. For melting or 
boiling to occur, it is the intermolecular forces between molecules that 
need to be overcome; the molecules themselves remain intact.

Example 2Л5: Account for the lower boiling point of dimethylpropane 
compared to pentane.

н

H H H H H
I I I i I

H—с—H H H
H—с—с—с—H

н H H H H H i H
h—с— H

iHPentane 
(b.p. 36 °C)

Dimelhylpropane
(b.p. 10 CC)
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Approach: Pentane and dimethylpropane are what we call a pair of 
structural isomers that have the same molecular formula (C5H12) but 
different arrangements of bonding atoms. Since the two isomers have the 
same number of electrons, we cannot use this factor to account for differ
ences in boiling points. Instead, we need to look at the second factor, which 
relates the surface area of molecules to the extensiveness of id-id interac
tions. If we are to look at the space-filling model of these molecules, we find 
that the surface area for contact of the pentane molecule is greater than 
that of the seemingly spherical dimethylpropane molecule.

Pentane Dimethylpropane
(b.p.36°C ) (b.p 10 °C)

Solution: Both dimethylpropane and pentane exist as simple discrete 
molecules. Since pentane is more linear than the spherical dimethylpropane, 
it has a greater surface area of contact which leads to more extensive 
id-id interactions between its molecules than for dimethylpropane 
molecules. Thus, more energy is needed to overcome the stronger id-id inter
actions between pentane molecules, thereby accounting for its higher boiling 
point.

Q: CH4 has a higher boiling point than N2 . How do we account for this? An 
N2 molecule has greater number of electrons than a CH4 molecule. Thus, 
should the id-id interactions not be stronger between N2 molecules than 
between CH4 molecules and hence N2 should have a higher boiling point? 

A: Based on the “number of electrons” factor, there are stronger id-id 
interactions between N2 molecules BUT the surface area of CH4 , being 
greater than that of N2 , gives rise to more extensive id-id interactions. 
The latter factor is more dominant than the first.

2.6.2 P erm an en t d ipole-perm anent dipole (pd-pd) 
in teractions

Pd-pd interactions exist for polar molecules only. As there is an uneven 
distribution of electrons in polar bonds, permanent separation of charges 
(dipole) is found within polar molecules.
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The permanent dipoles in neighbouring polar molecules attract e a c h  
other. As a result, a weak electrostatic attraction forms between th e s e  
dipoles, known as pd-pd interactions.

The strength of pd-pd interactions depends on the magnitude of th e  
molecule’s net dipole moment. The greater the magnitude of the dipole 
moment, the more polar is the bond.

The magnitude of the dipole, in turn, depends on the magnitude of th e  
electronegativity difference between the bonding atoms.

The greater the difference in electronegativity, the greater is the dipole 
moment, and the more polar is the covalent bond.

Dipole moment is a vector quantity that has both magnitude and direc
tion. It is represented by the symbol -+— ►, which depicts the <5+ end pointing 
towards the <5- end of the dipole.

To determine whether a molecule is polar and hence if pd-pd interactions 
exist between molecules of its own kind, two criteria must be fulfilled:

• There must be polar bonds within the molecule.
• There must be a net dipole moment for the molecule.

2 6 .2.1 How to determine whether a bond is polar

As long as the bonding atoms are different, they will have different elec
tronegativity, which leads to a dipole moment in the bond, i.e., the bond is 
polar.

2.6 .2.2  How to determine whether a molecule is polar

Other than diatomic molecules such as Cl2 and HBr, most other molecules 
will contain more than one bond. Thus, there are two possible scenarios:

• The dipole moments of the individual polar bonds cancel one another out, 
leaving a molecule with no net dipole moment.

• There is a collective effect of the individual polar bonds, giving rise to a 
net dipole moment and hence a polar molecule.

How do we know if there is cancellation of the individual dipoles? Here, 
we need to bring in the relative spatial orientation of the bonds, how they 
are arranged in relation to one another. Based on certain geometries, the 
dipoles, treated as vectors, may cancel out one another. For instance, the
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bonds between the central С atom and each of the О atoms in a CO2 
molecule are polar. In the linear molecule, these dipole moments have the 
same magnitude, but since they are pointing in opposite directions, there is 
cancellation of dipoles that renders the molecule non-polar.

You will be happy to note that there is no complex mathematics needed 
to calculate whether there is a resultant dipole moment or not. A simple 
yet effective way is to note the following conditions:

• As long as a molecule has one of the standard shapes shown below, with 
identical bonding atoms and no lone pairs on the central atom, then the 
molecule has no net dipole moment.

c—# — о

Linear Trigonal planar Tetrahedral

Trigonal bipyramidal Octahedral

Both CH4 and ССЦ are tetrahedral with the central С atom bonded to 
identical peripheral atoms. They are non-polar molecules even though they 
contain polar C-H and C-Cl bonds. There is no net dipole moment since 
the individual dipole moments cancel one another out.

Cl

i t  - ^ < 1  „

© > / * ©  v? U
ci 5-

CH4 CCI4
No net dipole No net dipole

moment moment

• If the molecule contains only one lone pair on the central atom, then the 
molecule has a net dipole moment, e.g., NF3.
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■j" Net dipole 
I moment Net dipole 

moment
No net dipole 

moment
8-

F

NF- H20 XeF,

However, a molecule with more than one lone pair on the central atom may 
or may not be polar. H2O is a polar molecule but XeF4 is non-polar even 
though both central atoms, in each molecule, contain two lone pairs.

In summary:

• The presence of polar bonds need not equate to the molecule being polar.
• A molecule is considered polar if it possesses a net dipole moment.

2.6.3 Hydrogen bonding

Hydrogen bonding is present between molecules that have one highly elec
tronegative atom — F, O, or N — covalently bonded to an H atom.

X, being more electronegative than H, attracts the bonding electrons in 
the H-X bond closer to itself. As a result, it is more “electron rich” and gains 
a partial negative charge (<5-). The H atom, on the other hand, acquires a 
partial positive charge (<5+).

Being “electron deficient”, this H is strongly attracted to the lone pair 
of electrons on a highly electronegative atom (electron-rich region) in other 
molecules. This electrostatic attraction between the H atom and the lone 
pair of electrons on the highly electronegative atom, F, О or N, is known as 
hydrogen bonding.

H

H

Q: This means О—H—Cl—H is not considered hydrogen bonding? 
A: No, indeed not. So make sure you know your definition well.
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Q: How about О—H----- N—H?
A: Yes, this is a type of hydrogen bonding.

Hydrogen bonding can be regarded as a more specific type of pd-pd 
interaction that is applicable to certain polar molecules only. But note 
that the terms “hydrogen bonding” and “pd-pd interactions” are non- 
interchangeable. Examples of compounds that exhibit hydrogen bonding 
include H2O, HF, NH3 and organic compounds such as alcohols, carboxylic 
acids, amines and amides.

The strength of a hydrogen bond depends on:

• Dipole moment of the H-X bond, where X is O, F, or N:
F-H- - -F-H > O-H- - -O-H > N-H- - -N-H

• Ease of donation of a lone pair on Y, where Y is O, F, or N:
N-H- - -N-H > O-H- - -O-H > F-H- - -F-H

Overall, hydrogen bond strength is in the following order:
F-H- - -F-H > O-H- - -O-H > N-H- - -N-H

Q: Does that mean that HF has the highest boiling point since its hydrogen 
bonding is the strongest?

A: No. Water has the highest boiling point because it can form more 
extensive hydrogen bonding than the rest. It can actually form two 
hydrogen bonds per water molecule whereas both NH3 and HF can only 
form one hydrogen bond per molecule.

This explanation also accounts for why ethanol has a lower boiling point 
than water.

4 H

\  - ' H
H ^ - ,  \  . . .

• 4V "  '
H . . X х  \  «-------- Hydrogen bond------- -*> \

\  X  *+H ь-xz^ H'^Q: \  *TF \  M'
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2.6.3.1 Importance of hydrogen bonding

Hydrogen bonding helps to explain the following observations:

• Dimerisation of carboxylic acids.

Carboxylic acid molecules dimerise, through hydrogen bonding, in non-polar

Dimerisation of these acids does not occur in aqueous solutions. Instead,

• High solubility of such substances as ammonia and short-chain alcohols 
(e.g., methanol, ethanol) in water. Solubility of alcohol in water decreases 
with increasing carbon chain due to the hydrophobic nature of the carbon 
chain (R).

• Intermolecular hydrogen bonding versus intramolecular hydrogen 
bonding.

The boiling point of 2-nitrophenol (214°C) is lower than that of its iso
mer, 4-nitrophenol (259°C). The presence of intramolecular hydrogen bond
ing limits the number of sites available for intermolecular hydrogen bonding. 
This causes 2-nitrophenol to have a lower boiling point and also solubility.

solvents. Such dimerisation occurs in the vapour phase (just above boiling 
point) and in non-polar solvents such as benzene.

Hydrogen bond

they form hydrogen bonds with the abundant water molecules. Some 
degree of dissociation also occurs for these weak acids in aqueous 
solutions.

R'



Chemical Bonding 73

Intramolecular 
hydrogen bond

O - H -o -

Intermolecular 
hydrogen bond

.Intermolecular 
hydrogen bond

O'

(a) Less extensive intermolecular 
hydrogen bonding in 2-nitrophenol

(b) More extensive intermolecular 
hydrogen bonding in 4-nitrophenol

2-nitrophenol is less soluble in water than 4-nitrophenol because the pres
ence of intramolecular hydrogen bonding within 2-nitrophenol limits the 
number of sites available for intermolecular hydrogen bonding with water 
molecules.

• Relative densities of ice and liquid water.

Ice is less dense than water.
Hydrogen bonding gives rise to an open structure, causing the ice to have 

a lower density than water. Hence, ponds and lakes freeze from the surface 
downwards. The layer of ice helps to insulate the water underneath from 
further heat loss. Living things can survive in ponds and rivers even when 
temperature falls below freezing.

Hydrogen bonding in ice Hydrogen bonding in water

v

___ лЛ

• Stabilisation of structure of proteins.

For instance, the presence of hydrogen bonding helps to stabilise the sec
ondary structures of proteins.
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(b) The beta pleated sheet structure.

2.7 Summary of Chemical Bonding: Putting  
it all Together

tyPe Structure’ bonding or intermolecular forces of attrac-
°i f 8 ^  ysica* ProP e rties of su b stan ces , it  is u sefu l to  s t a r t  w ith  th e  

general trends:

tallic bond, ionic bond and covalent bond are all strong bonds.
e uiuc s tro n g er th a n  in te rm o lecu la r forces o f a t t r a c t io n  be tw een  

d isc re te  m olecules.

H v d гпортГ ^ ecreas n̂ g s tre n g th  of in te rm o lecu la r forces o f a t tr a c t io n :

(s tro n  est) > >  P d " P d  in te rac tio n s  >  id~id in te ra c tio n s
'  (w eakest)

f°r Ле hiSher me'ting P°int °f Si (141°°C) c°m'  

MS haS a giant metalllc structure whereas Si has a giant molecular 
that ягр °Ге 6^ rgy is reclliired to overcome the covalent Si-Si bonds 

ronger an the metallic bonds between Mg2+ ions and the sea
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of delocalised valence electrons. Thus, the melting point of Si is higher than 
that of Mg.

Example 2.17: Account for the higher melting point of AIF3 (1290°C) 
compared to NF3 (-207° C).

Solution: AIF3 has a giant ionic structure whereas NF3 has a simple molec
ular structure. More energy is required to overcome the strong ionic bonds 
between the oppositely charged ions than the weaker van der Waals’ forces 
of attraction between NF3 molecules.

Example 2.18: Account for the lower boiling point of ethanal compared to

Solution: Both ethanol and ethanal are polar molecules with simple molec
ular structures. The lower boiling point of ethanal as compared to ethanol 
indicates that the pd-pd interactions are weaker than hydrogen bonding. 
Thus, less energy is required to overcome the attractive forces between

However, there are times that the above trends do not help to account for 
physical data given. In such cases, you have to analyse the data carefully to 
conclude what the appropriate explanation is for the trend given.

For instance, the physical states of iodine (a solid) and water (a liquid) 
at room temperature, indicate that the intermolecular forces of attraction in 
iodine are much stronger compared to the hydrogen bonding present among 
water molecules.

ethanol.

H H
I I

H— с — с — о — H H— с — с — H

H H 
Ethanol 

(b.p. 78.4 °C)

H
Ethanal 

(b.p. 20.2 °C)
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Although there are only id-id interactions among the iodine molecules, 
these interactions, albeit weaker, are so extensive to the extent that they 
are stronger than the hydrogen bonding present between water molecules 
(think about a Velcro strap: a hook and loop pair is rather weak, but when 
you have a patch of hooks and loops, you get a strong fastener).

T able 2.2

Type of 
Compound T ype of Structure and Bonding Physical Properties

Giant ionic # Giant ionic crystal lattice 
compound, e.g., structure 
NaCl, A1F3 * Strong electrostatic forces 

between oppositely charged

Giant metallic 
compound, e.g., 
Fe, Cu

Giant metallic lattice 
structure
Strong electrostatic forces 
between cations and 
sea of delocalised valence 
electrons

Giant molecular .  Giant molecular structure 
compound, e .g ., .  Strong covalent bonds 
G, Si, S1O2 between atoms throughout 

the entire lattice

Simple molecular 
compound, e.g., 
b , AICI3 , S8

Simple molecular structure 
Strong covalent bonds 
between atoms within the 
discrete molecule 
Weak van der Waals’ forces 
of attraction between 
molecules

High m.p. and b.p.
Hard and brittle 
Conducts electricity only in 
the molten state and in 
aqueous solution 
Soluble in water

High m.p. and b.p.
Good conductor of electricity 
and heat
Malleable and ductile

•  High m.p. and b.p.
• Hard solid
•  Insulator of heat and electricity
•  Insoluble in water

• Low m.p. and b.p.
•  Soft solid
• Insulator of heat and electricity
•  Insoluble in water
•  Soluble in non-polar solvent

My Tutorial (Chapter 2 )

1. (a) Solids with crystalline structures may be classified as molecular, 
giant covalent or ionic. With reference to each crystalline structure, 
explain how low melting point, high melting point and n o n - conduction 
of electricity are related to bonding and structure.
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(b) Explain why the boiling points of the noble gases increase from 
helium to xenon.

2. (a) Boron trihydride, BH3, reacts with trimethylamine, (СНз)31Ч, to
form a 1:1 adduct.

(i) Using BH3 and (СНз)зК as examples, explain how the shapes of 
simple molecules can be determined by simply considering the 
repulsions between electron pairs.

(ii) Name the type of bond that is formed between BF3 and (СНз)зК 
in the adduct.

(b) Boron and carbon are adjacent to each other in the periodic table. 
There are some B-N compounds known to be isoelectronic with C-C 
compounds. An example would be boron nitride, an electrical insu
lator that has a planar hexagonal layered structure of alternating 
boron and nitrogen atoms, similar to graphite.

(i) Explain the meaning of the term isoelectronic.
(ii) Give the type of bonding which is present within the layers.

(iii) Give the type of interaction between the layers.
(iv) Give a possible use in which this compound could replace the 

industrial usage of the corresponding carbon compound.
(v) When heated under high pressure, this form of boron nitride is 

converted into another form which is an extremely hard solid. 
Suggest the type of structure adopted by this new material.

3. Sulfur reacts with nitrogen to yield nitrogen disulfide (NS2), an elec
tronically symmetrical gas phase radical which is highly unstable. This 
radical undergoes further reaction to give a cyclic molecule, dinitrogen 
disulfide (N2S2). The N2S2 is explosive in nature, and can also be heated 
to give the polymeric (SN)X, which is metallic in nature. At very low 
temperatures (0.33 K), the polymeric compound is a superconductor.

(a) With the aid of a dot-and-cross diagram, deduce the shape of NS2 

and N2S2.
(b) Give a possible explanation why both NS2 and N2S2 are highly unsta

ble.
(c) Give a possible structure of the polymeric (SN)*, depicting its uni

directional electrical conducting property.
(d) Give a possible reason why the polymeric compound becomes super

conducting at low temperatures.



(e) Give a reason why it is possible for such a polymeric compound t----
form between sulfur and nitrogen.

4. This question is concerned with the shapes of molecules and the f o r c e ^ =
between them.

(a) Depict, with clear diagrams, the shapes of the following m o le c u le s=
(i) CH4; (ii) H20.

(b) Explain the main features of the theory that is used to predict t h e  
shapes of these molecules.

(c) The boiling points and molar masses of some first row hydrides a r e  
tabulated below.
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Substance Boiling point (K) M olar mass (gm ol *)

CH4 109 16
NH3 240 17
H20 373 18

(i) Explain the difference in boiling points between NH3 and CH4 
in terms of structure and bonding.

(ii) Why does H2O have a higher boiling point than NH3?

(d) 1,2-dihydroxybenzene (compound A) has a boiling point of 518 К but 
its isomer 1,4-dihydroxybenzene (compound B) has a boiling point 
of 558 K.

OH

Give one reason why 1,4-dihydroxybenzene has a higher boiling 
point.

5. (a) Molecular crystals are composed of simple discrete molecules held 
together in a regular array.

(i) With references to bromine, Br2 , and bromomethane, СНзВг(з), 
which are crystalline solids at low temperature, describe and 
explain the types of intermolecular forces for holding the 
molecules together in such crystals.
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(ii) Give a reason for one physical property associated with molecu
lar crystals.

(b) In contrast, substances such as silicon dioxide and sodium chloride 
consist of giant lattice crystal structures, which do not contain simple 
discrete molecules. For each of these substances:

(i) describe their crystalline structures,
(ii) state the type of chemical bonding in the crystals, and
(iii) explain why silicon dioxide adopts one type of bonding and 

sodium chloride another.





Ideal Gas and Gas Laws

CHAPTER 3

Gases do not have a fixed volume and shape. Gases are compressible. Gases 
have these properties because they are made up of particles that are sepa
rated by large distances, and these particles are constantly moving around. 
The large separation is due to the weak intermolecular forces between the 
particles and such separation between the particles can be varied because 
the intermolecular forces can be overcome with ease. For example, a fixed 
amount of gas when placed in different containers of different volumes or 
shapes would be able to take up the space of the container easily. When 
pressure is applied to a volume of gas, its volume decreases. This decrease 
in volume is due to the increase in proximity between the particles, that is, 
a decrease in the distance of separation.

The constant movement of gaseous particles results in the particles pos
sessing a large amount of translational kinetic energy (K.E.). The amount 
of translational kinetic energy is temperature dependent, i.e., average K.E. 
is directly proportional to temperature. These constant movements in the 
container result in constant collisions with the walls of the container, giving 
rise to the phenomenon known as pressure, which is basically the average 
force exerted per unit area when the gaseous particles collide. In addition, 
this contact with the wall of the container is also a means whereby gaseous 
particles exchange energy from the external environment. But because of 
the large separation between gaseous particles, energy transfer between 
these particles is not as fast as that between particles in liquids and solids. 
Therefore, gases are poor heat conductors, which also makes them good 
insulators.

81
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Particles colliding onto 
the walls of the container

Fig. 3.1. Particles colliding with the walls of a container.

3.1 Gas Laws
To gain a better understanding of the variables that affect gases, gas laws 
have been established that relate macroscopic properties of gases such as 
volume (V), temperature (T) and pressure (p).

In this chapter, we will cover the following important gas laws and see 
how these laws are applied in real-life situations:

• Boyle’s Law (discovered in 1662)
• Charles’ Law (discovered in 1787)
• Gay-Lussac’s law (discovered in 1809)
• Avogadro’s Law (discovered in 1811)
• The Ideal Gas Law
• Dalton’s Law of Partial Pressure

3.1.1 B oyle’s law

For a fixed mass of gas at constant temperature, its pressure is inversely 
proportional to its volume, i.e.,

1
р о с - .

With Boyle’s Law, we can deduce the effect of changing pressure on the 
volume of this fixed mass of gas at constant temperature and vice versa by 
using the equation:

PiVi = Р2̂ 2-
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The decrease in volume 
increases frequency of collisions 

and thus increases pressuret v  УЗ
p! = 1 atm 

У, = 1000 cm3
РчУ, = 1000 units = p2V2

F ig . 3 .2 .

Real-life scenario: One of the ways to rescue a person who is choking is 
to perform abdominal thrusts. The theory behind this action is that by 
exerting pressure on the diaphragm, we are decreasing the volume inside 
the lungs, which then increases the pressure inside the lung, forcing out the 
foreign object lodged in the airway.

3.1.2 C harles’ law

For a fixed mass of gas at constant pressure, its volume is directly propor
tional to its temperature, i.e.,

With Charles’ Law, we can deduce the effect of changing temperature on 
the volume of a fixed mass of gas at constant pressure and vice versa by 
using the equation:

Real-life scenario: Have you ever experienced holding a balloon while walking 
in the hot afternoon sun and it suddenly burst? You looked around for 
what could have pricked the balloon, but there was nothing in sight... it 
just mysteriously popped? What you actually witnessed was an application 
of Charles’ Law. The balloon was at constant pressure. In the hot sun, its 
temperature rose and according to Charles’ Law, its volume expanded, in 
this case, to the extent that the latex vessel could no longer contain the 
heated gases and it burst.

V ocT.

Ti T2
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3.1.3 G ay-L ussac’s law

For a fixed mass of gas at constant volume, its pressure is directly propor—  
tional to its temperature, i.e.,

p ocT.

With Gay-Lussac’s Law, we can deduce the effect of changing temperature- 
on the pressure of this fixed mass of gas at constant volume and vice versa— 
by using the equation:

P i = P2 
Ti T2

Real-life scenario: If someone were to put a bag of potato chips into a freezer, 
thinking this would preserve their flavour, he would be in for a disappoint
ment. This is because in order to maintain freshness, preservatives are added. 
These preservatives need a constant internal environment which is provided 
by a constant internal pressure. Placing the bag in the freezer would cause 
a reduction in pressure, as per Gay-Lussac’s Law, and this would actually 
foil the original plan to maintain freshness.

3.1.4 A vogadro’s law

Avogadro’s hypothesis states that at constant temperature and pressure, 
gases of the same volume contain the same number of particles.

It follows from Avogadro’s hypothesis that one mole of any gas occupies 
the same volume as one mole of any other gas at the same pressure and 
temperature.

Q: Why should the same amount of any type of gas have the same volume at 
the same temperature and pressure? Don’t different gases have molecules 
of different sizes?

A: The size of a gas particle (atom or molecule) is insignificant as compared 
to the volume of the container that it occupies. Yes, at the molecular 
level, different types of gas particles have different sizes. However, the 
difference in size is still insignificant when compared to the volume of 
the container. (We will later see that the size factor is only significant 
at high pressure.) This is also why when you increase the number of 
gas particles in a system without allowing the volume to change, the 
container can still accommodate the greater number of gas particles. 
There is simply plenty of space in between the gaseous particles for 
other gaseous particles to come in!
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From Avogadro’s hypothesis stems Avogadro’s Law, which states that for a 
gas at constant pressure and temperature, its volume is directly proportional 
to the number of moles of the gas, i.e.,

V ос. n.

Real-life scenario: If someone inflates a balloon, the size of the balloon 
increases because more gaseous particles are being introduced into the bal
loon at a constant external atmospheric pressure and temperature.

Now we have a useful stoichiometric equivalence between volume of gas 
and the amount of gas in terms of moles. However, take note that this sto
ichiometric equivalence is only applicable in cases of constant temperature 
and pressure. The following example should demonstrate this.

3.1.4.1 Problems involving the use of the relationship V oc n 

Example 3.1: 20 cm3 of gaseous ethane СгЩ is burnt in 80 cm3 of oxygen.

(a) What is the volume of the residual gaseous mixture at the end of the 
reaction?

(b) The residual gaseous mixture is treated with NaOH(aq). What is the 
volume of gas remaining after the treatment?

Assume all volumes are measured at room temperature and pressure.

Approach for part (a): The residual gaseous mixture can include gaseous 
products formed and also unreacted gaseous reactants. Thus, we need to 
find out if there are any excess reactants.

Hydrocarbons are covalent compounds containing only carbon and 
hydrogen atoms. Their complete combustion produces only two products, 
water and carbon dioxide.

The general equation for the complete combustion of hydrocarbons is

CsH,, + Ac + 0 2 —  xC 0 2 +  | h 20.

Solution for part (a): Write out the balanced equation for the combustion 
of the hydrocarbon ethane:

C2H6(g) +  ^ 0 2(g) — > 2C02(g) + 3H20(1).

Since under constant temperature and pressure, V oc n, we can establish 
the following stoichiometric equivalencies between volume and amount of 
gas:
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C2H6(g) + 5 0 2 (g) —  2C02 (g) + 3H20(1)
Mole ratio/mol 1 7/2 2 3

Volume ratio/cm3 1 7/2 2 3

For 20 cm3 of C2H6 , the volume of O2 needed for complete combustion =  
20 x \  = 70 cm3.

However, with 80 cm3 of O2 introduced, there is an excess of unreacted
O2 of 10 cm3.

Volume of CO2 produced = 2 x volume of СгНб reacted
= 2 x 20 
=  40 cm3.

Volume of residual gaseous mixture = Volume of CO2 produced
+  volume of unreacted O2 

= 40 + 10 
=  50 cm3.

Approach for part (b): When a gaseous mixture is treated with 
NaOH(aq), acidic gases present will react with the alkali and be removed. 
The remaining gases, after the alkali treatment, are those that do not react 
with it.

Likewise, if a gaseous mixture is treated with HCl(aq), basic gases such 
as NHs(g) will be neutralised by the acid and thus removed from the gaseous 
mixture.

In th is  p rob lem , C02(g) is th e  acid ic gas th a t  w ill re a c t w ith  N aO H (aq ):

2NaOH(aq) + C 02(g) — > Na2C 03(aq) + H20(1).
This reaction is very similar to Ca(OH)2(aq) + C 02(g) — ♦ СаСОзЫ + 
H20(1), except that the calcium carbonate formed is insoluble in water.

Solution for part (b): Volume of gas that remained after the alkali 
treatment

=  Volume of residual gaseous mixture -  volume of C 02 
=  5 0 -4 0  
=  10 cm3.

Note that for this type of problem, the product H2O is taken to have r e v e r te d  

to the liquid state and is thus not part of the gaseous mixture.
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Example 3.2: 15 cm3 of a gaseous hydrocarbon is reacted with 140 cm3 
of oxygen which is in excess. After the reaction, the residual gas mixture 
is found to occupy 110 cm3 when measured under room conditions. When 
this mixture is treated with KOH(aq), the volume decreases to 50 cm3. What 
is the molecular formula of the hydrocarbon?

Solution: The residual gas mixture comprises both unreacted O2 and the 
product, CO2 .

Since CO2 reacts with KOH(aq),

Volume of 50 cm3 = Volume of unreacted O2 .

Thus,

Volume of O2 reacted = 140 — 50 = 90 cm3

and

Volume of CO2 produced =  110 — 50 = 60 cm3.

СХН;, +  ( s  +  | J o 2 —  xC 0 2 +  | h 2o

Volume ratio/cm3 15 90 60
Mole ratio/mol 1 6  4

Hence, x — 4 and (x + у /4) =  6 => у =  8.
The molecular formula of the hydrocarbon is С4Щ.

Example 3.3: 20  cm3 of a hydrocarbon is reacted with excess oxygen. At 
the end of the reaction, there is a reduction in volume of 50 cm3. When the 
gaseous mixture is treated with Ca(OH)2 (aq), there is a further reduction 
in volume of 60 cm3. What is the molecular formula of the hydrocarbon? 
Assume all volumes are measured at room temperature and pressure.

Solution: C0 2 (g) is the acidic gas that reacts with Ca(OH)2 (aq). Thus, its 
volume is 60 cm3.

Since 20 cm3 of the hydrocarbon reacts with excess O2 to produce 60 cm3 

CO2 , the value of x =  3.

CXHV + (® + I )  0 2 — * xC 02 +  | h 2o  

Volume ratio/cm3 20 ? 60
Mole ratio/mol 1 3
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Contraction of 50 cm3 =  Volume of hydrocarbon 4 - volume of 0 2 reacted
— volume of CO2

= 20  + У0з -  60.
Thus,

Vo2 =  90 cm3.
Therefore,

(x +  у / A) =  90/20
3 +  y/A =  9/2 

У =  6.

The molecular formula of the hydrocarbon is C3H6 .

3.1.5 The ideal gas law

If you have noticed thus far that these gas laws seem to be interrelated, 
you are right! Combining Boyle’s Law, Charles’ Law and Gay-Lussac’s Law 
gives us the Combined Gas Law [Eq. (3 .1)], which allows us to manipulate 
two variables and see the effect on a third variable:

PiVl _  Р2 У2 /3  у\
Ti T2 ■

If we are to include Avogadro’s Law into Eq. (3 .1), we will arrive at a single 
equation which allows us to predict what happens to a gas when not just 
two but three or more variables are changed at the same time. This equation 
is called the Ideal Gas Law, as given in Eq. (3.2):

pV =  nRT. (3.2)
The terms and units in Eq. (3 .2 ) are:

• temperature (T), expressed in kelvins
• amount (n), of gas expressed in moles
• pressure (p), commonly expressed in Pascal (Pa) or Nm~ 2 or atmospheric 

pressure (atm)
• volume (V), commonly expressed in dm3 or m3
• R } the molar gas constant.

Depending on the units chosen for pressure and volume, the molar gas 
constant R will have different values. R is frequently expressed as either 
8.31 J К” 1 т о Г 1 (S.I. unit) or 0.082 atm dm3 K" 1 mol-1 . Thus, there
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are two sets of units that you should be acquainted with for the two 
values of R :

(i) When R =  8.31 J К 1 mol x. (ii) When R = 0.082 atm dm3 K-1
mol-1.

You will find the following conversion data useful in calculations:

• 1 atm = 101,325 Pa or approximately 101 kPa
• 1 dm3 = 1000 cm3
• 1 dm3 =  10- 3  m3
• 1 cm3 =  10-6  m3

The volume occupied by one mole of gas is known as the molar volume and 
it is dependent on physical conditions. In this book, you will come across two 
common sets of conditions: (i) standard temperature and pressure (denoted 
as s.t.p.) and (ii) room temperature and pressure (denoted as r.t.p.).

Using the Ideal Gas Equation, we can derive the molar volume of an 
ideal gas in these conditions:

• At s.t.p. (where T =  273 К and p = 101 kPa or 1 atm), the molar volume 
of an ideal gas is 22.4 dm3 mol-1.

• At r.t.p. (where T  = 298 К and p = 101 kPa or 1 atm), the molar volume 
of an ideal gas is 24.0 dm3 mol-1.

Example 3.4:

MgC03 (s) +  2HCl(aq) —■* MgCl2 (aq) +  C02(g) + H20(1).

What is the mass of magnesium carbonate required to produce
20.0  dm3 of dry carbon dioxide at s.t.p.?

Solution: Assume 1 mole of gas occupies 22.4 dm3 at s.t.p.
Amount of C 02 to be produced = ^  =  0.8929 mol.
Amount of MgCC>3 needed = Amount of C 02 = 0.8929 mol.
Molar mass of MgC03 = 24.0 +  12.0 +  3(16.0) = 84.0 g mol"1.
Mass of MgCC>3 required = 0.8929 x 84.0 = 75.0 g (3 s.f.).

pV = nRT pV=nRT

Pa or m mol К
Nm-2

atm dm3 mol К
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Example 3 .5 : 0.5 moles of N2 and 0 .2  moles of CO2 are introduced i n t c ^  
a 5 dm3 evacuated vessel at 23°C. Assuming no reaction between the t w o -  
gases, what is the total pressure exerted on the vessel?

Solution: Data provided:
V = 5 dm3 =  5 x 10“ 3 m3.
T  =  23°C = 273 + 23 =  296 K. 
n — total amount of gas = 0.5 + 0.2 =  0.7 moles.
Substitute these values into the Ideal Gas Equation: 
pV = nRT

P =  ° '75xl0-3296 =  3 44 X 105 P a '

3.1.6 Farther m anipulations o f the ideal gas equation

The Ideal Gas Equation can be manipulated to determine properties such 
as concentration, mass, molar mass (or relative molecular mass) and density 
of a gas.

• To determine concentration of a gas, the Ideal Gas Equation is rearranged 
as follows:

p = ^ x R T ,

where n/ V  =  concentration.
• To determine mass (m), molar mass (M) or relative molecular mass (Mr)  

of a gas, the Ideal Gas Equation is modified as follows:
pV =  ^ x  RT,

where m/ M  — amount of gas in moles.
Mr has the same numerical value as molar mass. The only difference 

is that Mr is a dimensionless quantity while molar mass has units of g 
mol-1. The mass calculated is in grams.

• To determine the density of a gas, the Ideal Gas Equation is modified as 
follows:

m
м  x
m RT 

v = — x —
V M

RT
P =  P X ^ I '

where m/ V  =  density of gas (denoted by Greek letter Rho, p).
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Example 3.6: A gas in a 900 cm3 vessel is found to have a mass of 2.90 g 
at 30°C and 100 kPa. What is the relative molecular mass of the gas?

Solution: Assuming that the gas behaves ideally, we can make use of the 
following equation to solve for MT\

pV = nRT

pV =  J i x R T ’ №
Data provided:
p = 100 kPa =  100,000 Pa (Note: remember to convert kPa to Pa).
V = 900 cm3 =  9 x 10 4 m3.
T  =  30°C =  273 + 30 = 303 K. 
m =  2.90 g.

Substitute these values into Eq. (3.3): 
pV  =  §  x R T
100,000 x 9 x 10" 4 = 2jgo X  8.31 x 303 
M  =  81.1 gmol-1 .
Thus, Mr of the gas is 81.1.

Exercises

1 . A gas is found to have a density of 2.65 g dm- 3  at 24°C and 102 kPa. 
Determine the relative molecular mass (Mr) of the gas. (Answer: 64.1.)

2. A sample of NH3 (g) has a volume of 36 dm3 at 293 К and 98kPa. What 
is the mass of NH3(g) in the sample? (Answer: 24.6 g.)

3.1.7 D alton ’s Law o f P artia l Pressure

Dalton’s Law of Partial Pressure states that the total pressure of a mixture 
of gases is simply the sum of the partial pressures of the individual gases at 
the same temperature. The assumption herein is that the gases do not react 
with one another.

For a mixture which consists of gas X , Y  and Z, Dalton’s Law is repre
sented as

Ptotal =  Px “b Py "b Pz>

where ptotai =  total pressure of the gaseous mixture, and px, Py and pz — 
partial pressure of gas X , Y  and Z respectively.
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Q: What is partial pressure?
A: Partial pressure of a gas is essentially the pressure the gas will e x e — 

under the same conditions of temperature and volume if it alone w a s  •  
occupy the container.

Partial pressure can be calculated in the following ways:

• When the volume, temperature and amount of gas is given, use the I d o a i  
Gas Equation (i.e., pV  =  nRT) to solve for p.

• Make use of the relationship between partial pressure, mole fraction a n d  
total pressure:

Py =  X y X  Ptotah ( 3 . 4 )

where mole fraction, y„ =’ Лу * total*
The mole fraction (denoted by the Greek small letter Chi, x) ^  a d im eu- 
bionless number that expresses the composition of a mixture.

The mole fraction of a component, e.g., gas Y . in a mixture is defined a s  
the ratio of the number of moles of Y  (ny) to the total number of moles o f  
all components in the mixture (n^tai)-

Derivation of Eq. (3.4)
For a mixture of gases, the total pressure can be determined using

PtotalV  =  n tota\R T .  (3 -5 )

For component у in the mixture, its partial pressure can be solved using

PyV  =  riyRT. (3 -6 )

If we divide Eq. (3.6) by Eq. (3.5), we have

Py =  fry
Ptotal ^  total

which can be rearranged to give
ny

Py — ~  x  Ptotal- tttotal
Hence,

Py =  Xy X Ptotal *

Example 3.7: At 101 kPa, a balloon was found to contain 0 .2  moles of 
helium, 0.2 moles of oxygen and 0.5 moles of nitrogen. What is the partial 
pressure of oxygen?
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Solution: Use the equation: po2 =  xo2 x Ptotah where mole fraction, 
X°2  =  Ptotai is 101 kPa. Find ntotai by adding the amount of gases
present:

^total =  ™He +  П o 2 +

= 0.2 + 0.2 + 0.5

=  0.9 mol.
Insert the data into the equation

P o 2 =

Example 3.8: An 800dm3 vessel contains 0.14g of N2(g) and 0.24g of 
CH4(g) at 20°C.
(i) What is the total pressure in the vessel?
(ii) Hence, calculate the partial pressure of each gas.

Solution: In this problem, we need to calculate the total pressure of the 
vessel using pV =  nRT.
To calculate рт> we need to find п^:
Amount of N2 =  ^  = 5 x 10- 3  mol.
Amount of CH4 =  ^  =0.015 mol.
Hence,

пт = n n2 + ПСН4 — 0 .02  mol.
Thus,

„ _  nTRT _  0.02x8.31 x (273+20) _  a c\ c\
Рт -  - Y -  ~ -----sooxio^ “  r a -

Also,
Pn2 =  x 60.9 = 15.2 Pa.

and
PCH4 =  w x  60 -9 =  45 -7 P a - 

If we add up p^2 and рсн4) we get рт-

Example 3.9: 10 dm3 of gas V (measured at 298 К and 300 kPa) and 8 dm3 
of gas W  (measured at 298 К and 210 kPa) are mixed together in a 15 dm3 
vessel. Determine the total pressure in the vessel. Assume the gases do not 
react with each other and that temperature is held constant.

n 0 2
" x  Ptotal

^total

0.2 
= x 1010.9 
= 22.4 kPa
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Approach: Assume the gases behave ideally (so as to apply the gas laws)- 
To determine the total pressure of the vessel, we will apply Dalton's L aw :

7? total =  P v  + Pw-

However, we need to first determine the partial pressure of the gases in t h e  
15 dm3 vessel. The following data are given to us:

• Before mixing — volume and pressure of each gas is given.
• After mixing — volume is given but not pressure (which is what we have 

to find out).

Since temperature is fixed with volume and pressure data given, we can use 
Boyle’s Law to find the pressure of each gas after mixing, i.e., the partial 
pressure of the gas in the 15 dm3 vessel.

Solution:
Step 1 : Calculate the pressure of each gas in the 15 dm3 vessel.

Let the partial pressures of V and W, after mixing, be pv atm and p\v 
atm, respectively.
Applying Boyle’s Law, for gas V,
300 x 10 = pv x 15 
Pv = 200 kPa.
And for gas W,
210 x 8 =  pw x 15 
Pw = 112 kPa.

Step 2 : Calculate total pressure.

The total pressure in the 15 dm3 vessel = pv + pw
=  200 +  112 

= 312 kPa.

Example 3.10: A 6 dm3 flask containing gas A at a pressure of 10 atm is 
connected to a 14 dm3 flask containing gas В at a pressure of 5 atm.

10 atm 
6 dm3

5 atm 
14 dm3

What is the final pressure in the flasks after they are connected at 25° С and 
the pressures are allowed to equilibrate?



Ideal Gas and Gas Laws 95

Solution: The following assumptions hold for this question:

• The volume of connecting tube is negligible.
• The two gases do not react.
• There is no change in temperature on mixing.

After connection, the gases will equilibrate and the resultant volume is 
20 dm3. Let the new partial pressures of A and В be рд atm and peatm, 
respectively. Using the formula, p\V\ = P2V2 :
Pa = (10  x 6 ) /2 0  =  3atm,
PB = (5 x 14)/20 = 3.5 atm.
According to Dalton’s Law of Partial Pressure:
Final pressure, ptotai = Pa + Pb =  3 +  3.5 = 6.5 atm.

3.1.8 Types o f m athem atical problems involving the gas laws

When asked to determine any one of the variables, amount of gas, pressure, 
volume or temperature, refer to Fig. 3.3 for help in choosing the appropriate 
gas laws to use.

When a problem involves determining the Mr of the gas, its concentration
or its density, use the Ideal Gas Equation and manipulate it so as to insert

mass . amount in molesn =  — :----------; concentration = --------- ------------ ;molar mass volume
mass

density = —:----- .volume
For questions that deal with a mixture of two or more gases, the common 
types of calculation require the determination of

• Total pressure using Dalton’s Law of Partial Pressure.

Fig. 3.3. Schema for selecting gas laws.
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• Partial pressure of a gas, py, by the following methods:

° Py =  Xy X Ptotai, where xy =
o Boyle’s Law or Gay-Lussac’s Law (when T  or V is held constant, respec

tively).

3.2 Kinetic Theory of Gases
Q: When we apply any of the gas laws mentioned, we input the volume of 

the container as the volume occupied by the gas molecules to calculate 
the other properties, such as pressure, of the gas. Do we need to factor 
in the physical dimension (such as volume) of the gas molecules and 
subtract this value from the volume of the container to give the resulting 
volume of empty space that the molecules can occupy?

A: If we factor in the volume of the molecules, the mathematics involved 
will be made more complex but it will not improve the accuracy in 
applying the gas laws. Thus, for these laws, it is assumed that molecules 
have negligible volume. It is okay to make such an assumption since 
gas molecules are extremely small particles that are far apart from one 
another and they move freely anywhere inside a container.

Q: In Chap. 2 on Chemical Bonding, we have said that “like dissolves like”. 
Thus, will gas molecules such as those of H2O and N2 tend not to mix 
with one another since H2O molecules are polar and N2 molecules are 
non-polar?

A: The very fact that these gases do mix suggests that intermolecular forces 
do not play a significant part in the behaviour of gases. It is plausible 
to assume that gas particles do not exert strong attractive forces on one 
another since they travel at very high speed and therefore hardly have 
the chance to interact with one another. From another perspective, the 
separation between gas particles is so large that it allows other types of 
gas particles to come in between.

If we consider the presence of weak attractive forces, the pressure either 
measured or calculated using the gas laws will be less than what it could 
actually be, since now, with molecules being attracted to one another, the 
impact of collision on the walls of the container will be less, leading to less 
force exerted on these walls.

The Kinetic Theory of Gases utilises these assumptions along with a 
few others so as to create a mathematical model that is used to study the
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behaviour of gases. What the theory seeks to do with all the assumptions in 
place is to give us a picture of how a gas will behave under perfect conditions 
in an ideal world. Accordingly, the gas that obeys all these assumptions is 
an ideal gas.

The assumptions applied to the Kinetic Theory of Gases are:

• The size of gaseous particles is negligible compared to the volume of the 
container it occupies. Thus, the particles are widely separated and can 
move anywhere in the container.

• The gas particles do not exert attractive forces on one another.
• The gas particles move around randomly, colliding occasionally with one 

another and the walls of the container.
• Collisions between the gas particles are perfectly elastic, i.e., there is no 

loss of kinetic energy upon collision.
• The average kinetic energy of particles in a gas is constant at constant 

temperature. The average kinetic energy is proportional to the absolute 
temperature.

The gas laws covered in this chapter assume that real gases behave like an 
ideal gas. An ideal gas obeys these laws totally under all types of conditions. 
On the other hand, real gases only obey these laws under conditions of high 
temperature and low pressure.

When precise measurements are made over other ranges of temperature 
and pressure, you will find that the gas laws do not hold up quite so well 
for real gases. Section 3.2.2 explains why this is so.

Nonetheless, even if an ideal gas is just a hypothetical gas that does 
not exist in real life, the concept of an ideal gas helps us to gain a better 
understanding of real gases by simplifying their complexities so that they 
can be more easily understood.

3.2.1 Graphical plo ts representing ideal behaviour

For a fixed amount of ideal gas, we can use the Ideal Gas Equation to 
generate graphical plots that show its ideal behaviour.

For instance, to generate a graph of pressure against volume (p versus 
V) at constant temperature, we first have to define the relationship between 
p and V. We can deduce this by inspecting the Ideal Gas Equation.

Rearranging pV =  nRT , for p gives p — z1̂ - .  Since n , R and T  are 
constants, we can say that p oc y .  Thus, p is inversely proportional to V 
and a plot of p versus V is shown in Fig. 3.4.

What is the graph for p versus pr?
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In mathematics, you would have come across the equation for a straight 
line:

Comparing Eqs. (3.7) and (3.8), a plot of p versus у  will be a straight line 
plot, passing through the origin as shown in Fig. 3.5.

Exam ple 3.11: For a fixed amount of ideal gas, sketch the following graphs 
to depict its ideal behaviour:

(a) pV versus p at constant T,
(b) pV  versus V at constant T,
(c) V versus T(I<) at constant p,
(d) V versus T(° C) at constant p,
(e) p versus T(K) at constant p.

Solution:

у  =  mx +  C, (3.7)
where у and x are values on the axes, m  stands for gradient and С  stands 
for the intersection of the line with the y-axis.

From the relationship p a ^ ,  we can form the equation

p =  (3.8)(3.8)

F ig . 3 .4 . A graph of p  versus V .

constant T

F ig . 3 .5 . A graph of p  versus 1 /V .

(a) Applying pV  =  nRT:

pV  =  constant.

Thus, for an ideal gas, pV  is a constant 
at all values of p.

pV*  constant T



Ideal Gas and Gas Laws 99

pV  =  constant.

Thus, for an ideal gas, pV is a constant 
at all values of V.

(b) Applying pV =  nRT: constant T

pV  versus V

(c) Applying pV = nRT:

v  = —
V

Since n, R and p are constants,
V ос T. The plot of V versus T is a 
straight line passing through origin.

constant p

V versus T(K)

(d) From part (с), V ос T. However, the 
unit for temperature is kelvin. Since 
IK  =  273.15°C, we say that V oc 
(T +  273.15) when unit of T  is 
degree Celsius. The plot of V versus 
T(° C) is a straight line with a y-axis 
intersection.

VA constant p

-273 ^  П °C)
V versus T{°C)

The temperature of —273.15°С (i.e., 0 K) on the ж-axis is known as “absolute 
zero” as any temperature below this point indicates a gas with negative 
volume.

(e) We can manipulate the Ideal Gas Equation to include the density term:

pV =  nRT PA

p =  p x  

pM

RT
M

constant p

P = RT
p versus T

Since p, M  and R are constants, p oc

The plot of p versus Г is a curve showing their reciprocal relationship.



Exercises: Which graph represents the behaviour of a fixed amount of an 
ideal gas?
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Graph A 

PV A constant n

pV  versus T

Graph В 

P/N constant V

p versus T

Graph С Graph D

PA constant T

p versus p pVp versus in

constant n

pM
>  T

[Answer: Graphs В, С and D] Did you realise these plots illus
trate the various gas laws? 
Boyle’s Law: p  ex. у  
Charles’ Law: V  ос T  
Gay-Lussac’s Law: p  ос T

3.2.2 D eviation  from  ideal gas behaviour

For a given amount of ideal gas, a plot of ^  versus p will yield a horizontal 
straight line.

-------------- >  P
Pv

versus p

When experiments are performed on a real gas, taking nitrogen for instance, 
the plot of ^  versus p does not yield a straight line. Instead, the graph 
shows a deviation from the ideal plot if nitrogen were to behave ideally 
(Fig. 3.6).
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F ig. 3.6 . Graph of ^  versus p  plotted at various temperatures for nitrogen.

Figure 3.6 shows that nitrogen deviates greatly from ideal behaviour at 
conditions of

• high pressure, and
• low temperature.

These are precisely the kind of conditions under which we would expect the 
assumptions of an ideal gas to be invalid for a real gas.

Unlike ideal gases, the molecules of real gases actually experience attrac
tive forces between one another, which allows real gases to be liquefied under 
high pressures. In addition, real gas molecules do occupy finite volumes. 
These features are neglected in the Ideal Gas Law, but they become increas
ingly significant when real gas molecules are close together. And it is at 
conditions of low temperature and high pressure that we find gas molecules 
very close together.

3.2.2.1 Changes in pressure

There are no intermolecular forces between ideal gas particles; thus, one 
cannot liquefy an ideal gas. Hence, when a pressure is applied, the volume 
of a container decreases proportionately according to pV =  nRT.

If we apply high pressure to a vessel containing nitrogen, intermolecular 
forces pull the molecules closer together than they would otherwise be if it 
were an ideal gas (Fig. 3.7).

Thus, the ^  (or pV) value for a real gas would be lower than for an 
ideal gas, accounting for the portion of the graph in Fig. 3.6 that dips below 
the ideal plot.
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pV  < 30 units

О О О 0 ( Г

р = 10 

Real gas

pV=  5 x 6  
= 30 units

p = 5

pV=  lO x 3 
= 30 units

о о o _  
о о a~

p = 10 

Ideal gas

Fig. 3.7 .

pV  > 30 units

5 — 5

o p o o e  
p = 20 

Real gas

F ig. 3.8 .

If pressure is continuously exerted on a real gas, there is a point at which 
the gas particles are so close together that any further increase in pressure 
leads to a volume decrease that is less than that in an ideal gas (Fig. 3.8).

In this case, the ^  (or pV) value for the real gas is higher than if it were 
an ideal gas, accounting for the portion of the graph in Fig. 3.6 that rises 
above the ideal plot. We say that the “size effect” is significant under high 
pressure conditions; in other words, the volume of the gas particles becomes 
significant.

3.2.2.2  Changes in temperature

When a gas is cooled to low temperatures, one expects the kinetic energy 
of the molecules to drop. Slower movement means that the gas particles 
are able to attract one another much more strongly. Now, when pressure 
is applied to this real gas at low temperature, there is a significant devia
tion from ideal behaviour, i.e., pV < nRT. The lower the temperature, the 
greater the deviation (Fig. 3.6).

pV = 5 x 6  
= 30 units

p = 5

pV  = 20 x 1.5 
= 30 units

p = 20 

Ideal gas

pV=  5 x 6  
= 30 units

°
о  -

LO_____©|
p = 5
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If a real gas deviates greatly from ideal behaviour at high pressures and 
low temperatures, the reverse is true, that is, the real gas would approximate 
ideal behaviour at low pressures and high temperatures!

Example 3.12: Explain why real gases behave most like an ideal gas at low 
pressure and high temperature.

Solution: A real gas is expected to behave ideally at

• low pressure, and
• high temperature.

At low pressure the gas molecules are far apart, so the intermolecular 
forces of attraction between them are negligible. The volume occupied by the 
gas molecules can also be considered negligible as compared to the volume 
of the container.

At high temperature, the gas molecules have large enough kinetic energy 
to overcome the intermolecular forces of attraction between them and thus 
these can be considered negligible.

3.2.3 N ature o f gas

Since real gases deviate from ideal behaviour because of the existence of 
attractive forces and the finite volumes that the molecules occupy, we would 
expect greatest deviation for the real gas whose molecules (i) experience the 
greatest attractive forces, and (ii) are largest in size.

Figure 3.9 shows the plots of ^  versus p for one mole each of H2 , N2 and 
NH3 . We would expect these real gases to behave ideally at low pressures.

Fig. 3.9. Graphs of versus p plotted at 0°C for 1 mole of NH3, H2 and N2.
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Looking at the leftmost side of the x-axis (i.e., at low pressures) in Fig. 3.9, 
it is noted that deviation is greatest for NH3 , followed by N2 , and lastly H2. 
This trend can be accounted for by two factors:

• type and magnitude of attractive forces, and
• size of the molecules.

3.2.3.1 Type and magnitude of attractive forces

Strong hydrogen bonding exists between the polar NH3 molecules while 
weaker instantaneous dipole-induced dipole (id-id) interactions exist 
between the non-polar N2 molecules, and likewise for the non-polar H2 
molecules. Thus, with stronger intermolecular forces of attraction between 
molecules of NH3 than the other two gases, deviation from ideal behaviour is 
greatest for NH3 , i.e., pV < nRT  is most significant for NH3 for a particular 
applied pressure.

3.2.3.2 Size of molecules

This effect is only prominent under very high pressure conditions because 
as the gas particles are being pushed closer together, the repulsive force 
between their electron clouds becomes more significant than the attractive 
force. Hence, this results in a volume decrease that is less than that for 
an ideal gas, i.e., pV > nRT. The deviation is actually attributed to the 
repulsion between the gaseous particles when they are close to one another.

In general, deviation is greatest for large, polar molecules with strong 
intermolecular forces of attraction and smallest for small, non-polar 
molecules. For example, in decreasing order of deviation: CI2 > NH3 > 
HC1 > C 02 > 0 2 > N2 > H2 > He.

Although CI2 is a non-polar molecule, its deviation from ideal behaviour 
is much greater than NH3 because the id-id interactions between Cl2 
molecules are stronger than the hydrogen bonding between NH3 molecules.

Example 3.13: List the gases He, Ne, 0 2, H20 , NH3 and C2H6 in order of 
increasing deviation from ideal gas behaviour.

Solution: In order of increasing deviation: He, Ne, 0 2, C2H6, NH3, H20 . 
Explanation:

• H2O deviates more from ideal behaviour than NH3. The hydrogen bond
ing between gaseous H2O molecules is more extensive than NH3 (refer 
to Chap. 2).
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• H2O and NH3 deviate more from ideal behaviour than the rest. 
Hydrogen bonding between molecules of H2O and NH3 is stronger than 
the id-id interactions between the non-polar molecules.

• Deviation increases in the order: He < Ne < O2 < СгНб- The strength 
of the id-id interaction depends on the number of electrons the molecule 
has. The greater the number of electrons a molecule has, the more polar- 
isable the electron cloud is, and hence the stronger the id-id interaction. 
Thus, with C2H6 having the greatest number of electrons, the id-id 
interactions between its molecules are the strongest.

My Tutorial (Chapter 3)

1. (a) The critical point is a particular temperature and pressure condition
whereby supercritical fluid exists. Supercritical fluid is a special sub
stance which is neither solid, liquid nor gas, and carbon dioxide is 
one of the most widely used supercritical fluids. Calculate the vol
ume of 1 mol of carbon dioxide at its critical point, assuming that it 
obeys the ideal gas equation.

(Tc = 304 K, pc =  74 x 105 N m"2, R  .= 8.31 J K" 1 mol-1.)

(b) The actual volume at the critical point of 1 mol of carbon dioxide is 
different from the value predicted by the ideal gas equation. Explain 
the given phenomenon.

(c) The van der Waals’ equation (p + a / V2)(V -  b) = RT  can be used 
to account for the effect of gas impaction.
(i) What physical meaning do the constants a and b have?

(ii) Explain how the constants would be different for gases such as 
hydrogen, nitrogen and ammonia.

(d) A sample of urine containing 0.120 g of urea, NH2CONH2 , is treated 
with an excess of nitrous acid. The urea reacts according to the 
following equation:

NH2CONH2 + 2HN02 — ♦ C 02 + 2N2 + 3H20.
The gas produced is passed through aqueous potassium hydroxide 
and the final volume measured. What is this volume at room tem
perature and pressure?

2. (a) (i) List the main assumptions of the kinetic theory for ideal
gases.

(ii) Suggest under what conditions real gases might deviate from 
ideality.
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(b) Experimentally, it has been found that the rate at which a gas diffuses 
through a porous barrier at constant temperature and pressure is 
inversely proportional to the square root of its molar mass:

R a te ^ l /M ,)1/2.
Carboxylic acids are known to dimerise in the gas phase. A sample o f 
ethanoic acid vapour takes twice as long to diffuse through a porous 
barrier as the same amount of neon gas. Use this information to  
calculate:
(i) the apparent molar mass of the ethanoic acid vapour, and
(ii) the mole fraction of dimeric ethanoic acid in the vapour phase 

under these conditions.
(c) (i) Suggest how increasing the pressure and increasing the temper

ature will affect the rate of diffusion of neon.
(ii) Assuming that only a small amount of gas is allowed to diffuse, 

explain how increasing the pressure and temperature affects the 
rate of diffusion of the ethanoic acid vapour.

3. Gaseous xenon tetrafluoride, XeF4, at a partial pressure of 2 .0  kPa, and 
hydrogen, at a partial pressure of ЮкРа, are exploded in an enclosed 
container producing xenon and hydrogen fluoride.
(a) Write the balanced equation for the reaction between xenon tetraflu

oride and hydrogen.
(b) Calculate, in terms of partial pressure, how much of hydrogen reacted 

with all the xenon tetrafluoride present.
(c) Hence calculate the total pressure of the mixture of gases in the 

enclosed container, assuming temperature remains constant.
(d) Suggest reasons why fluorides of xenon have been synthesised 

whereas fluorides of the other noble gases, helium, neon, argon, are 
relatively uncommon.

4. A plot of p/p against pressure p at a given temperature for an unknown 
gas X is shown below.
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(a) Is the gas behaving ideally?
(b) Give an explanation for the graph obtained.
(c) Using the axes provided above, give a sketch of p/p against pressure 

p for gas X under a higher temperature.
(d) Using the axes provided above, give a sketch of p/p against pressure 

p for gas Y, which has a higher boiling point than X.

5. A sample of pure organic liquid W of mass 0.146 g is vapourised in a
gas syringe at 127°C and occupies a volume of 100 cm3 at a pressure of
101 kPa.
(a) Calculate the relative molecular mass of W from the experimental 

data.
(b) The accurate composition by mass of W is C: 52.2%; H: 13%; 

O: 34.8%. Determine the empirical formula of W.
(c) What are the likely formula and relative molecular mass of W based 

on part (b)?
(d) Suggest two possible reasons for the difference between the values of 

the relative molecular masses in parts (a) and (c).





CHAPTER 4

Chemical Thermodynamics

Q: What is “thermodynamics”?
A: Thermodynamics is the study of the interaction between matter and 

energy. It is concerned principally with energy changes and the flow 
of energy from one substance to another.

Q: Why must we know about thermodynamics?
A: It can be used to predict the behaviours of chemical systems — to 

determine whether or not a change is possible.

Energy is defined as the ability to do work. There are two fundamental types 
of energy that particles in matter possess:

• Kinetic energy (K.E.): the energy of motion arising from rotations, vibra
tions and translational movements of particles. The temperature of a 
system is a measure of the average kinetic energy of that system.

• Potential energy (P.E.): the energy that particles store within the elec
trostatic attractions or repulsions that they experience with one another.

According to the First Law of Thermodynamics, energy can neither be cre
ated nor destroyed; it can only be transferred. The ways to change K.E. and 
P.E. from one form to another are through heat or work. Energetics is thus 
the study of heat changes that occur during chemical reactions and phase 
changes.

Since many reactions are carried out under constant pressure, the energy 
content of a substance at constant pressure is termed its enthalpy (H). 
However, it is not possible to measure the enthalpies of all particles in 
a system. Instead, a standard set of conditions is fixed wherein elements, 
taken to be in their most stable form at 298 К and 1 atmosphere, have

109
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zero enthalpy. With this standard, we can compare enthalpies, in terms of 
enthalpy changes (ДH)  measured as the flow of heat in and/or out of a 
system. The units for A H  are J mol-1  or kj mol-1 .

As the enthalpy of a substance is a measure of its energy content, it also 
reflects its stability.

Q: Why is the pressure kept constant when we define the energy content? 
A: For chemists, since most of our reactions happen under conditions of 

constant atmospheric pressure, it is logical to define the energy content 
(Я) by keeping the pressure constant. There are other energy contents 
of a system defined by keeping other conditions constant. For example, 
under conditions of constant volume, we define the energy content as 
Internal Energy, whereas under conditions of constant temperature and 
pressure, we term it the Gibbs Free Energy.

Q: What is meant by the “enthalpy of a substance reflects its stability”?
A: If AH is negative, it means that the energy content of the products is 

lower than that of the reactants; and the lower the energy content, the 
more stable the substance is, and vice versa.

Q: Why is a substance, with higher energy content, less stable?
A: Recall that the energy content of the particles in a substance is in 

the form of kinetic energy and potential energy. If the particles have 
higher kinetic energy, it means that they are moving faster and electro
static attractive forces may not be able to hold the particles together. 
The particles may just simply “fly away” — just like in melting and 
boiling. Likewise, if there is a larger amount of potential energy stored, 
this means that the particles are further apart. Recall in Chap. 1 on 
Atomic Structure that we discussed that if two particles are an infi
nite distance apart, the electrostatic attractive force between them is 
negligible. So would you expect such a system to be stable?

4.1 Energy Changes in Chemical 
Reactions

A chemical reaction involves the rearrangement of particles (atoms, ions 
or molecules). During this process, old bonds are broken and new bonds 
are formed. The breaking of bonds requires energy (an endothermic 
process) and the formation of bonds evolves energy (an exothermic 
process).
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The difference between the quantity of heat needed to break the bonds 
in the reactants and that evolved during the formation of new bonds in the 
products, under the condition of constant pressure, gives rise to the heat 
change (or enthalpy change) of a reaction.

Q: Where does the energy required to break the bonds come from and 
where does it go?

A: Good question. The source of energy required for bond breaking is in 
the form of K.E. and this K.E. is transformed into the P.E. stored in the 
bond. What happens when the K.E. is large? The particles vibrate very 
fast, which means that it can increase the distance of separation. This 
resultant increase in bond length means that the P.E., which is being 
stored within the bond, has increased. The reverse is true when a bond 
forms: P.E. is released as K.E.. So remember that the energy required 
to break a bond is stored as P.E. in the bond.

Energy level diagrams help to illustrate the relative energies of the reactants 
and products, and hence, the enthalpy change of a reaction.

For an exothermic reaction, heat is lost from the system to the sur
roundings. The energy content of the reactants is higher than that of the 
products, as depicted by the negative value of AH. Since the products have 
a lower energy content, they are said to be more energetically stable com
pared to the reactants. Examples of exothermic reactions include the com
bustion of fuels and the neutralisation reaction between strong acids and 
alkalis.

Energ

reactants

ЛЯ <0 

4 / products

For an endothermic reaction, heat is absorbed by the system from the 
surroundings. The energy content of the reactants is lower than that of the 
products, as depicted by the positive value of AH. The products are less 
energetically stable compared to the reactants.
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Energ

products

Д//> 0

Examples of endothermic reactions include photosynthesis and thermal 
decomposition.

The magnitude and sign of ДЯ provides us with important information. 
Other than informing us of the stability of the product relative to the reac
tant, the AH value also reflects the strength of bonds in the product relative 
to the reactant. A negative AH  (exothermic) indicates that the bonds in 
the product are stronger than those in the reactant, and vice versa.

Q: If an exothermic reaction gives rise to products that are more stable 
than reactants, do all exothermic reactions possibly occur?

A: No. Many reactions are energetically feasible (exothermic) but they 
occur only very slowly due to the high activation energy involved — the 
energy barrier that needs to be surmounted before successful reactions 
can occur. Such reactions are said to be kinetically non-feasible. (More 
details are discussed in Chap. 5 on Reaction Kinetics.)

An example of a kinetically non-feasible reaction is the conversion of 
diamond to graphite:

С (diamond) — > С (graphite), AH  = -1.83 kJ mol"1.

Energy

Diamond is energetically less stable than graphite, but it is kinetically 
stable — hence the expression, “Diamonds are forever”.
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On the other hand, petrol is energetically unstable, in terms of its 
reaction with oxygen in air, but it is kinetically stable until the change 
is triggered by a spark or a flame.

Thus, the enthalpy change of a reaction is an indication of the energetic 
(thermodynamic) stability, not the kinetic stability. It says nothing about 
the rate of a reaction.

Q: So if thermodynamics regards a reaction or change as possible, it may 
not be observed?

A: Yes, the reaction must occur fast enough to be observed and this would 
be where the study of kinetics comes in.

4.1.1 Standard enthalpy changes

This section covers common enthalpy terms and their definitions that you 
need to be well-versed in to aid your understanding of this chapter. For com
parison of enthalpy changes, the standard conditions of 1 atm and 298 К are 
adhered to. The superscript (*) is used to denote standard conditions.

• Standard enthalpy change of reaction (AH rxn*)

This is the energy change when molar quantities of reactants, as specified 
by a chemical equation, react to form products under standard conditions. 
For example,

N2(g) + 3H2(g) — > 2NH3(g), ДЯгхпв = —lOOkJ mol-1. (4.1)

The negative sign of А Я indicates that heat is evolved from the reaction. 
More specifically, 100 kJ of heat is evolved when 1 mol of N2 gas reacts 
with 3 mol of H2 gas to form 2 mol of NH3 gas. The units “kJ mol-1” are 
used to refer to “per mole of stated equation of specific stoichiometry.”

Example 4 .1 : Determine the value of A#rxne for the following reaction:

iN 2(g) + §H2(g) — > NH3(g). (4.2)

Solution: AHTxn* for the reaction is -50 kJ mol-1. This is because the 
molar quantities in Eq. (4.2) are actually half of those in Eq. (4.1). And 
the unit is still kJ mol-1. Hence, it is important to state the appropriate 
equation for a particular AH value quoted.
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• Standard enthalpy change of formation (AHf*)

This is the energy change when one mole of a pure compound in a 
specified state is formed from its constituent elements in their naturally 
occurring states under standard conditions. For example,

H2(g) +  i o 2(g) —  H20(l),

C(s) + 2H2 (g) — * CH4(g).
Note that the value of A # f e  for elements in their naturally occurring states 
at 298 К and latm is zero, i.e.,

A # f e [ H 2 ( g ) ] = 0 ,  A # f e [ C ( s ) ]  =  0 .

Q: Can we call this enthalpy change of reaction?
A: Yes, you can, but then it would no longer be specific. If you term it 

enthalpy change of formation of water, you can directly formulate the 
reaction equation from its definition, which would then be helpful in 
the formulation of the energy cycle. This is why you need to know the 
definitions of each kind of enthalpy change.

• Standard enthalpy change of combustion (A H Ce)

This is the energy evolved when one mole of a substance is completely 
burned in oxygen under standard conditions. It is an exothermic quantity. 
For example,

CH4(g) + 202(g) — > C02(g) + 2H20(1), ДЯсе = - 8 6 6 kJmol"1, 

Mg(s) +  ±02(g) — ♦ MgO(s), AHce =  -601 kJ mol"1.

• Standard enthalpy change of neutralisation (A H neutG)

This is the energy change when an acid and alkali are neutralised to form one 
mole of water (in a dilute aqueous solution) under standard conditions.

Q: Why is the term “energy change” used here? Why not “evolve” or 
“absorb”?

A: AHnexit* can be either endothermic or exothermic, depending on the 
reaction system in consideration. This is because the acid or base 
involved in a neutralisation reaction can be either strong or weak. Strong 
acid or strong base refers to acid or base that have fully dissociated, 
whereas weak acid or base refers to them being partially dissociated. 
(More on this is covered in Chap. 7 on Ionic Equilibria.)
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• For strong acid-strong base neutralisation, e.g., HCl(aq) reacting with 
NaOH(aq):
о There is complete ionisation of the substances in water, forming ions, 
о The neutralisation reaction can be given as:

H+(aq) + OH-(aq) — > H20(1), Д tfneute = -57.0kJmol"1.

• For neutralisation involving a weak acid or a weak base, or both:
о Weak acid and weak alkali undergo partial ionisation in water,
о As ionisation is an endothermic process, energy is required for the com

plete ionisation of such weak acids and alkalis,
о Thus, the value of ДЯпеиЬв in these cases is less exothermic than that 

for a strong acid — strong base neutralisation.

For example,

CH3COOH(aq) + NaOH(aq) CH3COO"Na+(aq) + H20(1), 
Atfneute =-“ 55.2 kJ mol"1.

• AHneute for a weak acid-weak base neutralisation is the least exother
mic as energy has to be used to bring about complete ionisation of both 
substances. For example,

CH3COOH(aq) + NH3(aq) — > CH3COO"NH4+(aq),

A#neute = 50.4 kJ mol"1.

Q: Why do different acid molecules have different degrees of ionisation?
A: It depends on the strength of the bond that one needs to break. Breaking 

a H-Cl bond requires a different amount of energy to that needed to 
break a O-H bond in CH3COOH. Knowing the chemical bonding topic 
well will help your understanding.

Q: Why is the term “dilute” emphasised?
A: In Chap. 7 on Ionic Equilibria, you will learn that the concentration of 

an acid or base affects its degree of dissociation. Thus, it is important to 
realise that all these chemistry topics are interrelated. So do not learn 
one topic and forget the rest! Integrate them and you will be able to see 
a more fuller picture.
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• Standard enthalpy change of atomisation (A H ate) of an element

This is the energy absorbed to form one mole of gaseous atoms from 
the element in the defined physical state under standard conditions. This is 
an endothermic quantity since it involves bond breaking.

For example,

5H2(g) — * H(g), Atfate =  +218 к J mol-1 ,

Mg(s) — > Mg(g), Atfate =  +148 kJ mol"1.

• Standard enthalpy change of atomisation (AjF/ate) of a compound

This is the energy absorbed when one mole of a compound in the 
defined physical state under standard conditions is converted into its con
stituent gaseous atoms. The higher the A # ate value, the stronger the 
bond strength. For example,

CH4(g )— *C(g) + 4H(g),

H20(1) — ► 2H(g) + 0(g).
One should always start off with the naturally occurring state of the com
pound at room temperature.

• Bond energy (BE) of an X -Y  bond is the average energy a b so r b e d  
when one mole of X —Y  bonds are broken in the gas phase under 
standard conditions. This is an endothermic quantity since it involves 
bond breaking. The stronger the bond, the more endothermic the bond 
energy is. For example,

Cl2(g) — » 2Cl(g), BE(Cl-Cl) =  +244kJ шоГ1.
It is useful to bear in mind that some of the enthalpy change terms may 
overlap with one another. For example,

i c i 2(g) — * Cl(g), ДЯа1в =  +122 kJ mol-1 ,

Cfe(g) — * 2Cl(g), 2 x Atfate =  +244 kJ mol-1.
Therefore,

BE(Cl-Cl) = 2Atfate[Cl2(g)].
In another example, the enthalpy term for the reaction Mg(s) + ^02 (g) — ♦ 
MgO(s) may be represented by either АЯс° or ДЯгв. It is therefore impor
tant to be able to translate from the definition of an enthalpy term to an 
equation, and vice versa.
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• Bond dissociation energy (BDE) of an X-Y bond is the energy 
required to break one mole of that particular X-Y bond in a partic
ular compound in the gas phase under standard conditions.

For example, the BDE of C-Cl differs for each of the chlorine-containing 
molecules:

н ci н
i i I

н — с — С I Cl— с — Cl H,C— с — Cl
i  I IH Cl H

BDE(C-Cl) 335 kJ т о Г 1 327 kJ mol" 1 342 kJ mol" 1

The strength of a bond is influenced by neighbouring atoms. For 
example, if values for the C-Cl bond are obtained for many compounds, an 
average bond energy for the C-Cl bond can be obtained. Thus, bond energy 
is an average value, whereas bond dissociation energy is more specific to the 
compound under consideration.

Formulae in the equations must be accompanied by state symbols.
As can be seen from Eqs. (4.3) and (4.4), there are differences in the ДЯ° 

values for the two reactions. Less energy is released in the second reaction 
as a portion of it is used for the vapourisation of H2 0 (l) to H2 0 (g). Energy 
changes are also associated with phase changes and therefore we have to be 
cautious about the state of the substances.

H2(g) +  i 0 2(g) — * н 20(1), ДЯ® = -285.8 kJ т о Г 1, (4.3) 
H2(g) + | 0 2(g) —  H20(g), ДЯв = —241.8 kJ mol-1. (4.4)

4.1.2 Calculating enthalpy changes from  experimental data

Let us suppose for instance that we want to determine the enthalpy change 
of neutralisation for the reaction between NaOH(aq) and H2S0 4 (aq):

2NaOH(aq) + H2S04(aq) — > Na2S04(aq) + 2H20(1).
A typical school experimental set-up is shown below.
Procedure: A measured volume of NaOH(aq) of known concentration is 
placed in an insulated polystyrene cup. The initial temperature (7]) of the 
solution is recorded before the start of the reaction. At a suitable time 
interval, a measured volume of H2S0 4 (aq) of known concentration is added 
to the cup. Continuous stirring is performed while the temperature of the 
resultant solution is recorded at regular time intervals.
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Time, I. (mill) 0 1 2  3 4 5 6 7 8

Treatment of results: With the data obtained, a temperature-time graph 
is plotted.

The maximum temperature change occurs at tmjx when the reactants are 
first mixed. A good estimate of the temperature (T f )  at t miX is done by 
extrapolation. In so doing, it is assumed that heat loss to the surroundings 
has been accounted for. This is possible because the value of T f corresponds 
to the heat that is being released at one go when all the reactants react at 
that specific moment in time.

Calculations: The heat change of the reaction (Q) is calculated using the 
formula:

Heat absorbed/released = me AT,
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where m is mass of solution (g), с is the specific heat capacity of the solution 
(J g-1  K-1), and AT = Tf -  Ti(K).

Since we usually measure volume for solutions rather than their mass, 
the formula can be rewritten to include a density term:

Heat absorbed/released = pV с AT,

where p is the density of the solution (gem-3), and V is the volume of the 
solution (cm3).

A simplification of the calculations includes the use of the following 
assumptions:

• The density of the solution is that of pure water, 1.00gem-3.
• The specific heat capacity of the solution is that of water, 4.18 Jg-1  K-1.

Q: What is the specific heat capacity of a solution?
A: Specific heat capacity is the quantity of heat required to raise the 

temperature of a unit mass of the substance by IK. A similar term is 
the heat capacity of a mass of substance, which is the quantity of heat 
required to raise its temperature by 1 K.

Q: Why approximate both the density and specific heat capacity of the 
solution to that of pure water?

A: When the reaction happens, the majority of the heat energy that is 
released is transferred to the surrounding water molecules in the form of 
K.E. This is because the water molecules are present in huge amounts 
compared to the actual amount of reactants involved in the reaction. 
Thus, it is logical to approximate both the density and specific heat 
capacity of the solution to that of pure water.

After the heat change of reaction is obtained, ДЯт  is determined using 
the formula:

. „  Heat absorbedД  _ | ____ ______________________•
rxn Amount of limiting reagent ’

Heat evolved 
rxn — д m0Unt оf  limiting reagent

In summary, the set of calculations involve:

• determining the amount of limiting reagent
• calculating the amount of heat absorbed/evolved, and
• calculating the enthalpy change of the reaction.
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Example 4.2: 40 cm3 of 0.4 mol dm-3  NaOH(aq) is placed in an insu
lated polystyrene cup. The initial temperature recorded is 28.0°C. 40 cm3 of
0.2 mol dm-3  H2S04(aq) is then added. Upon mixing, the temperature rises 
to 30.7°C. Calculate the enthalpy change of neutralisation for this reaction.

Solution: Assume that:

• the density of solution is that of water, 1 .0 0 gem-3 , and
• the specific heat capacity of the solution is that of water, 4.18 J g-1  K-1.

Total volume of resultant solution = 40 + 40 = 80 cm3.
Heat evolved = mcAT = pVc(T{ -  7]) =  1 x 80 x 4.18 x (30.7 -  28.0) = 
902.9 J.

In this example, the amount of limiting reagent is not calculated but 
rather the amount of H20  is found. This is in accordance with the definition 
°f A-̂ neut» which specifies the enthalpy change involved in the formation of 
one mole of water:

* rj Heat evolved— ““ “—--------- — ■ ,
Amount of water formed

Q: Why must there be a negative sign in the above formula?
A: Since heat is evolved from the reaction, A lvalues for such exothermic 

reactions are negative values, an indication that the products have lower 
energy than the reactants (refer to Section 4 .1).

2NaOH(aq) + H2S04(aq) — ► Na2S04(aq) + 2H20(1).

Amount of H20  formed = amount of NaOH reacted =  ^  x 0.4 =
0.016 mol.

Hence, ДЯпеиЬ = = -56 .4U  mol-1.

Example 4.3: 2.00 g of powdered zinc is added to 50 cm3 of 0.2 mol dm-3  
copper(II) nitrate solution in an insulated polystyrene cup. The maximum 
temperature rise recorded is 10.6°C. Calculate the enthalpy change for the 
reaction:

Zn(s) + Cu2+(aq) — ► Cu(s) + Zn2+(aq).

Approach:

• Determine the amount of limiting reagent.
• Calculate the amount of heat absorbed/evolved.
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• Calculate the enthalpy change of the reaction.

Solution: Amount of Cu2+(aq) = x 0.2 = 0.01 mol.
Molar mass of Zn = 65.4 gmol-1.
Amount of Zn(s) = = 0.0306 mol.
Hence, the limiting reagent is Cu2+(aq).
Heat evolved = 50 x 4.18 x 10.6 = 2215.4 J.
Hence, A # neut = = -222 kJ mol-1 .

Q: Why was the mass of Zn not taken into account when calculating the 
heat change of the reaction?

A: The reaction between Zn and Cu2+ is exothermic. Heat produced from 
the reaction has to go somewhere. It is absorbed by the surrounding 
water molecules in the form of K.E., as it is present in large quantity. 
This translates to the temperature rise we are measuring.

Another common school experiment involves heating water using the heat 
released from the combustion of an alcohol. Since the setup is not insulated, 
not all the heat released from the burning process is absorbed by the beaker 
of water.

Example 4 .4 : 5 g of hexanol is burnt to heat a beaker containing rccm3 
of H2O. The temperature rise of the water is 62°C. Assume that 40% of 
the heat evolved from the combustion of hexanol is absorbed by the water. 
Determine the value of x, given that the enthalpy change of combustion of 
hexanol is -3984 kJ mol-1.



Approach:

(i) Calculate the amount of hexanol used.
(ii) Based on the given ДЯС of hexanol, find the actual total amount of 

heat evolved from combustion.
(iii) Calculate, based on the conversion efficiency, the amount of heat 

absorbed by x cm3 water.
(iv) Apply Q = me AT  to solve for m and hence x.

Solution: Molar mass of hexanol, C6H140  =  1 0 2 gmol-1 .
Amount of hexanol = ^  = 0.049 mol.
Heat evolved from the combustion of hexanol =  3984 x 0.049 = 1.953 x 105 J. 
Heat absorbed by water = ^  x 1.953 x 105 =  7.812 x 104 J.
Heat absorbed by water = mcAT =  m x 4.18 x 62 =  7.812 x 104 J.
Hence, m =  301.4 g.
Since the density of water is 1 g cm-3 , the value of x is 301.4 cm3.

4.1.3 Calculation of enthalpy changes using H ess’ Law

Not all types of enthalpy changes of reactions can be determined directly 
from experimental data. Nonetheless, we can determine these enthalpy 
changes indirectly from other enthalpy changes using Hess’ Law, which is 
derived from the Law of Conservation of Energy.

Hess’ Law states that the enthalpy change of a reaction depends 
only on the initial and final states of the system and is independent 
of the reaction pathway taken.

Given the reaction: A-fB — » C+D, the following energy cycle illustrates 
Hess’ Law:
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There are two ways to go from “Initial state” to “Final state”: either via 
Pathway 1 (clockwise direction) or Pathway 2 (anticlockwise direction). 
Regardless of which pathway is chosen, the enthalpy change of the reac
tion (ДЯГХП) is a fixed value.

By Hess’ Law, AHrxn = АНг = AH2 +  ДЯ3.
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If we are interested in finding the enthalpy change for reaction 3: E +  F — * 
С + D, we can simply use the above energy cycle and apply Hess’ Law:

By Hess’ Law, AHrxn for reaction 3 =  Д #з = — Д# 2  +  AH\.
As you notice, in computing Д#з, there is a negative sign attached to 

Д # 2- This is in alignment with Pathway 2 in the energy cycle below; each 
AH  term is attached to an arrow that represents the progress of the reaction 
from reactants to products. If a pathway runs in the opposite direction to 
these arrows, this indicates the backward reaction, which has a reverse AH 
term.

Q: Can I calculate AHrxn for the reaction С + D — > A + В by just using 
“C+D” as the initial state and “A+B” as the final state?

A: Yes! It does not matter where you start off in an energy cycle. Just 
remember that when a reaction direction is reversed, the sign on the 
AH  term also has to be reversed.

The calculated ДЯГХП = -  Д# 1  =  — ДЯ3 -  ДЯ2.

Now that we have seen the versatility in Hess’ Law, the next thing to learn 
is the construction of energy cycles.

4.1.4 Constructing energy cycles

Example 4 .5 : In this section, we will work on finding the standard enthalpy 
change of combustion of propane, ДЯсе[СзН8^)], given the following data: 

Atffe[C3H8(g)] = -104 kJ mol-1,
Atffe[C02(g)l = -394 kJ т о Г 1,
Atffe[H20(l)] =  -286 kJ mol-1.
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Approach:

(i) In order to construct the energy cycle, we need to first write out the 
balanced equations that illustrate the enthalpy terms given. Remember 
to input all state symbols.

Enthalpy Term Corresponding Balanced Chem ical Equation

Д Я с-[С3Н8(е )]
ДЯ,»(С3Н8(6)]
Д Я г'[С 0 2(8)]
ЛЯГ[Н20(!)]

C3H8(g) +  502(g) — » 3C 02(g) +  4H20(1) 
3C(s) +  4H2(g) — * C3 Hs(g)
C(s) +  Os(g) — > C 02(g)
H2(g) +  iQ 2(g) — ► H20(1)

(ii) (a) Place, in the centre, the equation linked to the enthalpy term that 
is to be determined.

(b) Next, try to connect the remaining equations together by locating 
common parts to the main equation. Write down the correspond
ing AH  terms on the arrows.

Q: I managed to come up with the energy cycle below. How do I link the 
remaining two equations that contain 0 2 which is missing in my dia-

A. Just add the required number of moles of O2 as shown below:

3C(s) + 4H2(g)

The final connected components in the energy cycle is actually the sum
of Eqs. (4.1) and (4.2):

Overall equation: 3C(s) + 4H2(g) + 502(g) — » 3C02(g) +  4H20(1)

gram?

СзН8(§) + 502(g) Atfc°[C3Hg(g)]
■> 3C02(g) + 4H20(1)

3C(s) + 4H2(g)

c3h.(8) +5o2(8) — >  3C02(g) + 4Hj0(l)

C(s) + 0 2(g) — C0 2(g) (4.1) x 3 

H2(g) + j 0 2(g) —  H20(1) (4.2) x 4
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Up to this point, the energy cycle should look like this:
Atfc°[C,H8(g)] ^

C3H8(g) + 5 0 2(g) -----------------------^  3C 02(g) + 4H20(l)

A//r°(C3H8( g ) ] \

^  3C(s) + 4Hi(g)

(iii) Balance the equations with respect to one another in the energy cycle. 
If the mole ratio of a reaction needs to be multiplied, the enthalpy 
value has to be multiplied by the same amount. This will ensure that 
the equations correctly represent the enthalpy terms involved.

AWc0[C3H8(g)] ^
C,H8(g) + 5 0 2(g) -----------------------3C 02(g) + 4H20(l)

x  3C(s) + 4H2(g)

(iv) Determine the two pathways from “Initial state” to “Final state” and 
apply Hess’ Law in your calculations.

_Pathwa)M______ _____________

AH'*[C№g)) ^
C3H*(g) + 5 0 2(g) --------------------------- >  3C 02(g) + 4H20 ( l ) { * &

By Hess’ Law,
Atfce[C3H8(g)] = -  ДЯгв[С3Н8(е)] + 3Atffe[C02(g)] + 4ДЯгв[Н,0(1)]

=  -(-104) + 3(—394) + 4(—286)
= -2222 kJ mol-1.

Enthalpy terms are always accompanied by a sign (+ or —). In this case, 
the negative value of Д //св[СзН$^)] serves as a check on the calculations 
since the combustion reaction is an exothermic reaction.

Example 4 .6 : Determine the standard enthalpy change of formation of 
propane, Д#св(СзHg(g)], given the following data:

BE(C-C) =  +350 kJ mol'1,
BE(C-H) = +412 kj mol-1,
BE(H-H) = +436 kj mol-1,

Affate[C(s)] = +715 kJ mol-1.

'+ 50,(g) W(CO:(g)l 
+ 5U!(6) + ДИ,°[Н,0<1)|
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Approach: Referring to the definitions for both bond energies (BE) and 
enthalpy change of atomisation (A#at) 5 we are dealing basically with 
gaseous atoms as the end products. Thus, for every species in the main equa
tion 3C(s) + 4H2(g) — > C3H8(g), we just have to convert them to gaseous 
atoms.

3c(s)+4H2,g) > c , „ 8 (g )

3C(g) + 8H(g)

Make sure to balance the equations with respect to one another in the 
energy cycle. Write down the corresponding enthalpy terms on the arrows. 
To get an accurate count for the type and number of bonds to cleave, it is 
recommended that you draw the full structural formula of the molecule. For 
instance, to convert the C3Hs(g) molecule into gaseous atoms, we can start 
by drawing its structural formula:

н н H
I I I 

H—c - c - c — H
I 1 I 
H H H

Based on the structural formula, there are 2 C-C bonds and 8 C-H bonds to 
cleave. Thus, the energy needed for atomisation of propane is 2 xBE(C-C) 
and 8 xBE(C-H). You should end up with the following energy cycle:

„rv-ч , ч Atff°[C3H8(g)] ^3C(s) + 4H2(g) — ------------------->  C3H8(g)

ЗхДЯЛС(5o K  /2xBE(C-C) +
+ 4xBE(H-H) \  /  SxBE(C-H)

3C(g) + 8H(g)

Next, determine the two pathways from “Initial state” to “Final state” and 
apply Hess’ Law in your calculations.

Pathway 1

3C(s, + 4Hj(g) >  CjH,(g>

Pathway 2 ' \  3xA//a,e [C (s ) ] \  / -xBE(C-C) + /
' '4+ 4xBE(H-H) \  /  BxBE(C-H) / '

3C(g) + 8H(g)
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By Hess’ Law,

Atff*[C3# 8(g)] = 3 x Atfat*[C(s)] + 4 x BE(H-H) -  2 x BE(C-C)
-  8 x BE(C-H)

= 3(715) + 4(436) -  2(350) -  8(412)
=  —107 kJ mol-1.

The following are useful formulae that are derived from the energy cycles 
illustrated:

• ДЯГХП = EnA Hi (product) -  EnA H( (reactant),
• Atfrxn =  energy absorbed in breaking bonds in reactants -f energy

released in forming bonds in products 
= EnBE(reactants) -  EnBE(products),

where n is the stoichiometric coefficient; E is the summation of all terms.

4.1.5 Born-Haber cycle and H ess’ law

The Born-Haber cycle is an energy level diagram that has similar usage 
to an energy cycle. The main difference is that for a Born-Haber cycle, only 
two types of vertical arrows can be used:

T represents an endothermic reaction,
|  represents an exothermic reaction.

The Born-Haber cycle is useful in determining lattice energy (L.E.) of ionic 
compounds from experimentally determined data since L.E. values cannot 
be obtained directly from experiments.

Q: What is the difference between an energy level diagram and an energy 
cycle?

A: An energy level diagram is a specific type of energy cycle. There are 
specific rules to obey when constructing an energy level diagram. If you 
are asked to construct a complex energy level diagram, it is advisable 
to construct an energy cycle first and then convert it to the energy level 
diagram.
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The following are some other important enthalpy terms you need to be 
acquainted with that are commonly found in a Born-Haber cycle:
• First ionisation energy (1st I.E.)

This is the energy required to remove one mole of electrons from one 
mole of gaseous atoms in the ground state to form one mole of gaseous 
singly charged cations. It is an endothermic quantity. For example,

Mg(g) — > Mg+(g) +  e“ , ДЯ  =  1st I.E. =  +736 kJ mol"1.

Q: Is the ionisation energy always endothermic?
A. Yes. You need energy to break the attractive force the nucleus exerts 

on the electron. First I.E. data are very informative because different 
electrons in different orbitals have different I.E. (refer to Chap. 1).

The nth ionisation energy indicates the energy required to remove the 
nth electron after the removal of the preceding electrons:

X(n-1)+(g) _ >  Xn+(g) + e", AH =  nth I.E.

• First electron affinity (1st E.A.)

This is the eneigy change when one mole of electrons is added to one
mole of gaseous atoms to form one mole of gaseous singly charged 
anions. For example,

0(g) + e" — ♦ 0"(g), 1st E.A. =  -140 kJ mol-1 ,
0  (g) + e" — ♦ 0 2~(g), 2nd E.A. =  +798 kJ mol"1.

Q: Why is the term “energy change” used in the definition of 1st E.A.?
о you mean to say that 1st E.A. can be either endothermic or 

exothermic?
Yes. 1st E.A. is usually exothermic for many elements because a net 
attractive force results after the extra electron “sits” in the atom. But 
or sorae elements, there may be a net repulsive force instead. Hence, 
or as to be done to force” this extra electron to reside in the atom 

ti.e., the process is endothermic). This also explains why the 2nd E.A. 
or oxygen is endothermic — an electron is added to a negative ion and 

the repulsive forces between like charges are greater than the attractive 
force experienced with the nucleus.
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• Lattice energy (L.E.)

This is the energy evolved when one mole of a solid ionic compound 
is formed from its constituent gaseous ions under standard conditions.

т Я+ x  Q-Lattice energy oc--------- ,r+ + r_

where q+ and q- are the cationic and anionic charges, respectively, and 
(r+ + ) is the inter-ionic distance.

As the inter-ionic radius increases, lattice energy becomes less exother
mic. As charge increases, lattice energy becomes more exothermic (refer 
to Chap. 2 on Chemical Bonding).

4.1.6 Constructing Born-Haber cycles

Example 4.7: In this example, we will work on finding the lattice 
energy of MgO(s) by constructing a Born-Haber cycle using the following 
data:

• Atff[MgO(s)] = -602 kJ mol-1,
• A#at [Mg(s)] = +148 kJ mol-1,
• Atfat [02(g)] = +249 kJ mol-1,
• 1st I.E. of magnesium = +736 kJ mol-1,
• 2nd I.E. of magnesium = +1450 kJ mol-1,
• 1st E.A. of oxygen =  —140 kJ mol-1,
• 2nd E.A. of oxygen = +798 kJ mol-1.

Approach:

(i) First, draw the baseline that consists of the most stable species, i.e., 
the ionic compound, MgO(s).

(ii) Draw the two energy levels that, when connected to the baseline, give 
the equations that represent A#f[MgO(s)] and its L.E.. Since both 
terms are exothermic quantities, the equations are built downwards to 
the baseline.
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Energy 0 ,-

Mg(s) + Vi 0 :(g ) 0
AHf{MgO(s)]

MgO(s)

ô l _ Q

L.E.(MgO)

И
(iii) In a clockwise direction, attempt to convert the reactants Mg(s) and 

0 2 (g) to the respective gaseous ions, Mg2+(g) and 0 2"(g). Work with 
each species in turn.

Let us first deal with the conversion of Mg(s) to Mg2+(g), which requires 
the following steps:

Mg(s) Mg(g), AH&b[Ug(s)}:
Mg(g) — > Mg+(g) + e-, 1st I.E. (Mg),
Mg+(g) — * Mg2+(g) + e-, 2nd I.E. (Mg).

At this point, the Born-Haber cycle should look like this:

Energy Mg2+(g) + 2e~ + ‘/2  0 2(g)

1st I.E. (Mg) + 2nd I.E. (Mg) 

M g(g) + Vi 0 2(g)

Mg2+(g)
AWu[Mg(s)]

Mg(s) 4- lA  0 2(g) | ^ j

AWrtMgO(s)]

MgO(s)

_ (T)
L.E.(MgO)

0
The atomisation and ionisation processes are endothermic and thus the 
equations are built upwards. Just as for an energy cycle, equations in the 
segments of the Born-Haber cycle have to be balanced — both in terms of 
mass and charge. Input relevant enthalpy terms along the way.

(iv) Similar to Step (iii), we now deal with the conversion of 0 2 (g) to 
O2 (g) 1 which requires the following steps:
§0 2 (g) — . 0 ( g ) ,  A f f a t [ 0 2 (g ) ) ,

0(g) + e — > 0-(g), 1st E.A.(O),
О (g) + e“ — ► 0 2-(g ), 2nd E.A.(O).
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Energy
Mg2*(g) + 2e~ + 0(g) M

AWu[0j(g)]
I si EA.(O)

Mg2*(g) + 2e~ + Уг 0 2 (g)

2nd E.A.(O)

Mg *(g) + e~ + 0~(g)

1st I.E.(Mg) + 2nd I.E.(Mg) 

Mg(g) + »/2 02(g)

A//*[Mg(s)]

Mg(s) + ^ 0 2(g)

Art,lMgO(s)J

MgO(s)

LE.(MgO)

Behold! You have yourself a completed Born-Haber cycle.

(v) Determine the two pathways from “Initial state” to “Final state” and 
apply Hess’ Law in your calculations. Remember that it does not matter 
where you start off in an energy cycle. Just do not forget that when the 
direction of a reaction is reversed, the sign on the AH term has to be 
reversed.

Energy Pathway 1

Mg2+(g) + 2e~ + 0 (g)
1st ^ A .(O )

1st I.E.(Mg) + 2nd I.E.(Mg) 

Mg(g) + Уг 0 2(g)

A tfJ M g (s ))

Mg(s) + lA 0 2(g)

A//,[MgO(s)]

M

2nd Ej\:(0) 

Mg2*(g) + e~ + 0~(g)

M gO(s)

;'*(g) + 0~~(g)

L_E.(MgO)

Pathway 2

By Hess’ Law,
L.E.(MgO) = - 2nd E.A.(O) -  1st E.A.(O) -  A # at[02(g)]

-  {1st I.E.(Mg) + 2nd I.E.(Mg)}

-  AHat[Mg(s)] +  AHf[MgO(s)]
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= -  (+798) -  (-140) -  (+249) -  (+736 +  1450) 
-  (+148) + (-602) 

= —3843 к J mol-1 .

Q. Why is the L.E. determined from the Born-Haber cycle called the exper—  
imental L.E.?

A. This is because most of the enthalpy values used in constructing the— 
Born-Haber cycle are obtained experimentally.

Q : Why is the experimentally determined L .E . o f  MgO(s) using the B o r n -
Habei cycle different (more exothermic) than the theoretical value of 
-3795 kJ mol"1?

A. The moie exothermic experimental L.E. suggests that the bonding in  
the ionic compound is stronger than that predicted by theoretical calcu
lation. In theoretical calculation, the ions are assumed to be spherical. 
But in reality, due to the polarisation of anion’s electron cloud by the 
cation, there is some degree of covalent character in the ionic bond. This 
covalent character might strengthen the ionic bond, which in this case, 
it actually does!

Exe^ise. Construct the Born-Haber cycle to determine the lattice energy
ol *eCl2(s). Input relevant enthalpy terms on the arrows.
Solution:

_Fe2+(g) + 2e- + 2 C lf^Energy

2 х д //„[С12(8)]

Fe2+(g) + 2e~ +

1st I.E.(Fe) + 2nd I.E.(Fe) 

Fe(g) + Cb(g)

2 x  1st E.A.(CI)

Fe2+(g) + 2CI~(g)

A*UFc(s)J 

Fe(s) + Cb(g)

A#KFcC12(s)1

FeCl2(s)

L.E.(FeCh)

“  УОж аГе t 0 ‘°ok at the two shaded enthalpy terms, you will find that
tŵ  is neected for each. This is aligned with the definition 

associated with each term.
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For instance, by definition, A ifat of an element specifies the enthalpy 
change in forming one mole of gaseous atoms:

ici2(g) —  Cl(g), ДЯГХП = ДЯаЬ[С12(6)], 
Cl2(g) — * 201(g), ДЯГХП = 2 X  ДЯ*[С12(е)].

Thus, be sure to remember the definitions for the various enthalpy terms 
and the corresponding equations. Recognise also that sometimes an equation 
can be represented by interchangeable enthalpy terms. For instance,

Cl2(g) — > 2Cl(g), A # rxn = 2 x Atfat[Cl2(g)] = BE(Cl-Cl).

4.1.7 Energetics involving aqueous ionic compounds

Recall in Chap. 2 , that it was mentioned that ionic compounds have a wide 
range of solubilities in water. In this section, we will address why this is so 
by considering the process of dissolving an ionic compound as occurring in 
two stages:

• First stage: involves the separation of ions from the crystal lattice. In 
order to do this, energy is needed to overcome the attractive forces holding 
the ions in the lattice. This amount of energy required is numerically 
equivalent to the magnitude of lattice energy (-L.E.).

• Second stage: involves the hydration of the ions, i.e., the formation of 
ion-dipole interactions between the ions and water molecules (the term 
“solvation” is used for solvents other than water). Energy is released in 
bond formation and it is termed the hydration energy. The stronger the 
ion-dipole interactions, the more energy will be evolved. The magnitude 
of the hydration energy therefore depends on the charge density of the ion.

St

ь * '  it- 5-

“  (±J -  ( 3  first Stage v-gJ , Second Stage <•

<3> ^
• Standard enthalpy change of hydration (AbThyde):

This is the energy evolved when one mole of gaseous ions is hydrated 
under standard conditions.

A less exothermic Ai/hyd decreases solubility but a less exothermic L.E. 
enhances solubility.

As you can see, these two terms work against each other in determining 
the solubility of an ionic compound.
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It is now time to introduce a new energy term associated with the an a lyses

solved in enough solvent so that no further heat change takes place on a d d in g  
more solvent (infinite dilution) under standard conditions.

The relationship among these terms is highlighted in the formula belo-л-  
and depicted clearly in the energy cycle:

released during the hydration process must be sufficient to offset the energy 
needed to overcome the strong ionic bonds and hence break up the crystal 
lattice.

In general, a less exothermic AHso\n signifies a less soluble salt.

• When ДЯьyd is more exothermic than L.E., A # soin will be exothermic, 
indicating the salt is relatively soluble.

• When Atfhyd is less exothermic than L.E., A# so\n will be endothermic, 
indicating the salt is relatively insoluble.

Take heed though that A # soln only provides an indication of a compound’s 
solubility in relation to another. A positive AHso\n need not necessarily 
mean that the salt is insoluble in water, and vice versa.

Example 4.8: Calculate the АЯ501П of sodium chloride given that its lattice 
energy *s — 776 kJ mol-1  and the enthalpy change of hydration for Na+ and 
Cl are —390 k J mol 1 and —381 к J mol-1, respectively.

Solution:

of the solubility of ionic compounds — the enthalpy change of solution.

• Standard enthalpy change of solution (A H so\ne):
This is the energy change when one mole of solute is completely d is—

ДЯ5о1п = AHhyd[Na+(g)] + A#hyd[Cl“ (g)] -  L.E.(NaCl) 
=  (-390) + (-381) -  (-776)
= -f5 kJ mol-1.
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We know for sure that NaCl(s) dissolves in water and it is undeniable 
that this process is spontaneous — yet the calculated A # soin is a positive 
value!

In general, an exothermic AH  term does not guarantee the spontaneity 
of a reaction. A reaction with an endothermic AH can also be spontaneous. 
As a matter of fact, the spontaneity of a reaction is determined by not one 
but two thermodynamic terms: (i) enthalpy and (ii) entropy (which we will 
cover in the next section).

Exercise: Construct an energy level diagram that illustrates the relation
ship among the terms, AHsoin, AHhyd and L.E., for sodium chloride.

Solution:
Energy Na*(g) + Cl~(g)

A//„*[Na-(g)| 
■ЛЯМ1СГ(8)]

Na*(aq) + CF(aq)

Д/W N aC K s)]

NaCl(s)

L.E.(NaCI)

4.2 Entropy
The main objective of studying chemical thermodynamics is to be able to
predict whether or not a reaction is spontaneous.

A spontaneous reaction (or change) is one that occurs without any
outside assistance.

Examples of spontaneous processes include:

• A waterfall cascades downhill, but never uphill, spontaneously.
• Water freezes spontaneously at temperature below 0°C; ice melts sponta

neously above 0°C (at 1 atm).
• A lump of sugar dissolves spontaneously in a cup of coffee, but dissolved 

sugar does not spontaneously reappear in its original form.
• Expansion of a gas in an evacuated bulb is a spontaneous process. The 

reverse — the gathering of all the molecules into one bulb — is not.
• Heat flows from a hotter object to a colder one, but the reverse never 

happens spontaneously.
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Opened valve

A spontaneous change is irreversible, as it cannot be brought back to  
its original state again unless some outside influence is brought to bear.

In chemical reactions, we find that a larger number of exothermic reac
tions are spontaneous. There is a tendency to decrease the energy of a system 
in spontaneous processes. One example is the combustion of methane:

CH4(g) + 2 0 2 (g) — > C02(g) + 2H20 (1), ДHe =  -890.4 kJ mol-1.
But the assumption that spontaneous processes always decrease a system’s 
energy fails in a number of cases:

• Consider a solid-to-liquid phase transition such as the melting of ice:

H20(s) — * H20(1), AH° = + 6.01 kJ mol-1.
Our experience tells us that ice melts spontaneously above 0°C even 
though the process is endothermic.

• Consider the cooling that results when ammonium nitrate dissolves in 
water:

NH4N 03(s) — > NH4+(aq) + N 03~(aq), ДЯ* =  +25 kJ mol-1.
The dissolution of the ammonium salt is spontaneous, yet it is also 
endothermic.

• The decomposition of HgO is an endothermic reaction that is non- 
spontaneous at room temperature, but it becomes spontaneous when the- 
temperature is raised:

2 HgO(s) —* 2 Hg(l) + 0 2(g), Atfe = +90.7 kJ mol"1.

Hence, exothermicity favours the spontaneity of a reaction but 
does not guarantee it. It is possible for endothermic reactions to 
be spontaneous; it is also possible for exothermic reactions to be non- 
spontaneous.

Consideration of enthalpy changes alone is not enough to predict the 
spontaneity or non-spontaneity of a reaction. It becomes necessary to look

Opened valve
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for another thermodynamic quantity (in addition to enthalpy) to help pre
dict the direction of chemical reactions. This quantity turns out to be 
entropy.

Q: Water becomes solid ice at 0°C. This only happens in the freezer where 
work is being done, so how can you say that there is no external help? 
And as such, how is this transformation spontaneous without external 
help?

A: There is a fallacy here. The freezer creates the condition of 0°C, tem
perature at which water becomes solid ice spontaneously. The water 
cannot “resist” becoming ice and no one is forcing it or helping it to 
change and the change is IRREVERSIBLE in that setting. So it seems 
like the freezer is intervening but in reality it is not. It simply creates 
the conditions and the rest is left to water alone.

4.2.1 What is entropy?

Entropy (S) describes the degree of randomness or disorder in a system.
The entropy of a system increases with temperature. For a crystal lattice 

at OK, its entropy is zero since the particles are stationary and arranged in 
a perfect order.

When heat is applied to the crystal, a higher degree of disorder is brought 
about through two ways:

• The particles’ kinetic energy increases and they move around more 
randomly, leading to greater disorder and larger entropy.

• With a greater volume of space, together with greater freedom of move
ment, there are many more varied options for the arrangement of the 
particles — all of which are not in a perfect order.

Entropy is closely linked to statistical probability. In general, an event that 
brings about disorder is more highly likely to occur (spontaneously) than 
one that brings about order.

Consider, for example, the melting of ice:

71
Spontaneous

change

Solid:
Highly ordered stale

Liquid:
More disordered state
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Just like enthalpy, entropy (5) is a state function and therefore, entropy 
change (AS)  from a certain initial state to a final state is expressed as:

AS  =  St -  S-t, 
where S has the units of J т о Г 1 К”1.

AS  > 0 , indicates that there is an increase in the randomness or disorder 
of a system. A reaction is said to be spontaneous.

4.2.2 Factors affecting entropy o f a chemical system
4.2.2.1 Effect of temperature

Pai tides can vibrate, rotate and translate (move about) as well, and all 
t ese movements involve energy. Energy comes in quanta for each of thtse- 
c langes. When a particle absorbs a particular amount of energy, this energy- 
can be distributed into various energy states.

An increase in temperature will result in an increase in entropy of a 
system. In general, an increase in temperature means more packets of 
energy are available to spread out within the system.

____________ Increasing temperature

Lowest entropy Highest entropy

4.2.2.2 Effect of phase change

For the same number of moles of particles, the degree of order decreases 
rom so l to liquid to gas. In other words, the magnitude of entropy of

p h ie PthTS in“  in the °rder: *«*■ < liquid «  Sgas- In the gaseous 
par ic es lave the greatest amount of kinetic energy; they can

, 10Ге randomly comPared to the liquid phase. In addition, a gaseous
disorder °CCÛ ieS Г̂Са̂ ег sPa^a  ̂ volume, which also increases its degree of

Solid 
Lowest entropy

Liquid Gas
Highest entropy
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Q: What is “phase”? Is it the same as the physical state, that is, solid, 
liquid and gas?

A: Phase is not equivalent to physical state! A phase is defined as a state 
of matter that is homogeneous in terms of chemical composition and 
also physical state. Take for instance, a layer of oil floating above water. 
There are two different phases clearly being demarcated by what we 
call a phase boundary, but there is only one physical state, which is the 
liquid state.

4.2.2.3 Effect of the number of particles

The entropy of a system increases if the products of a reaction contain more
gaseous molecules than the reactants.

An example is the combustion of propane:

C3H8(g) + 502(g) — > 3C02(g) + 4H20(g).

/ a /

A

( J  0

>

> /

Lower eniropy Higher eniropy

4.2.2.4 Effect of mixing

The entropy of a system increases when gases mix.
When mixed, each gas will expand to occupy the entire container. The 

expansion of a gas results in an increase in its entropy since the molecules 
will now have a greater volume of space to move about, leading to a greater 
degree of disorder.

ооо о о о ®
® о о о °  ® О о

Lower eniropy Higher entropy

For liquids that are able to mix with each other (i.e., miscible liquids with 
similar polarities), there is also an increase in entropy of the system. Upon 
mixing, the molecules have a greater volume of space to move about, leading 
to a greater degree of disorder, and thus an increase in entropy.

The same can be said when a solute dissolves in a solvent.
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® О О о

® °  v ° ° °

9  O 9 »  ° 0 ° 0
Lower entropy Higher entropy solvent Q

solute О

Example 4.9. For each of the following processes or reactions, predict 
whether the AS of the system is positive or negative at a temperature 
of 298 К and pressure of 1 atm, unless otherwise stated:

(a) H20(1) at 298 К — , H20(1) at 308 K.
(b) H20(s) at 273 К — » H20(1) at 273 K.
(c) F2(g) — > 2F(g).
(d) Li+(g) + Cl-(g) — * LiCl(s).
(e) 1 mol of H2(g) is pumped into a sealed vessel of volume 24 dm3 contain

ing lmol of 0 2(g) at room temperature.

Solution:

(a) AS  > 0.
Substances have higher entropy at higher temperature as the larger 
amount of K.E. allows the particles to occupy a greater number of dif
ferent energy states. In addition, the particles also occupy greater spatial 
volume. These increase the degree of disorder

(b) AS  > 0 .
Liquids have higher entropy than solids. Particles in a liquid are more

/ \ га^ ош У̂ ^ranged than in a solid [the explanation is similar to (a)].
(c) AS > 0 . K 1

Two moles of gaseous particles have a higher entropy than one mole 
of gaseous particles as there are more ways of arranging the particles 
in the container. In addition, there are more particles present where 
energy can be distributed.

(d) AS < 0 .
The gaseous ions, which are more disordered, crystallise to form the

(e) S° ^  resulting in a decrease in entropy of the system.

As H2(g) expands to occupy the entire containing vessel, mixing of the 
two gases occurs, and there is an increase in the disorder, and hence the 
ntropy of the system. The two gases mix completely and spontaneously.
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We have studied two factors, enthalpy (Я) and entropy (5), and tried to 
use them to predict whether or not a physical or chemical event will be 
spontaneous. At times, these two factors work together. For example, when 
gasoline burns in oxygen, AH  < 0 and AS > 0. Since both of these favour 
a spontaneous change, the two factors complement each other.

In other situations, the effects of enthalpy and entropy are in opposition, 
for example, in the melting of an ice-cream or the boiling of a kettle of 
water. The endothermic nature of these changes tends to make them non- 
spontaneous, but the increase in the randomness of molecules tends to make 
them spontaneous.

In addition, when hydrogen gas combusts with oxygen to form water in 
a rocket engine, the enthalpy and entropy changes are also in opposition. 
In this case, the exothermic nature of the reaction is sufficient to overcome 
the negative value of AS and cause the reaction to be spontaneous.

Hence, when enthalpy and entropy antagonise each other, their relative 
importance in determining spontaneity is far from obvious. Moreover, the 
situation is made worse as temperature becomes a third factor that can 
influence the direction in which a change is spontaneous. Specialists in ther
modynamics defined a quantity called the Gibbs free energy, G, in honour 
of Josiah Willard Gibbs (1839-1903):

G = H — TS.
The Gibbs free energy term enables us to predict the spontaneity of a 
reaction that is governed by two thermodynamic terms (i) enthalpy and 
(ii) entropy.

The relationship is expressed in the following equation for the standard 
Gibbs free energy change of reaction:
AG* =  AH* -  TASe, where AG* and AH* are in kJ mol-1,

T is in K, and 
AS* is in J mol- 1K-1.

At constant temperature and pressure, a reaction is considered 
spontaneous if there is a decrease in the free energy of the 
system.

• AG* < 0: Forward reaction is spontaneous and is thus feasible.
• AG* > 0: Forward reaction is non-spontaneous and is thus not feasible.

Backward reaction is spontaneous.
• AG* =  0: Both forward and backward reactions are at equilibrium.

4 .2 .3  Predicting the spontaneity of a reaction
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4.2.4 Relationship between A G °, A ii°, AS° and temperature

It is not always the case that AЯ and AS  both contribute to the spontane
ity of a reaction. Sometimes, they oppose each other, as in the melting of 
ice; AH is positive and AS is positive. In these cases, temperature is the 
determining factor for the spontaneity of a reaction.

The table below shows the conditions under which a reaction may be 
spontaneous:

Enthalpy Entropy Is Reaction Spontaneous?

ДЯ* < 0  
Д # * < 0  
ДЯ* > 0 
Д Я в > 0 >

>
 

>
>

 

A 
V 

A 
V

 
о 

о 
о 

о Always ( A G *  <  0)
Only at low temperature when ДЯ® > ТД5®  
Only at high temperature when Д Я ° <  T Д5® 
Never (ДС* > 0)

Example 4.10: For each of the following reactions, predict the temperature 
conditions, if any, under which each reaction will be spontaneous:

(a) A(s) — -4 B(s) + C(g), АЯе = +350 kJ mol"1.
(b) 2A(g) + B(g) —  2C(g), AH& =  -200 kJ mol"1.
(c) A(l) — > B(l) + C(g), ДЯ* = -300 kJ mol”1.
(d) 2A(s) + 2B(g) — > C(g), ДЯ* = +150 kJ mol"1.

Solution:

(a) A(s) — ► B(s) + C(g), AH« = +350kJ mol"1; AS0 > 0.
The above endothermic reaction is thermodynamically feasible at high 
T, when T > ДЯв/А5°.

(b) 2A(g) + B(g) —  ̂ 2C(g), AH« = -200 kJ mol"1; AS* < 0.
The above exothermic reaction is thermodynamically feasible at low T, 
when T < АН»/AS*.

(c) A(l) — > B(l) + C(g), ДЯе = -300 kJ mol"1; ДS« > 0.
The above reaction is feasible at all T . ( A < 0 for all tem peratures.)

(d) 2A(s) + 2B(g) — > C(g), ДЯв = +150 kJ mol"1; AS* < 0.
The above reaction is not feasible at all T. (AGe > 0 for all tempera
tures.)
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Example 4.11: Calculate the change in standard free energy and deter
mine whether the reaction below will take place at (a) 50°C, and 
(b) 550°C:

Fe20 3(s) + 3H2(g) —  2Fe(s) + 3H20(g).

Fe2C>3 H 2 Fe h 2o

А Н Г  (kJ mol"1) -822 0 0 -242
A S *  (kj mol-1 K"1) 0.090 0.131 0.027 0.189

Solution:
AS* for the reaction = 2(0.027) +  3(0.189) -  0.090 -  3(0.131) = 
+0.138 kj mol" 1 I<-1.
ДЯ® for the reaction = [0 + 3(—242)] -  (—822 + 0) = +96 kJ mol-1.

(a) At 50°C, using ЛG* = Atf* -  TAS*:
AG* = +96 -  (323) (0.138) =  +51.4 kJ mol-1.
Since AG* is positive, the reaction is not feasible at 323 К and will 
therefore not occur.

(b) At 550°C, using AG* = AH* -  TAS*:
AG* = +96 -  (823)(0.138) = -17.6kJ mol-1.
Since AG* is negative, the reaction is feasible at 823 К and will there
fore occur.

Note: It is assumed that AH* and AS* do not change with temperature. 

Example 4.12:

Substance M g C 0 3(s) M gO (s) c o 2(g )

A G r  (kJ m o l'1 К ’ 1) -1012 -569 -394

(a) Using the standard AGfe given above, calculate the free energy change 
AGerxn for the reaction:

MgC03(s) — * MgO(s) + C02(g).

Determine whether the above reaction takes place spontaneously.
(b) Given that AH*Txn in the above reaction is +101 kJ mol-1, and A5erxn 

for the reaction is +0.159 kJ mol-1  K "\ estimate the temperature at 
which the reaction will take place spontaneously.
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Solution:

(a) Using the formula AGerxn = EmAGfe(products) -  EnAGfe(reactants=

AG®™, = (-569 -  394) -  (-1012) = +49 kJ mol-1.

The reaction will not take place spontaneously because AGerxn >  О_
(b) Use AG rxn = ДЯ вгхп — TДS0Txn. For the reaction to be spontaneous^

= 101 -  T(0.159) < 0  

101 < T(0.159)

т > ш  =  6 3 5  К -
A temperature of above 635 К or 362° С is needed for the reaction to 
take place. (It is assumed that ДЯ егхп and Д S»rxn do not change with 
temperature.)

My Tutorial (Chapter 4 )

1. (a) During physical training, people may suffer from twisted ankles.
In such cases ice should be applied to shrink the blood vessels around 
the sprain in order to minimize any internal bleeding. But storing 
ice for such usage is neither convenient nor economical. So, trainers 
often use cold packs consisting of a divided plastic bag containing 
ammonium nitrate and water. (Given that Д Я е80ln(NH4N 03) =  
+26.0 kJ mol-1 .)

(i) Determine the heat change when 30.0 g of ammonium nitrate 
dissolves in water.

(ii) What is the final temperature if 30.0 g of ammonium nitrate is 
added to 200 g of water at 298 K? Assume that the heat capacity 
of ammonium nitrate solution is 4.0 Jg -1  K-1.

(b) Ammonium nitrate is widely used as an explosive because it can 
decompose according to the following equation:

2NH4N 03(s) — > 2N2(g) + 4H20(g) +  0 2(g).

(i) With reference to the Data Booklet, determine the enthalpy 
change for this decomposition.

(ii) What features of its decomposition make ammonium nitrate 
explosive?
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2 . (a) With reference to the Data Booklet, calculate the standard
enthalpy change of formation of calcium(I) chloride. [Assume 
CaCl(s) — > Ca+(g) + Cr(g).]

(b) The standard enthalpy change of formation of calcium(II) chloride 
is — 795 kJ mol-1 . Calculate the enthalpy change for the reduction of 
calcium(II) chloride to calcium(I) chloride by calcium metal.

(c) Experimentally, making calcium(I) chloride by simply reducing 
calcium(II) chloride with calcium metal has not been fruitful. 
Theoretically, is it possible to make calcium (I) chloride by this 
method? Explain.

3. With dwindling reserves of fossil fuels, scientists have suggested using 
methanol (CH3OH) as a possible alternative fuel for motor cars. The 
advantages of using methanol as a fuel are that it burns cleanly, giving 
out fewer pollutants than gasoline, and is less of a fire hazard in an 
accident.
(a) Using your Data Booklet, calculate the enthalpy change when one 

litre of methanol is burnt in excess oxygen. (Assume that the density 
of methanol is 0.79gem-3.)

(b) The heat change on running one litre of petrol is approximately 
—33,000kJ. Comment on the significance of your answer in part (a) 
to the design and operation of cars which run on methanol.

(c) Explain why methanol is less fire hazardous?

4. (a) Define the term standard enthalpy change of formation.
(b) Cyclohexene reacts with hydrogen to form cyclohexane CeHi2 as 

follows:
С б Н 10 +  Н 2 — > C 6 H 12 .

Calculate AH  for this reaction, given that the enthalpy change 
of formation of cyclohexene and cyclohexane is —36 k J mol-1  and 
—156 kJ mol-1, respectively.

(c) Benzene undergoes a similar reaction with hydrogen to form cyclo
hexane:

СбНб + 3H2 —* СбН12.
Assuming that benzene contains three C=C bonds of the type found 
in ethene, predict the value of AH for this reaction.

(d) The actual value of AH  for the reaction in part (c) is —207 kJ mol A. 
What can you deduce from this about the stability of the benzene 
ring? Use an energy level diagram to illustrate your answer.
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5. (a) State Hess’ Law.
(b) (i) Using the following data:

S(s) + Oafe) — > S 0 2(g), ДЯ® =  -297 kj mol“ e
C(s) + 0 2(g) — * C02(g), ДЯ® =  -393 kJ т о Г ™
CS2(l)+302(g) — ♦ C02(g)+2S02(g), ДЯ®= -  297 kj mol- 1

calculate the enthalpy change for the reaction between carboe  
and sulfur to form carbon disulfide:

C(s) + 2S(s) —-> CS2(1).

(ii) Is the enthalpy change you have calculated equal to the standard
enthalpy change of formation of carbon disulfide? Explain yourr 
answer.

(iii) Metal sulfide ores are usually roasted in air to form the oxide- 
befoie 1 eduction to the metal with carbon. Explain this practice 
with reference to your answer in part (b)(i).

(c) In a typical experiment using acid and alkali of equal concentrations, 
the following results are obtained:

Concentration of sulfuric(VI) acid = 1.00 mol dm" 3 ,
Volume of sulfuric(VI) acid used = 25.0 cm3,
Initial temperature of sulfuric(VI) acid =  21.0°C,
Final temperature of sodium hydroxide =  23.0°C,
Highest temperature reached after mixing = 3 5 .6°C,
Specific heat capacity of water = 4.2 Jg*"1 1<-1.

(i) Calculate the molar enthalpy change of neutralization of sulfu- 
ric(VI) acid with sodium hydroxide from these results. Indicate 
the assumptions you have made.

(ii) Calculate the percentage error in your result assuming that tem
peratures were accurate to ± 0 .1°C.

(iii) Account for the fact that a similar experiment using hydrochlo
ric acid gave an identical value for the molar enthalpy change of 
neutralisation, while an experiment with methanoic acid gave a 
value of -55.0 kj т о Г 1.

(d) Describe how you would carry out an experiment to determine the 
molar enthalpy change of sulfuric(VI) acid with sodium hydroxide.

our account should mention the measurements which you would 
ma e and the reasons behind your choice of apparatus.



Reaction Kinetics

CHAPTER 5

Chemical kinetics is the study of reaction rates, the factors which affect 
them and the mechanisms by which chemical reactions occur. Why should 
we know about reaction kinetics?

The importance of kinetic studies:

• Kinetics studies provide information on how quickly and economi
cally a product can be made. Such information is essential when consi
dering the economics of a manufacturing process in the chemical industry. 
The industrial chemist can select a set of reaction conditions which would 
optimise yield of the desired product in the shortest time feasible.

• Kinetics studies also provide information on how fast a chemical 
product will “work”. This enables the manufacturer to adjust the prop
erties of the product (e.g., the setting time for a glue product) or to 
provide recommended instructions for the safe use of the product (e.g., 
finding the time that must elapse between spraying a pesticide and eating 
a vegetable crop).

• Kinetics studies also provide information on the reaction mecha
nism, that is, the way in which a reaction occurs — either in one step or 
in a sequence of steps. Knowing the reaction mechanism helps the indus
trial chemist to modify a product, thereby increasing its effectiveness. For 
example, by slightly altering the molecular structure of a drug, its effects 
may be made more rapid and longer lasting.

5.1 Qualitative Analysis of Reaction Rates
The Collision Theory is derived from the Kinetic Theory of Gases and it is 
used to explain how reactions occur and the different rates at which they 
occur.

147
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A chemical reaction involves the rearrangement of particles (atoms, ions 
or molecules). In this rearrangement process, old bonds break and new bonds 
form.

According to the Collision Theory, a number of conditions must be sat
isfied before a reaction can occur:

(i) the reactant particles must collide with one another,
(ii) with a minimum amount of energy (known as activation energy, 

.Ба), and
(iii) in the correct orientation.

Reactant molecules collide with correct geometry for fruitful reaction

0 *  - 8  - С з
Activated complex 

Wrong collision geometry leads to unfruitful reaction

CO сэ—*• СОзз —* ̂  СО сэ~
Molecules just bounce apart

The a c t iv a t io n  e n e r g y  J5a is the minimum amount of energy that the 
reactant particles must acquire before they can collide to result in a reaction. 
It is needed to break existing bonds in the reactant species or to overcome 
inter-electronic repulsion before forming new bonds in the products. Ea can 
be viewed as the “push” needed to set a reaction in motion.

The energy profile diagrams shown in Fig. 5.1 show the energy changes 
for an exothermic and an endothermic reaction. In both diagrams, Ел is 
represented as the energy barrier that needs to be overcome. The source of 
activation energy comes from the kinetic energy of the particles.

Q: Why is Ел labelled as the minimum energy needed? Shouldn’t all the 
reactant particles have the same energy?

A: The particles in a system are constantly moving around, vibrating or 
rotating in space. Energy is constantly being transferred from one par
ticle to another when they collide. As a result, not all particles p ossess  
the same specific amount of energy at a specific time.

О Ф

0 3
Products
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Exothermic reaction Endothermic reaction

Energy Energy

Fig. 5 .1 . Energy profile diagrams for an exothermic reaction (left) and endothermic 
reaction (right).

Fraction of molecules 
with given energy

Fig. 5.2. Maxwell-Boltzmann energy distribution curve.

The Maxwell-Boltzmann energy distribution curve (see Fig. 5.2) is a use
ful representation of the amount of kinetic energy possessed by a particular 
fraction of particles. Although at a specific point of time, the kinetic energy 
of a particle is constantly changing (due to collision), if the temperature of 
the system is maintained at a constant level, then the system of particles 
has a fixed distribution profile of energy states. This distribution profile of 
energy states is dependent on the temperature.

The area under the profile indicates the total number of particles in the 
system. The highest peak in the profile gives the most probable kinetic 
energy that the system would have at a particular temperature. If the
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temperature of the system is increased, then the whole distribution pro
file shifts to the right, indicating an increase in the kinetic energy of the - 
system.

5.1.1 Factors affecting reaction rates

There are various factors that can influence the rate of a chemical reaction. 
Some of these factors are:

(i) temperature,
(ii) concentration of reactants,
(iii) physical states of reactants,
(iv) catalysts.

5.1.1.1 Effect of temperature

The average kinetic energy of a system is directly proportional to the tem
perature of that system. As temperature rises, the average kinetic energy 
of the reacting particles increases. This leads to an increase in the fre
quency of collisions. In addition, the increase in temperature also leads 
to a significant increase in the number of reactant particles hav
ing energy greater than or equal to the activation energy (Ea)- 
Consequently, the frequency of effective collisions increases and so reac
tion rate increases. Subsequently, we can see that an increase in reaction 
rate brought about by an increase in temperature can be mathematically 
translated as an increase in the rate constant value.

The evidence of this in the Maxwell-Boltzmann distribution curve cor
responds to a lower maximum of the profile at the higher temperature, with 
the profile displaced towards the region of higher kinetic energy such that 
the total shaded area, representing the number of molecules with energy 
greater than or equal to £ a, is larger.

Rate

Temperature
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In general, increasing the temperature increases the rate of a 
reaction. For many reactions, the rate is approximately doubled for every 
10 К rise in temperature.

5.1.1.2 Effect of concentration of reactants

Picture yourself shopping at the mall on a crowded weekend. The chances 
of bumping into someone during the peak shopping period are so high that 
we tend to “react” to the annoyances.

Similarly, when the concentration of a reactant increases, the frequency 
of collisions increases.

When the reactant particles, especially those with kinetic energy greater 
than or equal to £ a, bump into one another more often, the chances of a 
successful reaction occurring will be much higher, leading to an increase in 
the reaction rate.

Low concentration Higher concentration

•  •
•  •  •  

e  •

•  • •  •

•

• €>
•  •

When it comes to dealing with gases, we often use pressure as a quantifi
able measure. The effect of pressure changes on reaction rate can be simply 
accounted for in a similar manner as concentration changes.
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Recall the ideal gas law can be expressed in terms of pressure as:

where (n/ V) is a concentration term expressed in molm 3.
Here, we see that the partial pressure of a gas is directly proportional to 

its concentration {n/V).
Thus, an increase in the pressure on a gaseous system simply means an 

increase in the effective concentration of the reactants, and with a higher 
frequency of effective collisions, the reaction rate increases.

Low pressure Higher pressure

Pressure changes have a negligible effect on the volume of solids and 
liquids and consequently their concentrations, since they are not as com
pressible as gases.

5.1.1.3 Effect of physical state of reactants

Have you ever observed that it is much faster to dissolve a sachet of sugar 
grains compared to a sugar cube? A substance reacts more quickly if it is 
presented in smaller pieces.

Water molecules will have higher chances of interacting with more sugar 
molecules in a shorter time when the same quantity of sugar is presented in 
granular form. For a sugar cube to completely dissolve, the water molecules 
can only interact with the exposed sugar molecules at the surface, and when 
only these are dislodged from the lattice, can the inner sugar molecules then 
interact with the water molecules (just like “peeling of an onion”). As you 
can imagine, it will take a longer time for the sugar cube to dissolve in 
this way.

Given a fixed mass of a substance, there is greater net surface area avail
able for reactions to take place when the size of the substances are smaller.
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The following serves to illustrate this:
Surface area of sugar cube Surface area of cube, now broken into smaller chunks

/ /

/

Reactions involving liquids or gases occur much faster than those involv
ing solids. Dissolving a substance is a means of providing much greater 
surface area for reactions to take place as we are dealing with the smallest 
particles available — ions or molecules.

For instance,

(i) NaCl(s) + AgN03(s) —> no reaction.
(ii) NaCl(aq) + AgN03(aq) —> NaNOa(aq) + AgCl(s) (immediate reaction)

The ratio of surface area to mass is greater in small particles than in large 
particles. This implies that the area over which the solid can come into 
contact with liquid or gaseous reactants is greater.

5.1.1.4 Effect of catalysts

A catalyst is a substance that increases the rate of a chemical reaction 
without actually being consumed in the reaction itself. A substance that 
causes a decrease in rate is known as an inhibitor.

A catalyst does its job by:

• orientating reactant particles so that they achieve the correct collision 
geometry;

• locally increasing concentrations of the reactant particles (for hetero
geneous catalysts);

• weakening the intra-molecular bonds of the reactant molecules;
• facilitating ease of transfer of electrons in an oxidation-reduction 

reaction (homogeneous catalysts).

A catalysed reaction proceeds via an alternative reaction mechanism 
compared to an uncatalysed reaction.

A catalyst is said to provide an alternative pathway of lower E& as shown 
in the energy profile diagram (Fig. 5.3).

The following Maxwell-Boltzmann distribution curve (Fig. 5.4) shows 
the distribution of kinetic energies of reacting particles and the activation 
energies of both the catalysed and uncatalysed reactions.
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Energy

Fig. 5.3 . Energy profile diagrams for a catalysed and uncatalysed reaction.

Fraction of molecules 
with given energy E a: activation energy of uncatalysed reaction 

E ’a: activation energy of catalysed reaction

Total number of molecules 
with energy > Ea 
Total number of molecules with 
energy > E '

► Kinetic energy

on^the reactiorTrale ^ °^ Zmann епег6У distribution curve showing the effect of a catalyst

otice the greater proportion of reacting particles having sufficient 
me ic energy greater than activation energy for the catalysed reaction as 

indicated by the larger shaded area in the diagram.
us, having a greater number of reactant particles with kinetic 

energy greater than or equal to the activation energy (£?a) r e s u l t s

inr^  mcyeas  ̂ in frequency of effective collisions. This leads to an 
rease m t e reaction rate. Subsequently, we will see that an increase 

n reac ion rate brought about by a lowered Ea due to the presence of
ys can be mathematically translated as an increase in the rate 

constant value.

in this chap^SCUSŜ °n °П anĉ  r0 ê ca âlysts will be covered later
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In an earlier section, we discussed qualitatively the factors affecting reaction 
rate. We know that an increase in concentration will lead to an increase in 
reaction rate but sometimes we need to, and want to, put numbers on things. 
How fast and how much is really enough?

It will be good to know how much of a concentration change is needed 
to bring about a significant difference in reaction time and how fast the 
reaction can arrive at completion — a few hours or even days?

In this section, we will cover the quantitative measurements of reaction 
rates and the treatment of the experimental data obtained.

5.2.1 Rate of reaction

Rate of reaction is defined as the change in concentration of a reactant 
or product with time. It is analogous to speed, which is the change in 
distant with time!

Mathematically, it can be expressed as:
о <. г rf[product] rf[reactant]Rate of reaction =  —— ;----- - or Rate of reaction = — -----:-----dt dt

The negative sign is to account for the decreasing concentration of reactant
over time.

The rate of reaction has the units of mol dm -3  time-1 , where time is 
usually in seconds or minutes.

When experimental values of concentration and time are plotted graph
ically, we may obtain the following graphs shown in Fig. 5.5.

As a reaction progresses, the amount of product formed, and hence its 
concentration, increases over time. This is indicated by the upward sloping 
curve (see Fig. 5.5, left). Meanwhile, more reactants are used up to form 
the products and we get a downward sloping curve when plotting [reactant] 
over time (see Fig. 5.5, right).

The rate of reaction at any specific time t can be determined mathemat
ically by equating it to be:

• the gradient of the tangent at time =  io n a  [product]-time graph, or
• the negative of the gradient of the tangent at time = t on a [reactant]-time 

graph (since concentration of reactant decreases over time).

A steeper gradient indicates a faster rate of reaction. A gradient of zero value 
indicates that the rate of reaction is zero, i.e., the reaction has stopped.

5.2 Quantitative Analysis of Reaction Rates
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[Product] [Reactant]

g 5.5. Graphs of [product] against time (left) and [reactant] against time (right).

Recall from the earlier section that an increase in concentration of a 
leactant leads to a faster rate of reaction. Looking at both graplis, you 
wi notice that the slopes are steepest at the start of the reaction when 

e concentrations of the reactants are at their maximum. As the reaction 
pi ogi esses, the gradients of the curves become gentler until they reaches 
zero, indicating that the reaction has stopped.

For most reactions, rate decreases with time, since reactants are con
sumed as the reaction proceeds. From this, we can derive the following 
relationship between rate and time:

rate a ------ .
time

Q. Do you mean to say that there are reactions where the rate actually 
increases with a decrease in the concentration of reactant?

es, there are such reactions. One example is autocatalysis wherein a 
product that is formed in the reaction serves as its catalyst. More 
details are covered in Section 5 .5 .3 .

When we have a reaction of the following form: X + Y —> Z, we can measure 
e rate of reaction by following (i) the rate of consumption of X, (ii) the 

rate of consumption of Y, or (iii) the rate of formation of Z.
owever, not all reactions have the reactants reacting in stoichiometric 

г а  Ю  о 1:1 Let us consider the following reaction: X + 3Y -> 2Z. 
v  - Г "  n°^ce that for every mole of X being used up, the amount of 

e use up three times as fast, and Z is formed twice as fast as X is
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Which of these substances’ concentration changes should we thus equate 
to the rate of the overall reaction? It may be any one of these three sub
stances, but we must first set a reference:

Rate of consumption of X = 1 /3  x Rate of consumption of Y
= 1 /2  x Rate of formation of Z.

We now have rate of reaction defined as:
-p , . d[X] ld[Y] ld[Z]Rate of reaction = — = -  -  —̂  = — - 1 .dt 3 dt 2 dt

Thus, in general, for a given reaction: wW + xX —* yY  + zZ,
The rate of reaction can be equated to any of these substances as follows:

R * e  of „ « t o  -  - i f  ,  - ‘ Я  ,  ,  I ® .
w dt x dt у dt z dt

Q: So, are you saying that when we define the so-called rate of reaction, it 
may not necessary be numerically equivalent to the quantitative change 
in the concentration of reactant or product with time?

A: You are absolutely right! The rate of reaction is a concept pertaining 
to a particular reaction stoichiometric equation and this value MAY 
NOT necessarily be NUMERICALLY EQUIVALENT to the quantita
tive change in the concentration of reactant with time (rate of consump
tion) or that of product with time (rate of formation)! Nevertheless, even 
though there may be a numerical difference between the rate of reaction 
and, for instance, the rate of consumption, take note that the difference 
would just be a constant factor.

In the study of kinetics, we are concerned with the initial rate of reaction 
of the reactants. The initial rate of reaction is defined as the change in 
concentration of a reactant or a product at time t =  0. We make use of 
the initial rate because at other times the rate would be affected by the 
concentration of the reactants and we might not know its value.

It is at this time of instantaneous mixing that the reaction rate is the 
fastest since at the very start of the reaction:

• the concentration of the reactants is at a maximum, and
• only an infinitely small amount of (i) the reactant has been used up, and

(ii) the product has been formed.
dfreactant] {/[product]

Recall that rate of reaction = --------—----- = ------ -r-----•dt dt
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Prom a concentration-time graph, the initial rate of reaction is obtained b>— 
calculating the gradient of the tangent drawn to the curve at t = 0 .

Q: Why can we not just calculate the average rate of reaction? Calculating^ 
the average rate is easier than drawing a good tangent.

A: The average rate of reaction is defined as the change in concentration 
of a reactant or product over a specified time interval, which can be 
short or covers the entire duration of a reaction. Hence, it becomes very 
subjective to define the range to calculate the average rate. And do not 
forget that if the rate of the reaction is affected significantly by the 
concentration of the reactant, then it becomes difficult to pinpoint what 
value of concentration the rate depends on. As such, an average rate 
of reaction does not necessary inform us of the maximum reaction rate 
attainable.

[Reactant] (mol dm-3)

However, the average rate can still be useful if we measure it over a very 
short time interval and a good time would be at the point of initial mixing 
of the reactants. This is the very same idea as the measuring of the gradient 
of the tangent to the curve at t = 0! Recall that gradient of tangent = 
—Д [reactant]/At. Thus, you see that initial rate is actually a specific average 
rate and determining it is more objective.

[Reactant] (mol dnfJ) [Product] (mol dm-3)

We now understand how it is possible to extract information on reaction 
rates from the experimental data. But wouldn’t it be cumbersome to always
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have to perform a reaction just to get quantified figures and then repeat 
the experiment again but with adjustments done to the concentration of 
reactants to improve the reaction time?

That is why there is something good about scientific experiments. The 
reproducibility and accuracy of such controlled activities allow us to devise 
mathematical relationships that we can use for future predictions or in the 
design of similar experiments. When it comes to kinetics, we have the math
ematical expression known as the rate equation.

5.2.2 The rate equation (Rate law)

A rate equation informs us of the quantified relationship between the rate 
of reaction and the concentration of the reactants.

It is expressed as:

Rate = /c[A]x[Bp,
where:

• rate has the units of mol dm-3  time-1,
• x and у are known as the order of reaction, and
• к is the rate constant for a given reaction. It is temperature-dependent 

and its units depend on the overall order of reaction.

The order of reaction with respect to a given reactant is the power to which 
the reactant’s concentration is raised in the rate equation. The sum of the 
orders of the reaction (i.e., x + y) gives the overall order of reaction. These 
are experimentally determined quantities; they are not equivalent to the sto
ichiometric coefficients of the reactants in the balanced chemical equation. 
It is not necessary that all reactants appear in the rate equation.

The Arrhenius Equation
The Arrhenius equation gives the quantitative basis of the relationship 
between the activation energy, temperature and the rate at which a reac
tion proceeds:

к = Aexp(-E&/R T ),

where
к = rate constant,
A = Arrhenius constant,

(Continued)
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2?a = activation energy,
R =  molar gas constant,
T =  temperature in Kelvin.

For a particular given reaction, both A and E& are constants, к is a 
temperature-dependent constant for a given reaction.

This equation is useful in quantitative calculations for finding Ea and 
the others. From the Arrhenius equation, it can be observed that

• an increase in temperature T  leads to a larger к and therefore the reac
tion rate is increased, and

• using a catalyst leads to a smaller E& and hence a larger k.

5.2.2.1 Common types of order of reaction

With reference to an arbitrary reaction A + В —> С, the rate equation takes 
the general form of: Rate =  fc[A]m[B]n, where к is the rate constant.

Common values of m and n are 0 , 1 and 2 but are not limited to these 
only.

Combinations of these values give rise to different types of rate equation  
as follows:

• When both m = 0 and n = 0 .
The order of reaction with respect to each reactant is zero. This means 

that reaction rate is independent of [A] and [B], i.e., changing [A], [B] or 
both, does not affect the reaction rate.

This translates to a downward sloping straight line on the [ r e a c t a n t ] —time 
graph with a constant gradient and hence a constant reaction rate.

Rate [A]

The reaction is known as a zero-order reaction.
The rate equation is expressed as: Rate = fc, and the units of к are 

mol dm- 3  s”1.
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Did you know?
For a zero-order kinetics, we have:

Let CQ = [A] at time zero and С = [A] at any time t. Then, 
dC— — = к and —dC = kdt. at

Integrating, we get

-[<?& =

At t = ti /2, С =  С0/ 2 , and therefore ^ / 2 = C0/2k.

• When m = 1 and n = 0.

The order of reaction with respect to reactant A is one. This means that 
the reaction rate is directly proportional to [A], i.e., rate cc [А]. When [A] 
is doubled, the reaction rate is doubled.

The order of reaction with respect to reactant В is zero. This means that 
the reaction rate is independent of [В].

In all, the reaction is said to be a first-order reaction. The rate equation 
is expressed as: Rate = к [A] and the unit of к is s"1.

Q: What is £1/2?
A: The half-life of a reactant (£1/2) is the time taken for its concentration 

to decrease to half of its original value.

Rate [A]

/IC is constant

♦ Time
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The notion of half-life is one useful concept for describing reaction rate. 
Why? It is sometimes meaningless to ask how long it takes for a reaction 
to be completed because when the concentration of a reactant becomes so 
small, theoretically, the reaction time will tend to infinity. The concept of 
half-life was originally coined for use in radioactive decay, but it has been 
applied to other fields such as the study of kinetics.

[Reactant] (mol dm 3)

A first-order reaction has a constant half-life. This means that the half-life 
is independent of initial concentration of reactant and it is related to the 
rate constant by the equation: Ьг/2 =

Did you know?
For a first-order kinetics, we have:

Rate=- ^  = fciAi 
Let CQ = [A] at time zero and С = [A] at any time t. Then,

Integrating, we get

[ C dC , f l , 
~ L ~ c = k L dt
- l n [ C ] g o =

{Continued)
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(Continued)
Hence,

—In С + In CQ = kt.

Rearranging gives
n

In С =  —kt + In C0 or In =  kt.О
At t = ti/2, С = С0/ 2 , and therefore In 2 = kti/2.

Thus, if we find that the half-life is constant from the [reactant]-time plot, 
then the reaction is first order with respect to that reactant.
• When m = 2 and n =  0.
The order of reaction with respect to A is two. Rate a  [A]2. When [A] 
is doubled, the rate is quadrupled (increased by four times). The order of 
reaction with respect to В is zero. The overall order of reaction = m + n =
2 + 0 =  2.

The reaction is said to be an overall second-order reaction. The rate 
equation is expressed as: Rate = A;[A]2 and the units of к are mol-1  dm3 
s"1.
Did you know?
For a second-order kinetics, we have:

Rate = — = k[ A]2. dt
Let С о = [A] at time zero and С = [A] at any time t. Then,

dC ~2 i dC . ,—— = kC and — 73Г = kdt. 
dt

Integrating, we get

- С .

И 1 - * *
Hence,

1  1

c  = c : + k t -
k i t  = ti/2, С = С0/ 2 , and therefore t \/ 2 — l/(kCQ).
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fAl Rale Rate

An overall second-order reaction is also observed when both m =  1 and 
71 =  1.

In this case, the order of reaction with respect to each reactant is one,
i.e., rate cx [reactant].

The rate equation is expressed as: Rate =  fc[A][B] and the units of к are 
mol-1  dm3 s'"1.

Q: For the overall second-order reaction whereby rate =  /c[A][B], since rate 
oc [A], will the graph of [A] against time indicate a constant half-life? 

A: It depends! If [B] used is relatively high enough such that [B] »  [A], then 
the relative changes in [B] are so much smaller that [B] can essentially 
be regarded as a constant throughout the reaction.

Q: For this same experiment, if we map out the [B] with respect to time, 
would it give us a constant half-life?

A: No! This is because the [A] is not in excess relative to [B] here. Thus, 
the changing [A] would affect rate. So in order for the reaction to be 
pseudo-1st order with respect to [B], the [A] must be in excess relative 
to [В].

The rate equation can then be simplified as: Rate «  k'[A] where k' = 
k[ B] = constant.

This reaction is regarded as a pseudo-first-order reaction with respect 
to A.

In this case, the [A]-time plot will indicate a constant half-life.

Q: For a second order reaction whereby rate = k[A]2[B]°, will the graph of 
[B] against time be a liner straight line?

A: Yes, provided the [A] is high enough at the beginning. If [A] is not high 
enough, then the [B] against time plot will follow the profile of the [A] 
against time plot. Similarly, for rate = k[A][B]°, the [B] against time 
plot will follow that of [A] if [A] is not in excess relative to [В].

5.2.3 Experimental methods used to determine order 
of reaction

Since rate is affected by concentration, then in order to determine the order
of reant.inn with rocnonf tn n гчn :_1____1 , i _!__ . 4- n 11Ч Г
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monitor the concentration of the reactant of interest with respect to time. 
Experiments performed to find the order of reaction involve either

• discontinuous measurement, or
• continuous measurement.

Essentially, we want to determine how concentration changes affect the reac
tion rate. Firstly, we need to relate these concentration changes to a partic
ular physical property whose changes can be measured during the progress 
of the reaction.

Examples of physical properties of substances that can be linked to con
centration changes are visible changes such as formation of product precip
itate, colour changes, volume of gas evolved, pressure of gas and electrical 
conductivity.

5.2.3.1 Experiment involving discontinuous measurement

This method entails performing separate sets of the same experiment by 
using different starting concentrations of the reactants.

The time taken for a prominent visible change to occur is noted for each 
experiment. Such experiments are known as “clock reactions.”
Example of a clock reaction: Reaction of sodium thiosulfate 
with HCl(aq)

Na2S20 3(aq) + 2HCl(aq) — > S(s) + S02(g) + 2NaCl(aq) + H20(1).
pale yellow

The rate of reaction between sodium thiosulfate and dilute HC1 can be con
veniently studied by measuring the time taken for a definite, small amount 
of sulfur to be formed.

How do we quantify this amount? A good gauge is observing sufficient 
yellow sulfur masking an image on a piece of white paper placed underneath 
the reaction beaker (see Fig. 5.6).

The basic idea is that different concentrations of the reactants result in 
different rates of formation of the sulfur product and thus the times taken 
for its formation will differ accordingly.

✓
Looking down 

--------------  Before mixing

_  — — After a certain
f  time, I

Paper marked with an “X”

into the beaker: 

®  

О
Fig. 5.6.
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For each experiment, a measured volume of one reagent is in troduced  
into a beaker, which has a paper with an “X” placed underneath it. As soon—  
as the other reagent is added to the solution in the beaker, a stopwatch is - 
started to note the time for the “X" to be masked by the sulfur formed 
w en viewed through the mouth of the beaker. This time is then tabulated.

о deteimine the order of reaction with respect to one reactant, a min
imum of two sets of experiments are needed in which its concentration is 
varied while that of the other reactants are held constant. Since there are 
two reactants whose order of reaction are to be determined, a typical pro- 
ce ure will entail a set of three experiments to be performed using varying 
volumes of reagents (of known concentration).

Experiment
Volume of 

Na2S20 3 (cm3)
Volume of 
HC1 (cm3)

Volume o f Time A t Taken 
H20  (cm 3) for “X ” to be Masked (s)

1 10 10 102 20 10 03 10 20 0

Q: Why do we need to add water, which is not a reactant?
: Note that the total volume of the two reactants is not the same in 

all three experiments. It is 20 cm3 for Experiment 1 and 30 cm3 for 
xperiments 2 and 3. An appropriate volume of water is added to the 

first mixture to ensure that the total volumes of all three mixtures are 
t e same. In this way, the initial concentration of each reactant in 
t e reaction mixture is then directly proportional to its volume 
used. If this were not done, we would never get two different exper
imental sets whereby the concentration of one reactant changes while
Vf. reŜ  are beinS kept constant. All initial concentrations would be 
different! Try figuring this out yourself.

Let us say we have the results tabulated as follows:
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The order of reaction with respect to each reactant is calculated using 
what we call the initial rates method.
The initial rates method fo r deducing order of reaction 
Recall that average rate is a good approximation of initial rate provided it 
is measured at a very short time interval and at the point of initial mixing 
of the reactants, i.e., measuring the gradient of the tangent to the curve at 
t =  0 .

If the time elapsed is too long, then the concentration of each of the 
reactants changes to a value that may be very different from its original 
value. And remember that different concentrations lead to different rates of 
reaction. Thus, the measured rate cannot be linked to the original concen
trations of the reactants.

But in this case, the initial rate of the reaction is approximated by the 
average rate of the reaction since the approximation is a good one due 
to the sufficiently small time interval.

Q: How do we determine if the time interval is small enough?
A: This is a very good question. The time interval we use cannot be too 

short as this will cause large errors of uncertainty in the time measure
ment as well as in obtaining observable data. Neither can it be too long 
because by then the concentrations of the reactants may have changed 
so significantly that the average rate does not tie in with the value of 
concentration that we have in mind.

In practice, the average rate of reacting a fixed concentration of a 
reactant or forming a fixed concentration of product is actually 
measured.

In fact, since we are measuring the average time taken for the formation 
of a fixed amount of sulfur product,

[̂product]
Initial rate of reaction = ----- —-----at

can be re-expressed as:
 ̂ Д [product]Rate = LF— ---- L.At

The fact that the amount of sulfur formed is considered fixed translates to 
a fixed concentration of sulfur formed (i.e., A [product] = constant):

Fixed amount of S(s) formed 
ate ~~ Time taken At
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Hence, the derivation of the following relationship:

Initial rate oc —  
A t

We can now compute a column for the initial rates in the experiments:

Experiment

Volume of 
NazSzOa 

(cm3)

Volume of 
HC1 

(cm 3)

Volume of
h 2o
(cm 3)

Tim e Д£ Taken 
for “X ” to be 

Masked (s)
Initial R ate

( s - 1)
1 10 10 10 40 0.0252 20 10 0 20 0.0503 10 20 0 20 0.050

With the total volume of the mixture kept constant: Initial [reactant] oc 
^reactant Used.

кf S ^ I m n Ume rate eclua^0n takes the general form: Rate =
2 3 J I * ' Next, we have to determine the values of m and n. in 

turn, using the data from the table.
ow do we go about doing this? Firstly, we need to recognise that the 

о reaction with respect to a given reactant tells us exactly how the 
га e о reaction is dependent on its concentration. To determine this exact 
epen ency, we е̂ер ^  other factors constant, i.e., the concentra

tions of the other reactants have to be held constant.

Therefore, to find the value of m, we compare the results from 
Experiments 1 and 2 .

In these experiments, only the initial [S20 32-] differs while [H+] is held 
COnStcLIlt.

■ j f  S<f2n when [S2O32 J is doubled (since volume of S9O32
*oubled)- the rate of reaction also doubles.

ce, rate oc [S2O3 ] and the order of reaction with respect to SoO-j2 
is one, and therefore m  =  1.

1 n, va ûe n' we compare the results from Experiments 1 and 3. 
constant^ eXPenmentS’ 0nly the initiaJ m  differs while [S20 32-] is held

blpHWv, *3e !eeV hat Ŵ en P +1 is doubled (since volume of H+ is doubled), the rate of reaction also doubles.

and'therefore n =  1 .'' ^  ^  °f r8aCti°n W‘th respect t0  H+ ‘S °"e’
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• In determining m and n, the following information can also be obtained:
о Rate oc [S20 32-][H+].
о Rate equation: Rate =  fe[S2032_][H+].
o Overall order of reaction =  2.
We can go on to calculate the rate constant к by using the rate equation 
as we will see in the following example.

Example 5.1: The reaction kinetics of the following reaction was studied 
by monitoring the rate of formation of I2:

H20 2(aq) +  2H+(aq) +  2Г  (aq) -  2H20(1) +  I2(aq).

Using the results shown in the table,

(i) find the order of reaction with respect to each reactant using the initial 
rates method, and

(ii) hence, state the rate equation and use it to calculate the rate constant, k.

Experiment
Initial [H2O2] 

(mol dm -3 )
Initial [I ] 
(mol dm -3 )

Initial [H+] 
(mol d m "3)

Initial Rate of 
Formation of I2 

(mol dm-3 min-1 )

I 0.010 0.015 0.20 2.0 x 10~4
II 0.015 0.020 0.10 4.0 x 10"4
III 0.030 0.015 0.20 6.0 x 10"4
IV 0.010 0.030 0.20 4.0 x 10-4

Approach:

(i) To determine the order of reaction with respect to each reactant:
• pick two sets of data wherein concentration of one reactant changes 

and others are held constant.
(ii) To calculate the numerical value of к:

• pick any one set of experimental data,
• insert values for [reagents] and reaction rate into the rate equation to 

solve for к, and
• do not forget the units for k.

Solution for (i):

• To determine the order of reaction with respect to H20 2, compare 
Experiments I and III: when [H20 2] is tripled, the reaction rate also 
triples.
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• To «letersame the order of reaction whh respect to I- - compare 
Experiments J and IV: when {!"] is doubkxL the reaction rate also doubles. 
H e n c e ,  r a t e  ос [ ! " ] -

The order of reaction with respect to I" is 1.
• To determine the order of reaction with respect to H~. you will find that 

there are no two sets of experiments that we can inspect to determine 
how rate is affected solely by changes in its concentration.

We need to employ a mathematical approach which simply compares 
two sets of rate equations.

Comparing Experiments I and II, we have

Rate„ _  4.0 x 10~4 fc[H2ОгЙРГЩНЧн
Ratei 2.0 x 10"4 *[H20 2]f P 4i IH4 f

(5.1)

where x and у are found to be equal to one and this simplifies Eq. (5.1). 
giving:

Raten 4.0 x 10“ 4 (0.015)(0.020)(0.10)2 
Ratej “  2.0 x 10~4 ”  (0.010)(0.015)(0.20)г

Hence, the order of reaction with respect to H+ is zero. 

Solution for (ii): Rate equation:

Rate =  fc[H20 2][I“ ]. 

Using data from Experiment I:

к =  Rate [H20 2][I“ ]
=  2.0 x 10~4/(0.010) (0.015) 
=  1.33 mol-1 dm3 min-1 .

As seen from the above example, not all the reactants appeared in the 
rate equation. Furthermore, the orders of reaction do not follow that of the 
stoichiometric coefficents in the chemical equation.

Exercise: The initial rate data of the following reaction are shown in the 
table:

2A +  3B +  С — ► 3D +  E.
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Experiment
Initial [A] 

(mol dm -3 )
Initial [B] 

(mol dm -3 )
Initial [C] 

(mol dm-3 )
Initial Rate 

(mol dm-3 s-1 )

1 0.10 0.02 0.04 0.010
2 0.10 0.03 0.04 0.015
3 0.20 0.02 0.08 0.080
4 0.20 0.02 0.16 0.320

(i) Determine the order of reaction with respect to each reactant.
(ii) Hence, state the rate equation and use it to calculate the rate 

constant, k.

Solution:

(i) Order of reaction with respect to A is 1. Order of reaction with respect 
to В is 1. Order of reaction with respect to С is 2.

(ii) Rate =  fc[A][B][C]2; к = 3125 mol-3 dm9 s-1 .

5.2.3.2 Experiment involving continuous measurement

This method entails performing one set of experiments and monitoring con
centration changes over a period of time. There are different ways to monitor 
the changes. One of them involves the sampling and titration method.

Sampling and titration method
For the sampling and titration method, samples of the reaction mixture 
are drawn at regular time intervals, and a subsequent test is performed to 
determine the concentration of reactants at sampling time.

Q: Won’t the reaction continue in the samples drawn?
A: Yes, it will. That is why, as soon as a sample at time t is drawn, the 

reaction is made to stop — a process known as quenching the reaction.

Quenching can be achieved by adding:

• a large amount of cold water to the sample so that reaction rate will be 
so slow as to be insignificant, or

• a “quenching reagent” that actually removes one of the reactants (by 
reacting with it) so that the primary reaction is stopped.

Q: How does “large amount of cold water” slow down the reaction?
A: Firstly, introducing cold water decreases the rate because when temper

ature decreases, rate of reaction decreases. Secondly, increasing volume 
increases distance of separation between the reactant particles, this thus 
decreases the frequency of collision.
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The aim of such experiments is to obtain, at regular time intervals, the 
concentration of remaining unreacted reactant or the concentration of prod
uct formed so that a concentration-time graph can be plotted and used for 
the analysis of reaction rate.

We can choose to follow the concentration of any one of the substances 
in the chemical equation. Our choice will be based on which substances can 
be easily, yet accurately, analysed.

Example: Determine the order o f reaction using 
a [reactant]-time graph
The following equation represents the base-catalysed decomposition of 
hydrogen peroxide:

2H20 2(aq) 2H20(1) +  0 2(g).

A measured volume of H2C>2(aq) of known concentration is placed in a con
ical flask. As soon as NaOH(aq) is added to the reaction vessel, a stopwatch 
is started. Samples of the reaction mixture are drawn, using a pipette, at 
regular time intervals. The sample is quenched by adding H2S0 4 (aq) so 
that the composition at time of sampling can be analysed. H^SO^aq) stops 
the reaction by removing the base catalyst in an acid-base neutralisation 
reaction.

To determine the concentration of unreacted H202 (aq) at each time of 
sampling, a titration is performed on the quenched sample using a standard 
solution of potassium manganate(VII).

The H202(aq) in the quenched sample will react with MnC>4- (aq) as 
follows:

2MnC>4 (aq) -I- 5H20 2 (aq) +  6H+(aq) — ► 2Mn2+ (aq) +  502(g) +  8H2OO).
PurPle pale pink

The end point of titration is reached when one drop of the purple 
МПО4 (aq) results in a permanent tinge of pink.

The volume of МПО4-  used is proportional to the [H2O2] remaining. We 
can then plot a graph of volume of М1Ю4-  against time (see Fig. 5.7) which  
will give us similar information to plotting a graph of [H20 2] against time.

Once the graph is plotted, the shape of the curve gives us crucial infor
mation about the order of reaction with respect to H202 (aq) (since this is 
the reactant whose changes in concentration we are following).

We then apply the following half-life method to deduce the order of 
reaction.



Reaction Kinetics 173

Volume of 
KMn04 (cm3)

F ig . 5 .7 . Graph of volume of К М 1Ю 4 against time.

Q: How do you prove that [H2O2] is directly proportional to volume of 
МПО4 ?

A: No. of moles of H2O2 00 no. of moles of M nOj.
No. of moles of MnC>4 =  [MnO^] x volume of M nOj.
Since [MnOj] is constant, therefore no. of moles of MnC>4 00 volume of 
M n O ~ .

[H20 2] =  No. of moles of H2O2/Volume of H2C>2-
Since volume of Н2<Э2 is constant, [H2O2] 00 No. of moles of H2O2.
Therefore, [H202 ] is directly proportional to volume of МПО4 .

The half-life method fo r  deducing order o f reaction

The half-life of a reaction (£1/2) is defined as the time taken for the concen
tration of a reactant to be reduced by half, i.e., from CQ to CQ/ 2.

Based on the type of plot obtained from a [reactant]-time graph, the 
order of reaction with respect to that reactant can be deduced:

• If a downward sloping straight line graph is obtained, then it is a zero- 
order reaction with respect to H202(aq).

• If a curve is obtained, determine if the half-life is a constant.
о If half-life is constant, then it is a first-order reaction with respect to 

H20 2(aq).
Half-life of a first-order reaction: £1/2 is a constant (i.e., ti =  £2 =  £3)- 
It is independent of initial concentration of reactant:

£1/2 =  ( l n 2)/fc.
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Volume o f  
K M n04 (cm3)

F ig. 5 .8 . Graph of volume of K M 11O 4  against time. 

[Reactant] (mol dm '3)

Time (s)

If half-life is not constant, then it is neither a first- nor zero-order 
reaction with respect to H20 2(aq).

It may be a second-order reaction if we get an upward sloping straight 
line that passed through the origin when the graph of rate against [A]" 
is plotted.

[A] Rale

How do we determine if half-life is a constant?
Basically, you just need to note two At values:

• the time taken for [reactant] to decrease from CQ to 1/2C0 =  h
• the time taken for [reactant] to decrease from 1/2C0 to 1/4C0 =

and

t2 •
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If t\ =  t2, then ti/ 2 is considered a constant.
This, in turn, means that the order of reaction with respect to the reac
tant is 1.

With reference to the graph plotted in Fig. 5.8, since t\ =  £2 = 14 min, the 
half-life o f the reaction is constant and reaction is therefore first order 
with respect to H20 2(aq).

Half-life is related to rate constant and this relationship is useful. As 
seen in this example, the rate constant for a first-order reaction can be 
calculated if the half-life value is known. For instance, t\/2 =  ^  => к =  
^  =0.0495 m in '1.
Q: Is it necessary to always use the very initial value of concentration when 

we determine i j /2 for a first-order reaction?
A: It is theoretically not necessary but experimentally necessary. Why? 

For a first-order reaction, no matter what value of concentration you 
used as the starting point, t\j<i would still be the same theoretically. 
But unfortunately in real life, this may not be so. Why? Let us assume 
that the rate equation is Rate = /с[А][В]. If we want to show that the 
reaction is first-order with respect to A, we need to monitor the changes 
in [A] with respect to time (but note that this is only possible if there 
is a physical attribute for reactant A to be traceable). In addition, we 
have to ensure that [B] is always a constant. This can be achieved by 
using a large excess of reactant B. And the condition whereby there 
is a large excess of [B], which is required to show that the reaction is 
first-order with respect to A, is probably true only at the very beginning 
of the experiment. At a later stage of the experiment, [B] may not be 
sufficiently large to not affect the rate of the reaction and this translates 
into inaccurate measurements that would not be useful and conclusive 
enough to find the order of reaction with respect to A.

Q: Can we also monitor the concentration of product formed during the 
course of reaction and use it to determine order of reaction?

A: Yes, you can. The [product]-time plot is just an inversion of the 
[reactantj-time plot and it reflects the effect of concentration of reactant 
on reaction rate.

Example: Determine the order o f reaction using 
a [product]-time graph
Let us look at the hypothetical example of the decomposition of com
pound X:

X(aq) — > 2Y(g) +  Z(g).
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The kinetics for this reaction is studied by monitoring the concentration-^: 
changes of the products formed by simply measuring the volume of ga== 
evolved at regular time intervals:

Time, t (s) 0 100 200 300 400 500 600 700 800 oo

Volume, Vt (cm3) 0 17.9 30.0 38.2 45.0 50.0 52.5 54.4 56.3 60.0

vt (cm3)

Fig. 5.9. Graph of Vt against time.

Plotting a graph of volume of gas collected against time corresponds to 
plotting a [product]-time graph since Vt oc [product]. We can then deduce 
the order of reaction using the half-life method.

Q: What is the significance of t -  oo?
A: This is time taken for the reaction to reach completion. With that said, 

Voo =  total volume of gas evolved at the end of the reaction, and Voo oc- 
total amount of reactant reacted, i.e., the initial amount of reactant.
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Since Vt =  volume of gas evolved at time t, i.e., Vt oc amount of reactant 
reacted at time t, (V^ — Vt) oc amount of reactant that remained unreacted 
at time t.

Since the amount of reactant is proportional to its concentration, (V̂ o — 
Vt) oc [reactant] and thus plotting the graph of (V̂ o -  Vt) against time is 
similar to plotting the graph of [reactant] against time (see Fig. 5.10).

T im e , t (s) 0 100 200 300 400 500 600 700 800 00

Volume, Vt (cm3) 0 17.9 30.0 38.2 45.0 50.0 52.5 54.4 56.3 60.0
(Voo -  Vt) (cm3) 60.0 42.1 30.0 21.8 15.0 10.0 7.5 5.6 3.7 0.0

V*-V, (cm1)

F ig . 5 .1 0 . Graph of ( -  Vt) against time.

Now, compare Figs. 5.10 and 5.11. Do you see that the [product]-time 
plot is an inversion of the [reactant]-time plot?

B a sed  on the [re actan t}-tim e  graph: B ased on the [product]—tim e graph:

Two sets of half-life can be obtained as This same time period corresponds to:
the time taken for:

(i) initial [reactant], C0 to decrease (i) increase in [product] from 0 to |C0
to ^ Co

(ii) 5Co to decrease to £С 0. (ii) increase in [product] from |C0
to jjCo-

Hence, with reference to the graph plotted in Fig. 5.11, since t\ — £2 — 
200 s, the half-life o f the reaction is constant and reaction is therefore 
first order with respect to X(aq).
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V, (cm1)

Fig. 5.11. Graph of Vt against time.

tants determine the order o f reaction with respect to two reac-

Consider the case of two reactants such that A +  В — > С.
he rate equation takes the general form: Rate =  A;[A]m[Bjn. 
e can follow the concentration changes of each reactant in turn, 
er, t is is not often practised. Instead, we first decide which reac

tant s concentration changes we can monitor easily; say, A. 
ex , we perform the same type of experiment twice, using:

• the same initial concentrations of A, but
• different initial concentrations of B.

thp • Ши̂ 1̂ е muc  ̂Skater than initial [A] so that, at any time during
i . °n’ *  ̂ hardly changes and is thus considered essentially constant 

hv r al6- 6 Ĉ an^es *n (A)* We can then determine how rate is affected 
WU SO'Called Pseud°-™th order reaction.
When [B] is a constant, the rate equation

can be re-expressed as
Rate =  /c[A]m[B]n 

Rate =  А/[А]т ,
where k' =  k[B]n.

om the two experiments, we can plot two graphs of [A] against time.

m f 8 ^  orc*er taction with respect to A, we use the half-life 
method (refer to Sec. 5.2.3.2).

r»t er+k̂ nj  orc*er reaction with respect to B, we use the initial 
rates method (refer to Sec. 5.2.3.1).
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Example: Acid-catalysed hydrolysis o f methyl ethanoate in water

CH3C00CH3+ н2о снзсоон+ снзон.
The rate equation takes the form of: Rate =  к [СНзСООСНз]2 [H+]!/.

Two sets of experiments are carried out with different initial [H+]. The 
following results are obtained:

Initial [H + ] =  0.200  m ol d m  3 Initial [H + ] =  0 .40 0  m ol dm  3

T im e  (m in ) [C H 3C O O C H 3] (m ol d m - 3 )

0 0.100 0.100
20 0.076 0.063
40 0.061 0.040
60 0.050 0.025
80 0.040 0.016

100 0.031 0.010
120 0.025 0.006
140 0.021 0.003

(i) First, plot the two graphs of [CH3COOCH3] against time (see 
Fig. 5.12).

(ii) Determine the order o f reaction with respect to the ester by 
the half-life method.

We just need to use one of the graphs since both will give the same 
information about half-life.

Using Curve 2 with [H+] =  0.400 mol dm-3 , t\ =  30min; t2 =  30min. 
Since t\ =  t2 =  30 min, the half-life of the reaction is constant and the 
reaction is therefore first order with respect to CH3COOCH3.

[CHjCOOCHjJ (mol dm”J)

Fig. 5 . 1 2 . Graph of [CH3COOCH3] against time.
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Half-life is 60 min for Curve 1 with [H+] =  0.200 mol dm-3 .
(iii) Determine the order o f reaction with respect to H+ using the 

initial rates method.
In this method, we compare the changes in initial [H+] with that of 

the initial rate of reaction to establish the relationship between the two 
quantities. (Note that the comparison is made valid as at t =  0, [ester] 
is the same for both experiments.)

How do we obtain values of the initial rate of reaction from experi
mental data?
• For each graph, draw a tangent to the curve at time t =  0.
• Measure the gradient of this tangent. This corresponds to the initial 

rate.
Gradient of the tangent to Curve 1 at the start of the reaction

0.100-0.082 i o о , J _ 3 . . j
=  - 1.8 x 10 mol dm 3min

0 - 1 0
Gradient of the tangent to Curve 2 at the start of the reaction

0.100-0.082 , , , - 4 . - 1= ----- - — ------ =  -3 .6 x 1 0  3 mol dm mm .и 0
When initial [H+] is doubled, the initial reaction rate also doubles. 
Thus, the reaction is first order with respect to H+ .
The rate equation is therefore: Rate =  fc [C H 3C O O C H 3] [ H + ].

How can we determine the value of к?
There are two approaches in determining k.

• First approach:
Substitute the known values into the rate equation:

Rate = fc[CH3COOCH3][H+].
You can make use of either one of the experiments.
For instance, take the data of Experiment 2:

Initial rate =  3.6 x 10-3  mol dm-3  min"1,

Initial [CH3COOCH3] = 0.100 mol dm-3 ,
Initial [HC1] =  0.400 mol dm "3.

Thus,

Rate = fc[CH3COOCH3] [H+]
3.6 x 10-3  =  к x 0.100 x 0.400 

к = 0.09 mol-1 dm3 min-1 .
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You will obtain the same value for к if you use the data from Experiment 1.
• Second approach:

Use the expression t1/2 =  (In2)/fc.
Q: Wait a minute! This is only applicable to first-order reactions. In this 

example, the overall order of reaction is two. Furthermore, the initial 
[H+] is not very much greater than that of the ester. So how can we 
use this expression?

A: You have learnt well! The reason why we can use t\j2 — (In 2)/k  is 
because H+ is a catalyst here. Being a catalyst, its concentration is 
essentially unchanged throughout the whole reaction. Thus,

Rate =  A/[CH3COOCH3],

where к' =  /с[Н+].
We have here a pseudo-first-order reaction!

Taking the data from any experiment, say, Experiment 2, we can substi
tute t\f2 =  30 min into the equation to get:

In 2 In 2
j f c p F J  “  3 0

and hence
In 9

к = -----------=  0.058 mol-1 dm3 min-1 .
0.4 x 30

The value of к calculated from both approaches differs because of dif
ferent sources of inaccuracy arising from the plotting of tangents and so 
forth.

The half-life expression shows the dependence of ti/2 on [H+], i.e., when 
[H+] doubles, tif2 is halved. This explains why ti/2 for Experiment 1 is twice 
that of Experiment 2.

Q: Why is it that the order of reaction with respect to H20  is not being 
determined?

A: As water is used as the solvent in this reaction (i.e., it is present in 
large excess), its concentration remains essentially constant throughout 
the reaction. The total amount of water reacted is negligible compared 
to the total amount of water present. It is not possible to change its 
concentration and hence its order cannot be determined.
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5.3 Rate Equation and Reaction Mechanism

Thermochemical data help us to understand the feasibility of a reaction.
metics informs us how fast the reaction can proceed and factors that affect 

its rate. The reaction mechanism gives us insight as to how reactants com- 
bine to form products.

There are important terms to be acquainted with when dealing with the 
reaction mechanism:

A reaction may not necessarily proceed in one step but rather in a series 
of steps known as elementary steps. An elementary step is the simplest 
step which cannot be further broken down into simpler steps.

For example, for the reaction H20 2(aq) +  2H+(aq) +  2I"(aq) — * 
2H20(1) + I2(aq), it is highly unlikely that the five reacting particles 
will collide at the same time. The reaction must have occurred in sev
eral elementary steps that involve the formation of intermediates, which 
subsequently react in later steps to generate the final products:

Step 1: H20 2 +  I" — ► H20  +  O l" (slow)
Step 2: H+ + OI~ —-> HOI (fast)
Step 3: HOI + H+ + 1"  — ♦ H20  + 12 (fast)

For this example, 01 and HOI are the intermediates or reaction interme
diates.
The molecularity of an elementary step is the number of reactant species 

at react in that step. For instance, both Steps 1 and 2 are bimolecular. 
ep is termolecular, which involves three reacting species. A unimolec- 

nlar step consists of only one reactant species.
• e collection of elementary steps is called the reaction media-

ism, w ic gives a complete description of how reactants are converted 
into products.

snrTm ^  elementary steps of a proposed reaction mechanism are 
summed up, you get the overall chemical equation.

^ ° 2 I * H2O +  01 “  (slow r.d.s.)
S ep : H + +  0 1 -  h o i  fast)

+ +  —  H20  + 12 (fast)

 ̂ Overall equation: H20 2 +  2H+ +  21"  — > 2H20  +  I2

ticular step'thT reactl°n mechanism, there is bound to be one par- 
ls the slowest step. This slowest step is known as
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the rate-determining step (r.d.s.). It is usually indicated by the 
word “slow” .

• The overall rate o f the reaction is equal to (or controlled by) the 
rate o f the rate-determining step, i.e., the rate of formation of the 
final products, H2O and I2, depends on how quickly Step 1 proceeds and 
not how quickly Step 3 proceeds.

Consequently, the rate equation for the overall reaction is obtained 
from the rate-determining step (slow step) and not from the balanced 
chemical equation, i.e., rate equation: Rate =  k[H2C>2][I“ ].

• The order o f reaction with respect to each reactant in the rate- 
determining step is equal to the coefficient o f the respective reac
tant in the rate-determining step (and preceding steps leading to 
it).

In this case, H2O2 and I”  react in the mole ratio of 1:1 in the rate- 
determining step. This corresponds to Rate ос [H2O2] and Rate ос [I- ].

The reaction mechanism for a given reaction can be proposed based on the 
experimentally determined rate equation.

Example 5.5:
H20 2(aq) +  2H+ (aq) + 2Г  (aq) — ► 2H20(1) + I2(aq); Rate = *[Н20 2][Г]. 
Is the proposed mechanism below plausible for the given reaction?

Step 1: H2O2 4-1“  — * HOI +  OH-  (slow r.d.s.)
Step 2: HOI + 1“  — > I2 +  OH" (fast)
Step 3: 20H" +  2H+ — ♦ 2H20  (fast)

Solution: Yes, this is a plausible mechanism. The stoichiometry of the reac
tants in the rate-determining step coincides with the order of reaction with 
respect to each species in the rate equation. In addition, when the three 
steps are summed up, the overall chemical equation is obtained.

Example 5.6:
Br0 3~(aq) +  5Br“ (aq) +  6H+(aq) — * 3Br2(aq) +  3H2 0 (1);

Rate =  fc[Br03-][Br-][H+]2.
Is the proposed mechanism below plausible for the given reaction?

Step 1: Br“  +  H+ — ♦ HBr (fast)
Step 2: Br03~ +  H+ — » HBr03 (fast)
Step 3: HBr03 + HBr — * HBr02 + HBrO (slow)
Step 4: HBr02 +  HBr — * 2HBrO (fast)
Step 5: HBrO +  HBr — * Br2 +  H20  (fast)
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fan\Th!nthYeS’ ^  1S a plaUsible “ echanism. The stoichiometry of the rea,
Step’ and the preceding steps leading to i 

comades with the order of reaction with respect to each species in the ral
equation. Ь  addition, when the five steps are summed up, the overall che 
ical equation is obtained.

rea i=

Q: Why must we include the species in the preceding steps before the r a t e -  
determining step?
T-m °Vera  ̂la ê depends on [HBr] and [НВгОз]. In turn, the formation of

'  Г \ , 8 “  _  ̂ аП<̂   ̂ ^ie formation of НВгОз depends 
n [H J and [Br03 ]. Therefore, Rate =  fc[Br03~][Br-J[H+]2.

ni ) C6,.^le ra ê eQuation involves the reactants (not intermedia 
e overall equation that take part in the elementary steps 

preceding and including the rate-determining step.

5.4 Transition State Theory

sion Theory was formulated to understand how reactants collide 
m products. Although it was mentioned that a minimum activation 

. fT 1S гес*и*ге(̂  to get the reaction going, the model does not account for 
a appens to the initial amount of energy once the reaction has started, 

г rp, П°У 1S епег5У is being conserved according to the First Law 
kH0w Ш0 ^nam ĉs- bi what form the energy is being conserved, we do not

transition State Theory was then formulated to account for what 
Са̂ У •appens to initial kinetic energy that the reactant particles 

rMrr S' min? P1,0̂ 88 along the reaction pathway (also known as the 
10n coor mate). It focuses on the species existing at the point where 

is Wnn ants are Just about to change into products. This particular point 
enprtrv ?  /  r̂ansition state for the reaction and it has the highest 
at t-hiQ f°n еП- 0V6r the ^uration of the reaction. The species that is present

W h ' T  State iS kn°Wn 35 the activ^ < *  complex, 
intpr-pb f W° reac^n® Particles approach each other in a collision, there is
remikivp f ° mCJepUlSi0n between their interacting electron clouds. Such a
if thp япп 0r°t- ecreases sPeed of the two approaching particles. Thus,
work ага1пчГ̂ ЬШе Particles not have a sufficient amount of energy to do
But if Hip 6 *Ve ôrce’ particles would simply “touch and go .
electroncloudT6 * ~  ° f « * * *  the“  inter-penetration of the

would occur. At this point, there could be a rearrangement
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of valence electrons, with the partial breaking of old bonds and the partial 
formation of new bonds. This would result in the formation of an activated 
complex, which is the arrangement of atomic nuclei and bonding electrons at 
the point of maximum potential energy. Part of the kinetic energy that the 
reacting particles have initially would be converted to electrostatic potential 
energy and stored in the bonds. At this point, the electrostatic potential 
energy would be at its maximum, as depicted in Fig. 5.13 for a single-step 
reaction:

A-B +  X ^  [A---B---X]* — >A + B -X .
reactants activated complex products

For a reaction that consists of more than one mechanistic step, there 
would be more than one transition state, as shown in Fig. 5.14.

For such a reaction mechanism, other than the activated complexes that 
are being generated, there is additional species known as a reactive inter
mediate. Unlike a reactive intermediate, an activated complex cannot be

Energy

F ig. 5 .1 3 . Energy profile diagram for a single-step reaction.

Fig. 5.14. Energy profile diagram for a two-step reaction.
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isolated. Once formed, the activated complex (at the transition state) ca___
transform into the products or “fall back” to regenerate the reactants.

Q. So according to the Collision Theory, reactants must possess a mini----
mum energy known as the activation energy and collide with the cor----
rect geometry. This energy is in the form of kinetic energy. The MAIN 

IFFERENCE between the Transition State Theory and the Collision 
Theory is that the former “tells” us more about what the activation 
eneigy is used for, what happens to it during the progress of a reaction, 
whether there is any energy “left over,” and lastly, the transformation 
process (structural changes, bond breakage, bond formation, and so on) 
of reactants to products. Is that the gist of it?

A. Yes. That s very good. We will quote some examples below to show the 
usefulness of the Transition State Theory especially in understanding 
organic reactions.

Example. In the hydrolysis of bromomethane with NaOH, it is found that 
the reaction is first-order with respect to OH“ . But for the hydrolysis of 

romomethylpropane with NaOH, the reaction is found to be zero-order 
wit respect to OH . Further mechanistic studies result in the proposal of 
the following two mechanisms:

Reaction: CH3Br +  OH" —  CH3OH + Br".
Mechanism:

Transition state

Reaction: CH3C(CH3)(Br)CH3 +  OH~ — + CH3C(CH3)(OH)CH3 +  Br".
Mechanism:



Reaction Kinetics 187

5.5.1 Homogeneous catalysis

The catalyst and the reactants are in the same phase, either liquid or 
gaseous, in a reaction involving homogeneous catalysis.

In a homogeneous catalytic reaction, the catalyst takes part in the 
reaction by being converted into an intermediate ion or compound, 
which is subsequently consumed to form the products. The catalyst is able 
to perform its role because of its ability to exist in more than one oxidation 
state. By the time the reaction is completed, the catalyst will have been 
regenerated.

Example: Reaction between peroxodisulfate ions 
and iodide ions catalysed by Fe2+

S20 8 2"(aq) +  21“ (aq) — *• 2S042“ (aq) + I2(aq).

The uncatalysed reaction involves a direct collision between two simi
larly charged particles. The electrostatic repulsion between the two neg
atively charged ions partly causes the reaction to have a high activation 
energy.

When the reaction is catalysed by Fe2+, it proceeds via an alternative 
pathway that consists of the following steps:

Step 1: 2Fe2+(aq) +  S20 8 2"(aq) — ► 2S042"(aq) +  2Fe3+(aq).
catalyst intermediate

Step 2: 21-  (aq) +  2Fe3+ (aq) — > I2 (aq) +  2Fe2+ (aq).
intermediate catalyst

Transition metal ions are particularly effective at acting as homogeneous 
catalysts because they can exist in different oxidation states and they can 
change their oxidation states easily, facilitating the formation and break
down of intermediate compounds between the ions and the reactants (refer 
to Chap. 11).

Example: An environmental concern: The catalytic 
oxidation o f atmospheric sulfur dioxide by atmospheric 
oxides o f nitrogen
Man-made sulfur dioxide gas comes from the combustion of fossil fuel. The 
atmospheric sulfur dioxide can be oxidised to sulfur trioxide but the reaction 
is very slow in the absence of a catalyst. If you recall in the contact process

5.5 Catalysis



of makmg sulfuric acid, a catalyst known as vanadium pentoxide (V20 5) is 
needed. But in the atmosphere, another equally obnoxious pollutant, N02. 
can accelerate the conversion of S02 to another secondary pollutant, SO*
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Step 1: S02(g) +  N 02(g) — > S03(g) +  NO(g).
Step 2: NO(g) +  l /2 0 2(g) — * N 02(g).

Overall: S0 2(g) +  l /2 0 2(g) —  ̂S0 3(g).

The large amount of S03 formed in the atmosphere then reacts with water 
to form sulfuric acid:

S0 2(g) S03(g) ^  H2S 04(aq).

This results in acid rain and amplifies the problem of atmospheric SO2 as a 
pollutant.

5.5.2 Heterogeneous catalysis

The catalyst and the reactants are in different phases in a reaction involving 
eteiogeneous catalysis. The catalyst is usually in the solid phase and it 

provides active sites at which the reaction can take place. The reactants are 
usually liquids or gases. For example, the Haber process:

N2(g) 4- 3H2(g) ^  2NH3(g), Fe/250 atm/450° C.

Thiee likely steps can be put forward for any heterogeneous catalysis:

Step 1. Adsorption of the reactant particles onto the active sites 011 the 
surface of the catalyst. This is facilitated by the formation of weak 
bonds between the reactant particles and the catalyst. The adsorp
tion increases the surface concentration of the reactant.

Step 2: Reaction at the surface.

The activation energy of the catalysed process is lower because 
the intra-molecular bonds within the reactant particles are weak
ened by the adsorption effects, thereby reducing the energy 
required to disrupt them.

— The reactant particles are brought into close contact and are 
properly orientated for reaction.

Step 3. Desorption of the reactants or products from the surface.
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Example: Catalytic hydrogenation of alkenes

Consider CH2=CH2(g) + H2(g) CH3-CH3(g).

1. Adsoфtion of reactants

( H > - < H )
I II I

2. Chemical reaction

— < Н ) ( h )
I I I 1 I I — ,__I_____ I

3. Desorption of products

Nickel catalyst surface

Example: Catalytic removal o f oxides o f nitrogen 
in the exhaust gases from car engines

Pollutants emitted from the combustion of fuel in car engines make up a 
substantial amount of man-made pollutants. Thus, to minimise emissions, 
cars are fitted with catalytic converters to remove three main pollutants 
(CO, N0X and noncombustible hydrocarbons) from exhaust gases. These 
pollutants are converted into less harmful products, such as CO2, N2 and 
H2O, through a “three-way” catalytic converter.

The catalytic converter consists of a ceramic honeycomb structure coated 
with the precious metals platinum (Pt), palladium (Pd) and rhodium (Rh), 
which acts as catalysts. A honeycomb structure is used so as to maximise 
the surface area on which heterogeneously catalysed reactions take place, as 
the noble metals used are very expensive.

Nickel catalyst surface

< H )  ( H ) - ~

Nickel catalyst surface
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coated

The chemical reactions that occur in the catalytic converter are as fol
lows:

• As the gases enter, the oxides of nitrogen (NO and N 02) are reduced to
2 у the excess CO present, with rhodium acting as the catalyst:

NO + CO l/2N 2 +  C 02.

The CO is also oxidised to C0 2 with platinum and palladium as the 
catalysts:

l /2 0 2 +  CO C 02.

• Noncombustible hydrocarbons are oxidised to C 0 2 and H20  with 
platinum and palladium as the catalysts.

n f  1 Г Я ?  • catalytic converters is destroyed by the presence
ea . is is because lead is preferentially adsorbed on the active sites,

 ̂ 1 unava^able for the reactants to be adsorbed. Hence, cars fitted 
with catalytic converters must run on unleaded petrol.

5 .5.3 Autocatalysis

as а гя̂ я1 reaction invo v̂es fche formation of a product that acts
autocatalysis °Г t 6 reaction* The reaction is said to have undergone



Reaction Kinetics 191

[M nOf] Rate

Time Time

F ig . 5 .1 5 . Graph of [M11O4 
for an autocatalytic reaction.

against time (left) and graph of rate against time (right)

The oxidation of ethanedioate ions by manganate(VII) ions is one such 
autocatalytic reaction. The reaction is accelerated by the Mn2+ ions pro
duced during the reaction:

2Mn04~(aq) +  5C20 42_ (aq) + 16H+(aq)
— > 2Mn2+(aq) +  10C02(g) +  8H20(1).

Initially, the reaction is slow since it is not catalysed. As the Mn2+ ions are 
produced, they increase the rate of the reaction by acting as an autocatalyst 
(shown by the increasing steepness of the gradient of the graph in Fig. 5.15). 
Towards the end of the reaction, the concentration of the reactants has fallen 
to a low level and so the rate of the reaction decreases, even though there 
is an adequate supply of catalyst.

5.5.4 Enzym es (biological catalysts)

Enzymes, which consist of proteins or polypeptides, are an important class 
of biological catalyst, speeding up chemical reactions in living systems. 
Without them, most biochemical reactions would be too slow to sustain life. 
Examples of enzymes include amylase (for hydrolysing starch) and lipase 
(for hydrolysing fats and lipids).

• Characteristics of enzymes:
(i) Nature and size: Enzymes axe globular proteins that fold in a par

ticular conformation, creating a three-dimensional active site. They 
have relative molecular masses of around 105 to 107.

(ii) Efficiency: Enzymes are required in very small amounts — they are 
very effective catalysts. This is because enzyme molecules are regen
erated during their catalytic activity. A typical enzyme molecule may 
be regenerated a million times in one minute.
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(iv)

(ni) Specificity. Due to the special conformation of the three-dimensional 
active site where only certain molecules can be adsorbed, enzymes 
are veiy specific to a particular reaction or type of reaction. 
Temperature: High temperatures of above 50° С result in a change 
in the three-dimensional active site; this denatures the enzyme, ren
dering it inactive. Thus, enzymes operate most effectively at body 
temperature of about 37°C.

(v) Sensitivity to pH: pH change results in a change in the three- 
dimensional active site; this denatures the enzyme, rendering it inac
tive. Different enzymes have differing optimum pH levels.

Enzymatic action: Like other non-biological catalysts, enzymes catalyse 
reactions by providing an alternative reaction pathway with a lower acti- 
\ ation energy. To bring about this, the enzyme forms a complex with the 
su stiate or substrates (reactants) of the reaction. Thus, a simple picture 
of the enzyme’s action is:

substrate +  enzyme ► enzyme/substrate complex — > enzyme 4- products.

гу т в  Enzyme-substrate complex Enzyme

A theory which accounts for their specificity is the lock and key model.
cor mg to this model, the substrate and the enzyme molecule have com*

p mentary shapes such that they fit together like a lock and its key. This 
is how it works:

the samp 8 ^®actant) fits the active site on the enzyme (catalyst) in
this weakpnc ff ^  a lock. An enzyme-substrate complex is formed and
activation рп« 16 п'^ ато^си а̂г bonding within the substrate, lowering the
products formic 0П,1 enzyme-substrate complex breaks apart as the
leaving thp рп aref no 1°пёег of the right shape to remain in the active site, leaving the enzyme free to catalyse further reactions.

he relationship between the enzyme, substrate and rate of reaction: In 
yme catalysed reaction, a fixed amount of enzyme has a limited 

number of active sites in each enzyme.

tin  1̂ П !enzym1  ^  [substrate], the rate of reaction is directly propor- 
na о [enzyme], i.e., reaction is first order with respect to the enzyme.
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At low [substrate], the active sites are not fully filled and the rate is 
proportional to [substrate]. (In most cases, the reaction is first order with 
respect to the substrate.)

At higher [substrate], the active sites are saturated and any increase 
in substrate concentration will not have any effect on the reaction rate. 
Under such conditions, we term it Saturation Kinetics.

Rate

My Tutorial (Chapter 5)

1. Acid rain contains dissolved sulfuric(VI) acid that has been formed by 
the atmospheric oxidation of sulfur dioxide by other pollutants pro
duced from combustion. The mechanisms involved, together with their 
rate constants (к), are shown below. (All rate constants have units of 
mol-1 dm3 min-1 .)

HO- +  S02 — > H0S02-, k =  7.2 x Ю10, (1)
H 0S02- +  0 2 — ♦ H0 2- +  S03, к =  1.44 x Ю10, (2)
S03 +  H20  — > H2S04, к =  2.16 x 10s, (3)
H02- +  N 0 -— >H0- +  N02-, A; =  3.0 x 1011. (4)

(a) Suggest why oxidation of S0 2 to H0SO4 occurs more rapidly in air 
that contains other gaseous pollutants produced from combustion.

(b) Explain the meaning of the term rate constant.
(c) Laboratory experiments have been done to investigate the reaction 

between S02 and HO- [Eq. (1)] under conditions similar to those 
present in polluted air. The data in the table below show how the 
concentration of HO- changes with time for an experiment in which 
the sulfur dioxide concentration is 5 x 10- 5moldm-3 .

Concentration of HO- 
(10-8  mol dm-3 ) 2.0 1.5 1.1 0.8 0.6 0.4

Time (t) (10- 8min) 0 8.33 16.67 25.00 33.33 41.67
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(i) Plot these data on a piece of graph paper.
Using the half-life method, show that the reaction is first order with 
respect to HO-.

(’*’ ) Explain what is meant by the statement: “Reaction is first order 
with respect to H O” .

eaction between bromate(V) and bromide ions in acid solution to 
form bromine follows the equation:

Br03-(aq) +  5Br"(aq) +  6H+(aq) -> 3Br2(aq) +  3H20(1).
A C Г? q0 f  reac^ on  can ke studied using the initial rates method, 

s na xe amount of phenol and an acid-base indicator are added 
G SO*ut*on' ^ e  Phenol undergoes a rapid initial reaction

l * a rom n̂e’ resu^ing in a clear solution. When this reaction is 
completed, the next portion of bromine bleaches the indicator. Finally, 
a wnte precipitate is slowly formed and the solution eventually turns 

ge as excess bromine is produced. The time t taken for the solution 
of Urn c°  ° ^ ess can he used as a measure of the rate of reaction. A 

u у °  t e inetics of the above reaction reveals that it is second order 
With respect to H+ and first order with respect to B1O3-  and Br~.
(a) What is the overall order of the reaction?

ng Collision Theory, explain why this reaction is unlikely to occur 
m a single step.

( ) у what factor will the rate of reaction be reduced if an equal volume
г  7 T  isadded t0 a samPle of the reacting mixture? 

a cu ateit e rate of bromine formation if the initial concentrations of 
romate( ), bromide and H+ are 0.04, 0.2 and 0.1 mol dm“ 3, respeC-tlVfilv япН ___ . . _ ’ _ _ * rtively, and the rate constant is 2 x 10~2 dm9 mol“ 3 min-1/ \ q — jo л л _lu -am “ moi umm .

I ) uggest why the orders with respect to Br~ and H+ are not equal to 
f Л 9 6 COe CjentS *n st°ichiometric equation for the reaction.

ugges w у the time t is inversely proportional to the rate constant 
given the conditions in part (d).

g activation energy £ a for the reaction is related to the time t by 
the equation (where T  is in Kelvin)

In* =  constant + Еъ/R T.
Use the data below to calculate a value for J5e.

Г ( ° С )  26 49

* (s) 148 24



Reaction Kinetics 195

3. The orders of reaction for the alkaline hydrolysis of two bromoalkanes 
are given below:

Order w ith R espect Order w ith Respect
R eactants to the Bromoalkane to the O H "

(I) СН3СН2СН2ВГ and OH" 1 1
(II) (СНз)зСВг and OH" 1 0

(a) In the context of reaction (I), write down the rate equation and 
explain what is meant by the terms rate of reaction, rate constant 
and overall order of reaction.

(b) Explain the effect on the rate of each reaction if only the concentra
tion of hydroxide ion is doubled.

(c) Briefly explain how you would study the rate of one of these reactions 
in the laboratory.

(d) In one such experiment on reaction (II) it is found that the time 
taken for the concentration of the (СНз)зСВг to fall to half of its 
starting concentration is 45 min. Determine the rate constant of the 
reaction and how long it would take for the concentration of the 
(С Н з)зСВ г to fall to 1/8 of its starting concentration. Explain your 
answers.

4. (a) The first step in a possible mechanism for the reaction 
2NO(g) -I- 0 2 (g) —> 2N02(g) is as follows:

2NO ^  N20 2.

(i) Draw dot-and-cross diagrams of NO and N202- What feature 
of the electronic structure of NO suggests that this is a likely 
first step in this reaction?

(ii) Explain why the enthalpy change for this step is —163 kJ mol-1 , 
given that the average bond energy for the N-N bond in com
pounds of nitrogen is +163 kJ mol-1 .

(iii) Explain why this step does not control the rate of the reaction. 
Assuming there is one further step in the reaction, write an 
equation for this.

(b) (i) Sketch the Maxwell-Boltzmann distribution of molecular ener
gies at a temperature T\ K. On the same axes, sketch the curve 
which shows the distribution of molecular energies at a higher 
temperature T2 K.
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(ii) Use these graphs to explain how the rate of a gas phase reaction 
changes with increasing temperature.

(c) For a gaseous reaction, state and explain what effect the addition of
a catalyst would have on:

(i) the energy distribution of the gas molecules,
(ii) the activation energy for the reaction,
(iii) the rate of reaction,
(iv) the overall order of reaction for both homogeneous and hetero

geneous catalysis, and
(v) the individual order of reaction for both homogeneous and het

erogeneous catalysis.
(d) Thioethanamide reacts with sodium hydroxide as follows:

CH3CSNH2 + 20H " — * CH 3CO2" + HS" 4- NH3.

The reaction is first order with respect to both thioethanamide and
hydroxide ions.
(i) Write the rate equation for this reaction.
(ii) Given that the reaction occurs in two stages and the rate 

determining step is

CH3CSNH2 +  OH~ — ♦ CH3CONH2 +  HS", 

write an equation for the second step in the reaction.
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CHAPTER 6

It is wrong to think that all chemical reactions proceed to completion and all 
reactions are irreversible. In fact, there are many chemical reactions that are 
reversible. For such reversible reactions, not all the reactants are converted 
into products. We would simply have a mixture of unreacted reactants and 
products co-existing.

What then can be used to characterise a reversible reaction? How do we 
know if one system is more reversible than another? What are the factors 
that affect a reversible reaction? Can we modify a reversible reaction to 
optimise the formation of the desired products that manufacturers want? 
These are the questions that we will seek to answer in this chapter.

6.1 Reversible Reactions
What we usually consider as irreversible reactions, i.e., reactions that pro
ceed in one direction (as commonly represented by a single-headed arrow, 
—0 are in actual fact reversible reactions under specific conditions. All chem
ical reactions are reversible to a certain extent. Products formed in these 
reactions combine and react to re-form the original reactants. Both forward 
and backward reactions continue for as long as there are reactants combining 
to give products.

For example, given the reaction A + В —> С + D (forward reaction), the 
products С and D can react to re-form A and B: C +  D —♦ A + B (backward 
reaction).

As we can now see, A can be a reactant and also a product. For clarity’s 
sake, the term “reactants” is conventionally used for the species on the 
left-hand side of the equation and “products” are those species on the right- 
hand side.

197
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Equations of reversible reactions are represented with a double-headed 
arrow (;=*):

A + B ^ C  + D.

The extent of reversibility depends on the magnitude of the activation 
energy (E&) of the backward reaction. For an exothermic reversible reac
tion, if Ea of the backward reaction is too large, the backward reaction is 
essentially non-occurring compared to the forward reaction (see Fig. 6.1). 
Hence, one can assume the forward reaction proceeds almost to completion. 
In contrast, for an endothermic reversible reaction, higher E& for the forward 
reaction makes it less likely for it to proceed as compared to the b a ck w a rd  
reaction.

The energy profile diagram for a reversible reaction is shown in Fig. 6.2. 
As can be seen from the diagram, Ea of the backward reaction is comparable 
to that of the forward reaction. Or in short, A H  of reaction is about zero!

Energy Energy

Fig. 6 .1 . Energy profile diagrams for an exothermic reversible reaction (left) and an 
endothermic reversible reaction (right).

Energy

Fig. 6.2 . Energy profile diagram for a reversible reaction.
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6.2 Equilibrium Systems
Consider the following reaction: A +  В ^  С + D.

Concentration Rate

At the start of the reaction, with just A and В present, only the forward 
reaction will occur. The rate of the forward reaction (determined by the 
gradient of the tangent drawn to the concentration versus time plot) is at 
its peak since [reactants] is at its highest while the rate of the backward 
reaction is zero.

As the reaction progresses, the rate of the forward reaction (i?f) decreases 
as [A] and [B] decrease, since these are used to form the products С and D.

At the same time, as soon as С and D are formed, the backward reaction 
proceeds, albeit at a slow rate initially since [products] is low. This helps 
to regenerate A and B. As [C] and [D] increase over time, the rate of the 
backward reaction (Rb) also increases.

There will come a point in time (£e) when both the forward and backward 
reactions occur at the same rate, i.e., forward rate (i?f) =  backward rate 
(Ль). When this happens, the concentration of every reactant and prod
uct remains constant, and the system is in a state of balance, known as 
equilibrium.

More specifically, the system is said to be in dynamic equilibrium. As 
the rates of these reactions are equal, it may seem that the reactions have 
completely stopped but this is not true.

Although the concentrations of the substances remain unchanged (as 
indicated by the term “equilibrium” ), there is still activity going on: both 
forward and backward reactions are continually occurring (as indicated by 
the term “dynamic” ) but since they proceed at the same rate, each species 
is formed as fast as it is consumed, resulting in a constant concentration 
term.
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6.3 Equilibrium Constants K c and К p

\ er> reversible reaction will attain equilibrium at different times; some take 
minutes while others take weeks. The composition of a system at equilibrium 
a о differs. How can we then determine if equilibrium has been achieved?

Consider the following reaction:

aA + 6B ;=± cC +  dD.

The mass action expression or reaction quotient Qc is expressed as the
ratio of the concentration of the products to the reactants, each raised to
t e powei corresponding to their stoichiometric coefficient in the balanced 
chemical equation:

_  [C]c[D]d
[ A W

Qc embraces the concentration values of the reactants and products at 
any point of time. Its value therefore continuously changes with the progress 
о the reaction until equilibrium is reached.

At equilibrium, Qc becomes a constant value, which is more appropriately 
known as the equilibrium constant, K c:

K  _  [ C ] c [D ] d  +
° [A]a[Bp ~~ constant at a fixed temperature,

here [А], [В], [C] and [D] are concentrations of species at equilibrium, 
e unit of K c varies depending on the terms in its expression but since 

units of concentration are in terms of mol dm"3, the unit of K c can be 
computed as “mol(c+d)~(a+*>) dm~3Kc+dM a+b)]»

e equilibrium constant K c can also be conceptualised from the follow
ing mathematical derivation. Consider the elementary reaction:

aA + bB ^  cC + dD.

°r the forward reaction: aA + bB -  cC + dD, Rater =  *f[A]a[B]6.
or the backward reaction: cC + dD -  aA +  6B, Rateb =  fcb[C]c[D]d.
Vhen equilibrium is achieved, Ratef =  Rateb => Af[A]a[B]b =  M>[C]c(D)d.

Hearranging, we get k,/kb =  [C]-[D]d/[A]«[B]" =  constant (which is 
defined as Kc), i.e., 1 J

K  =  fcr =  [C]̂ [D14 
C kb [A]a(B]b ’
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The advantage of this definition is that it allows us to perceive the equi
librium constant K c as the ratio of the rate constants.

Importantly, the Equilibrium Law expresses K c as a relationship between 
the concentrations of products and reactants in a system at equilibrium, and 
it provides us with a quantifying means to determine the position 
of the equilibrium.

The magnitude of the equilibrium constant informs us of the relative 
proportion of products to reactants, providing us information on the extent 
of reaction (but not reaction rate).

• When K c >  1, there is a higher proportion of products to reactants. The 
formation of products is favoured, i.e., the position of equilibrium lies 
more to the right.

• When K c <  1, there is a high proportion of reactants as not many of these 
are converted to products, i.e., the position of equilibrium lies towards 
the left.

• A K c value close to 1 indicates that the concentrations of both reactants 
and products are almost the same.

R eaction К c V alue

N H3(aq) 4- H20(1) ^  NH.,+ (aq) +  O H "(aq)  
N 2(g) +  3H2( g ) ^ 2 N H 3(g) 
N 2( g ) + 3 H 2( g ) - 2 N H 3(g)

1.8 x 10-5  mol dm -3  (at 25°C) 
1.7 x 102 mol" 2 dm6 (at 227° C) 
4.1 x 108 m o l"2dm6 (at 25°C)

At 25°C, the formation of NH3(g) is spontaneous, whereas the ionisation 
of ammonia does not occur as readily. If you notice, there is a temperature 
value tied to the K c value stipulated. As the rate constants are temperature- 
dependent [assuming the Arrhenius rate constant, к =  Aexp^E^/RT)]^ so 
too is K c that is derived from them.

Altering temperature actually creates a stress or disturbance in an equi
librium system and thus brings changes to its composition. We will cover 
this aspect in Section 6.4 on “Le Chatelier’s Principle,” which helps us to 
predict the effects of changing conditions on equilibrium systems.

The magnitude of Qc, relative to that of K c, indicates where the position 
of equilibrium lies:

• When Qc =  K c, the system is at equilibrium, i.e., R[ = Rh; there is no 
change in the position of equilibrium.
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• If Qc <  K C} then Rf >  i.e., the position of equilibrium shifts to the 
right.

• If Qc > K C1 then Rf < i-e., the position of equilibrium shifts to the 
left.

Q: Why when Qc < K c, does the position of equilibrium shift towards the 
product side?

A: Prom a kinetics perspective, Qc <  K c implies that the concentrations of 
the reactant particles are greater than the product particles as compared 
to if the system is at equilibrium. Thus, we expect a higher effective 
collision frequency for the forward reaction than that for the backward 
reaction. As a result, more products form and the position of equilibrium 
shifts towards the product side.

Q: But as more products form, wouldn’t the rate of the backward reaction 
increase and deplete the amount of products present, which in turn cause 
the backward rate to decrease?

A: There is a fallacy here. As more products form, the rate of the backward 
reaction does increase. But this increase does not deplete the concen
tration of the products because the rate of the forward reaction is still 
greater than the rate of the backward reaction at this time (refer to the 
rate versus time plot in Section 6.2). In fact, the concentration of the 
products continues to increase and fuel an increase in the rate of the 
backward reaction. All these changes pertaining to the concentrations 
and rate will stop once a state of dynamic equilibrium is established.

Example 6 .1:

CO(g) +  2H2(g) ^  CH3OH(g).
At a particular temperature, a system contains 0.5 mol of CO(g), 0.8 

mol of H2(g) and 0.9 mol of CH3 0 H(g) in a 5 dm3 vessel. Is this system at 
equilibrium? If not, in which direction does the reaction proceed? The given 
value of К  с is 54 at this particular temperature.

Solution: As the system may not be at equilibrium, we calculate Qc and 
compare it against K c:

= 7 0 .3 m o l-W .

Since Qc >  K c, the backward reaction proceeds at a higher rate than the 
forward reaction. The position of equilibrium shifts to the left.
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Back to the reversible reaction: a A + 6B ^  cC + dD.
Equilibrium of the above system comprising the species А, В, С and D 

can be attained via either the forward or the backward reaction. If you start 
off with A and В reacting only, without any С and D present, equilibrium 
can be achieved. The equilibrium composition can be exactly the same if 
you start off with only С and D, without any A and В present.

It must be noted that the expression for I<c and thus its value are depen
dent on the balanced chemical equation written. Whenever K c is quoted, it 
must be accompanied by the balanced chemical equation.

Example 6 .2 : At 500 K, an equilibrium mixture is found to contain 
0.053 mol dm-3  of N2(g), 1.00 mol dm-3  of H2(g) and 3.00 mol dm-3  of 
NH3(g).

Based on the data given, calculate K c for the following reactions:

W N2(g) +  3H2(g) ^  2 NH3(g),
(П) 2N2(g) +  6H2(g) ^  4NH3(g),

(iii) 2NH3(g) ^  N2(g) +  3H2(g).

Solution:

(0 K i  = = олйл = 17  x 102 m or2 dm6, 

00 ^"c,2 =  |N,p(H2]<s =  (0.053)-xl =  2-9 x Ю4 mo* dm ,

(iii) Kc,3 =  =  5.9 x 10-3  mol2 dm-6.

• When the equation is written in the reverse order, the K c value is inverted, 
i*e-’ ^ c>3 =

• When the coefficients in the equation are multiplied by a factor of n, the 
K c value is raised to the power of n, i.e., i fc,2 =  ^ c,i2-

For gases, we usually express their concentrations in terms of partial 
pressures since these are much easier to measure.

The equilibrium constant, expressed in terms of the partial pressures of 
the substances, is known as K p (subscript “p” stands for partial pressure). 
Consider the following equation:

N 2(g ) +  3H 2( g ) ^ 2 N H 3(g ).

Instead of expressing the equilibrium constant as K c =  [n^h!j5 ’ we can 
express it as:

w  _  P N H 3 2 Лр — qPNoPHo'5
where p\ is partial pressure of gas X at equilibrium.
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The unit of partial pressure can be in terms of either Pa or atm, and thus
the unit of K p varies depending on the terms in its expression. For instance, 

2
the unit for I<n =  „РкНз 3 is Pa“ 2 or atm-2 . 

p pn 2ph 2

6.3.1 Writing K c or K p fo r  heterogeneous equilibria

An equilibrium system in which all the species are in the same phase is in 
homogeneous equilibrium, e.g., N2(g) +  3H2(g) ^  2NHs(g).

Heterogeneous equilibrium refers to an equilibrium system that con
tains species in different phases.

In writing the K c or I<p expression for heterogeneous equilibria, the con
centrations and partial pressures of pure solids and liquids (but not aqueous 
solutions) are excluded.

For instance, given the equilibrium Ti(s) +  2Cl2(g) ^  TiCl4 (1), we have 
the following expressions:

Kc = [Cl2(g)P and Kp = ^ '

Q: Why are the terms involving solids and liquids not included in the equi
librium constant expression for heterogeneous equilibrium?

A: For a given temperature, the saturated vapour pressures of solids (and 
that of liquids) are constant. In addition, even though their actual 
amounts may change, both solids and liquids have constant concentra
tions, as explained in the following.

Recall that concentration =  amount (in mol)/volume. Since amount (in 
mol) is calculated as mass/molar mass, concentration =  mass/(molar mass x 
volume) =  density/molar mass. For pure solids and liquids, both density and 
molar mass are constant values.

Q: What is saturated vapour pressure?
A: In a closed vessel containing a liquid or solid, the particles at the sur

face tend to evaporate and the gas particles formed tend to condense 
back into the liquid or solid phase. In time, an equilibrium is estab
lished between the gas particles and their condensed form. The pressure 
exerted by the gas particles at this equilibrium is known as the satu
rated vapour pressure. As saturated vapour pressure is dependent only 
on temperature, it is a constant at a fixed temperature.
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Pure solvent

Exercise 6 .1:

(i) Write the K p expression and state its units for C 02(g) + H2(g) ^  
C0(g) +  H20(l).

(ii) Write the K c expression and state its units for Ag+ (aq) + Cl (aq) 
AgCl(s).

Solution:

(i) K p =  „ PgQ ; unit of K p is Pa" 1 or atm-1 . 
v '  p Р со2Рн2 ’ v

(ii) К  с =  |aI+}[cF]; un*ts are mo _̂2<̂ m6-

6.3.2 Calculations involving K c

Calculations that seek to solve for K c or K p values require the following 
information:

• the balanced chemical equation,
• the K c or K p expression, and
• equilibrium concentrations of all species.

Example 6.3: Calculating K c given concentration data

1.5 mol of CH3OH(l) and 1.5 mol of CH3COOH(l) are allowed to react in a 
0.5 dm3 vessel to form the ester CH3COOCH3(l):

CH3OH(l) +  CH3COOH(l) CH3COOCH3(l) +  H20(1).

The equilibrium mixture is found to contain 0.3 mol of CH3COOCH3(l) and 
0.3 mol of H20(1) at 298 K. Calculate Kc for the reaction.
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Approach:

• Write the K c expression: I<c =  {сНзОН(l)] [chV cooh(/)J  *

• Do we have values for the equilibrium concentrations of species? No, but 
we can find these using the following steps:

Step 1: Construct an “I.C .E .” table that shows the Initial concentration, 
Change in concentration and Equilibrium concentration of the 
species concerned.

Step 2: Fill in all the known values into the table.

C H 3O H (l) +  C H 3C O O H (l) ^  С Н зС О О С Н з(1) +  H 2O (0

Initial conc. 1.5/0.5 =  3.0 1.5/0.5 =  3.0 0 0
(mol dm- 3 )

Change in conc.
(mol dm- 3 )

Equilibrium conc. 0.3/0.5 =  0.6 0.3/0.5 =  0.6
(mol dm- 3 )

Since equilibrium [CH3COOCH3] is 0.6 mol dm-3 , the change in [CH3 
COOCH3] is + 0.6 mol dm-3  (the sign indicates a gain).

Based on the stoichiometric ratios in the balanced equation, 0.3 mol of 
ester is produced from 0.3 mol each of CH3OH and CH3COOH.

Thus, the change in concentration of these reactants is —0.6 mol dm 
(the ” sign indicates a loss).

Hence, equilibrium [CH3OH] and [CH3COOH] = 3.0 -  0.6 =  2.4 mol 
d m "3.___________________________________________________________________________

C H 3O H (l) +  C H 3C O O H (l) ^  C H 3C O O C H 3 (l) +  H 20(1)

Initial conc. 3.0 3.0 0
(mol dm- 3 )

Change in conc. —0.6 —0.6 +0.6
(mol dm- 3 )

Equilibrium conc. 2.4 2.4 0.6
(mol dm- 3 )

Step 3: Calculate K c and determine its units:

_ [CH3C0 0 CH3(I)][H20 (1)) 0.6 x 0.6 _  .  
c [CH3OH(l)][CH3COOH(l)l 2.4 x 2.4

K c in this instance has no units.

0

+ 0.6

0.6
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Example 6 .4 : Calculating concentration data given a K c value

2 mol of CH3OH(l) and 2 mol of CH3COOH(l) are allowed to react to form 
the ester CH3COOCH3(l):

CH3OH(l) +  CH3COOH(l) ^  CH3COOCH3(l) + H20(1).

Given that K c is 0.0625 at 298 K,

(i) determine the equilibrium amount of СНзСООСНз(1), and
(ii) hence determine the percentage yield of ester.

Approach:

• Since the value of K c is given, we start off by writing the K c expression, 
: p K  _  [СНзСООСНз(1ШНаО(1)] _  n 0 fi25i.e., -  [сНзОН(1)][СНзСООН(1)] “

• Although concentration of the species and the volume of the vessel are 
not stated, we can still construct an I.C.E. table in terms of the amount of 
species and assign “x mol” as the amount of ester produced at equilibrium.

Solution (i): Let the equilibrium amount of ester be 2; mol.

C H 3O H (l) +  С Н зС О О Н О ) ^  C H 3C O O C H 3O) +  H 20(1)

Initial amount 2 2 0 0
(mol)

Change in amount - x  - x  + x + x

(mol)
Equilibrium 2 - x  2 — x  x X

amount (mol)

Since volume is not given, assume the volume of mixture to be V dm so 
that concentration can be expressed in terms of V:

[CH3C 0 0 C H 3(1)][H20(1)] _  { у )  { у )  I For the quadratic

c “  [СН30Н(1)][СН3С00Н(1)1 ( V )  equat,on:
=  0.0625. ax2 + bx +  c =  0;

—b ±  Vb2 -  4ac 
x — ----------- -̂------------ ■

Solving the quadratic equation, we get --------------- -----------

x =  0.4 or — 0.7.

Rejecting the negative value, the equilibrium amount of ester is 0.4 mol.
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Solution (ii): The balanced chemical equation gives the theoretical yield, 
which is, ideally, the maximum amount of product obtainable if the reaction 
proceeds to completion.

Since the reaction does not go to completion, the actual yield attained 
is less than the theoretical yield.

Percentage yield is thus the ratio, 
expressed as a percentage, of the equilibrium 
amount of product obtained to the 
theoretical yield.
Percentage yield = ^  x 100% =  20%.

6.3.3 Calculations involving K p

As seen in earlier examples involving expressions for K c, there are cases 
when the numerical value for concentration is not given up front. However, 
we can arrive at a value for concentration through manipulation of data (if 
the amount and volume are known) or express it in terms of an unknown V  
(when data is given only in terms of moles).

It is the same when we work with questions involving K p.
To find the partial pressure of gas W, pw, we can use the following:

• If the number of moles of each of the species and total pressure рт> of the 
system are given, we can find the partial pressure of W using:

7lw
Pw =  XwPT =  ---  XpT,Пт

where Xw is the mole fraction of W.

• If the amount of gas (nw), temperature (T ) and volume (V) of the reaction 
vessel are all known, we can apply the Ideal Gas equation, assuming that 
W is an ideal gas:

Pw =  (n^RT)/V.

Example 6.5:

2A(g)-fB (g )^ 2 C (g ).

Calculate K p for the reaction given that the equilibrium mixture contains 
0.2 mol of A(g), 0.5 mol of B(g) and 0.3mol of C(g) and the pressure of the 
reaction vessel is 4 atm.

Percentage yield

=  actual yield 0Q% 
theoretical yield
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T). = --------- :--------- x 4 =  0.8 atm,
0.2 + 0.5 + 0.3

0 5r> = --------- ---------- x 4 =  2.0 atm,
0.2+ 0.5+ 0.3

0 3r)„ — --------- ---------- x 4 =  1.2 atm,
0.2 + 0.5 +- 0.3

K p =  =  1.13 atm-1.
P a  P b

There are gases that break down to form smaller gaseous components in a 
process called dissociation. The degree of dissociation tells us the extent of 
the dissociation. It can be expressed as a percentage or fraction of gas that 
has dissociated.

Example 6.6: Calculations involving degree of dissociation of a gas 

Dinitrogen tetraoxide dissociates into its monomer on heating:

N20 4(g) ^  2N02(g).

In a particular reaction, it is found that only 40% of N20 4 (g) has dissociated 
and the total pressure of the equilibrium mixture is 2 atm. Calculate the 
value of Kp.

M ethod 1

Approach: 40% of N20 4(g) dissociates into N02(g)- This means that 60% 
of the initial amount of N20 4(g) remains in its original form, i.e., undisso
ciated. Thus, we need to define the initial amount of N20 4(g), which was 
not given.
Solution: Let w be the initial amount of N20 4 (g). Since lmol of N20 4(g) 
dissociates to give 2 mol of N02(g), 0.4ti;mol of N20 4(g) dissociates to give
2 x 0.4го =  0.8 w mol of N 02(g).

Solution:
0 2

N 20 4(g) ^  2 N 0 2(g)

Initial amount (mol) w 0
Change in amount (mol) —0 Aw +0.8ш

Equilibrium amount (mol) О.бгу 0.8w



210 Understanding Advanced Physical Inorganic Chemistry

Total amount of gases пт at equilibrium =  Q.6w +  O.Sw =  lAw. Total pres
sure рт at equilibrium =  2 atm.

PN2O4 =  x PT =  X 2 =  0.857 atm

ftNOo O.Sw
PN° 2 =  x w  =  x 2 =  1143 atm-

Hence,

K  = = c ^ g L  =  г 52atm
PN20 4 0.857

Method 2

Approach: Instead of defining the initial amount of N204(g), we can choose 
to work with defining the initial pressure of N204 (g).
Solution: Let у be the initial partial pressure of N2 0 4 (g). Note that the 
initial pressure is not 2 atm.

N 20 4(g) ^  2 N 0 2(g )

Initial partial pressure (atm) У 0
Change in partial pressure (atm) —OAy +О.82/
Equilibrium partial pressure (atm) 0.6y 0.8y

Total pressure, pr at equilibrium = 2 atm.

P t  =  PN2O4 +  P n o 2 =  2 >

0.6y +  0.8y =  2, 
у =  1.429 atm.

Hence,
Pno22 (0.8y)2 0.64 x 1.429Kp =  -— — =  = ------ — ------ =  1.52 atm.
PN2O4 0-% 0.6

Exercise:

(i) At a particular temperature, 2.5 mol of CO(g) and 2.5 mol of H2(g) are 
allowed to react in a 2 dm3 vessel:

CO(g) +  3H2(g) ^  CH4(g) +  H20(g).
The equilibrium mixture was found to contain 0.4 mol of CH4(g)- 
Calculate K c for the reaction.
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(ii) 4.0 mol of NOCl(g) is allowed to decompose. It is found that only 28% 
of NOCl(g) has dissociated and the total pressure of the equilibrium 
mixture is 2 atm. Calculate the value of K p.

2NOCl(g) ^  2NO(g) +  Cl2(g).

[Answer: (i) 0.139 mol-2  dm6, and (ii) 3.71 x 10“ 2 atm.]

6.4 Le Chatelier’s Principle
Le Chatelier’s Principle is a helpful rule for predicting the effects of changes 
applied to a system that is already at equilibrium.

It states that, “When a system in equilibrium is subjected to a change, 
the system responds in such a way as to counteract the imposed change and 
reestablish the equilibrium state.”

The change can be brought about by changes in concentration, pressure, 
volume, presence of catalyst, or temperature.

The principle helps us to predict in which direction the equilibrium 
position will shift (favouring either the forward or backward reaction) in 
response to the change.

When a change in conditions is introduced to an equilibrium system, the 
system will no longer be in equilibrium since the change will affect the rates 
of both forward and backward reactions to different extents. The system 
will then readjust itself to attain a new equilibrium where the concentra
tions of reactants and products become constant again. These concentra
tion values will, however, be different from the previous equilibrium 
state.

However, the values of K c and Kp remain unchanged as these are only 
affected by changes in temperature.
Q: Why are the equilibrium constants only affected by a temperature 

change?
A : Remember that K c can be perceived as the ratio of rate constants? Now, 

rate constant can be perceived as /с =  Лехр(—E&/RT). So do you see 
now that temperature affects the rate constant and thus the equilibrium 
constant?

6.4.1 Effect o f  concentration changes

Let us consider the reaction PCl3(g) +  Cl2(g) ^  PCls(g).
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6.4.1.1 Effect of adding a reactant (at constant volume)

When extra Ch(g) is added at constant volume to the equilibrium mixture, 
its concentration increases.

According to Le Chatelier’s Principle, the system will attempt to remove 
some of the extra Cb(g) by favouring the forward reaction. The equilibrium 
position will shift to the right. More PCls(g) and Cl2(g) will react to form 
PCls(g) until a new equilibrium is established.

Concentration

[PCI,] T Ал'
" ......... ................J

j-Av

[PCI,]

v -------------- I й*
Cl, added

[Cl,] ,1----------------------------1 ^
Initial New Time

equilibrium equilibrium

Note: Дх = change in [substance]

Rate

equilibrium equilibrium

This new equilibrium mixture has a different composition compared to 
the initial equilibrium mixture before the change is introduced, but K c 
remains unchanged. At the new position of equilibrium, [CI2] increases 
(as not all the Ch(g) added has been completely removed) while [PCI3] 
decreases (as it was consumed in order to remove the additional Cb that 
has been added) and [PCI5] increases.

Q: How do we use kinetics to explain the way the system responds to the 
change?

A: When extra Cb(g) is added while keeping the volume constant, the for
ward rate rapidly increases because the effective collisional frequency 
increases as there are now more CI2 molecules in the system. The 
increased amount of PCI5 formed soon results in an increase in the 
backward rate. As time passes, the forward rate and backward rate 
become equal again, but at a higher value than the previous equilibrium 
state.
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Q: But shouldn’t the new forward rate be lower than the old forward rate 
since [PCI3] has decreased because it was being consumed to remove 
the Cl2?

A: Based on the decrease in [PCI3], the forward rate should be lower. But 
do not forget that at the new equilibrium position, [CI2] is higher than 
at the old equilibrium position. So the higher [CI2] and lower [PCI3] 
together ensures a new higher forward rate. Now, if you are still not 
convinced, the [PCI5] at the new equilibrium position is higher than at 
the old equilibrium position. This leads to a new higher backward rate. 
Since both the forward rate and backward rate at the new equilibrium 
position are the same, then a new higher backward rate also means a 
new higher forward rate!

6.4.1.2 Effect of removing a reactant (at constant volume)

With reference to the same reaction, PCl3(g) +  Cl2(g) ^  PCls(g), when 
PCls(g) is removed at constant volume from the equilibrium mixture, its 
concentration decreases.

According to Le Chatelier’s Principle, the system will attempt to replace 
the removed PCl5(g) by favouring the forward reaction. The equilibrium 
position will shift to the right. More PCl3(g) and Cb(g) will react to form 
PCI5 (g) until a new equilibrium is established.

Concentration Rate

Initial
equilibrium

New Time 
equilibrium

Note: Ax = change in [substancej

Not all the PCls(g) removed has been completely replenished. In all, [PCI5] 
changes by the same extent as both [PCI3] and [CI2], but K c remains 
unchanged.

Q: How do we use kinetics to explain the way the system responds to the 
change?
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A: When some PCl5(g) is removed, the backward rate decreases rapidly 
because the effective collisional frequency decreases as there are now 
fewer PCI5 molecules in the system. The forward rate also decreases as 
there are smaller amounts of PCI3 and CI2 formed. The backward rate 
slowly picks up as more PCI5 forms. As time passes, the forward rate 
and backward rate become equal again, but at a lower value than the 
previous equilibrium state.

Removal of a species can also be achieved by introducing a new substance 
that will react with it (see Example 6.7 below).

Example 6.7: What will be observed when OH“ (aq) is added to the fol
lowing system at equilibrium?

2Cr042_ (aq) +  2H+(aq) ^  Cr20 72-(aq) +  H20(1).
yellow orange

Solution: The added OH“ (aq) will react with H+ (aq) and cause [H+] to 
decrease. According to Le Chatelier’s Principle, the system will attempt to 
increase [H+] by favouring the backward reaction. The equilibrium position 
will shift to the left. The solution will thus change colour from orange to 
yellow.

6.4.2 Effect o f  pressure changes

Changes in pressure only affect reactions that involve gases. A pressure 
change can be introduced through the following ways:

(a) addition/removal of a gaseous component of the equilibrium mixture 
under conditions of constant volume,

(b) expansion or compression of the reaction vessel,
(c) addition of an inert gas at constant volume, and
(d) addition of an inert gas at constant pressure.

6.4.2.1 Addition/removal of a gaseous component 
of the equilibrium mixture

Addition or removal of a gaseous component in the equilibrium mixture 
affects the partial pressure of that particular component. The effect of partial 
pressure changes is similar to that of concentration changes since p oc n /V  
(assuming ideal behaviour).
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Let us consider the same reaction: PCl3(g) 4- 012(g) PCls(g).
When extra Cl2(g) is added at constant volume to the equilibrium mix

ture, its partial pressure increases since n increases.
According to Le Chatelier’s Principle, the system will attempt to remove 

some of the extra Cl2(g) by favouring the forward reaction. The equilib
rium position will shift to the right. More PCl3(g) and Cl2(g) will react to 
form PCl5(g) until a new equilibrium is established.

Does this sound familiar? Refer to Sec. 6.4.1 for more details.

6.4.2.2 Expansion or compression of reaction vessel

Expansion or compression of the reaction vessel affects 
the total pressure (рт) of the system:

• Expansion (an increase in volume) causes рт of sys
tem to decrease, which means that the partial pres
sure of each of the component gases also decreases.

• Compression (a decrease in volume) causes рт of sys
tem to increase, which means that the partial pressure 
of each of the component gases also increases.

The effect of changes in рт of a gaseous system depends on the relative 
number of gaseous molecules on the right and left sides of the balanced 
chemical equation. There are two different scenarios as shown in the exam
ples below:

• Changing the total pressure of a system in which the number of 
gas molecules on each side of the chemical equation is different.

p 013(g) + ci2(g) ^ pciste)-

According to Le Chatelier’s Principle, when the 
total pressure of the system is increased, concen
trations of all species (both reactants and products) 
also increase. The system will attempt to decrease 
the overall pressure, by favouring the reaction that decreases t e 
overall number of gaseous molecules, i.e., the forward leaction is
favoured. . . ,

The equilibrium position will shift to the right. More PCWg) 
Cl2(g) will react to form PCle(g) until a new equilibrium is established.

Recall:
pV  =  nR T, p a n .
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Concentration Rate

Initial New Time Initial New Time
equilibrium equilibrium equilibrium equilibrium

Note: Дх = change in [substance!

Since p oc n /V  (assuming ideal behaviour), when рт of the system is 
increased, concentrations of all species (both reactants and products) also 
increase. In terms of the number of moles, the new equilibrium mixture 
has a higher percentage of PCl5(g) but lower percentages of PCl3(g) and 
Ch(g), as compared to the old equilibrium position, but the equilibrium 
constant remains unchanged.

The reverse can be said when total pressure is decreased.

Q: How do we use kinetics to explain the way the system responds to the 
change?

A: When the total pressure increases due to a decrease in the volume of 
the container, the volume of the system shrinks. The gaseous particles 
now occupy a smaller volume. As a result, the effective collisional fre
quencies of both the forward and backward reactions increase. These 
lead to increases in the rates of both the forward and backward reac
tions. BUT the rate of the reaction that involves a greater number of 
particles colliding is increased by a greater extent. So, in this case, since 
the forward reaction involves the collision of two particles whereas the 
backward reaction only one, the percentage increase of the forward rate 
is higher than the backward rate. As time passes, the forward rate and 
backward rate become equal again, but at a higher value than the pre
vious equilibrium state.

• Changing the total pressure of a system in which the number o f 
gas molecules on each side of the chemical equation is the same: 

H2(g )+ I2( g ) ^ 2HI(g).
According to Le Chatelier’s Principle, when the total pressure of the 
system is increased, concentrations of all species (both reactants and
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products) also increase. The system will attempt to decrease the over
all pressure by favouring the reaction that decreases the overall number 
of gaseous molecules.

However, since both forward and backward reactions produce the same 
number of gaseous molecules, none of these reactions is favoured over the 
other.

The equilibrium position will not shift as the system remains at equi
librium. In terms of the number of moles, the equilibrium composition is 
unchanged and so is the equilibrium constant, BUT both the forward and 
backward rates do increase!
Concentration Rate

I
К Г

[HI] ___________________

[U
1— —— ------------------------------►

Initial equilibrium unchanged Time

Q: How do we use kinetics to explain the way the system responds to the 
change?

A: When the total pressure increases, the volume of the system shrinks. 
The gaseous particles now occupy a smaller volume. As a result, the 
effective collisional frequencies of both the forward and backward reac
tions increase. These lead to increases in the rates of both the forward 
and backward reactions. Since both reactions involve the collision of the 
same number of particles, both rates increase by the same extent. As 
time passes, the forward rate and backward rate remain equal, but at a 
higher value than the previous equilibrium state.

6 .4.2.3 Addition of an inert gas at constant volume

Consider the reaction: A(g) + B(g) ^  C(g).
When an inert gas is added at constant volume to the equilibrium mix

ture, the total pressure of the system increases:
PT =  PA +  pB +  PC +  Pinert gas-

The increase in pr is due to an increase in пт since пт = я-a + пв +  nc  +
^inert gas-

forward rate

4
backward rale

-------- 1---------------------- ---- —*
Initial equilibrium unchanged Time
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However, there axe no changes in the partial 
pressures of the reacting gases since for each gas, 
concentration is unchanged (i.e., both n and V  
are constant).

Thus, the equilibrium position will not shift 
as the system remains at equilibrium. The equi
librium composition is unchanged and so is the 
equilibrium constant.

Q: When inert gas particles are added into the system, wouldn’t the inert 
gas particles take up the space in between the reactant particles and 
inhibit them from reacting?

A: Take note that in the gaseous state, the separation between two gas 
particles is huge. Moreover, all the gas particles are constantly in rapid 
motion. Thus, introducing inert gas particles at constant volume 
does not affect the position o f equilibrium no matter what the 
chemical equation for the reaction is!

6.4.2.4 Addition of an inert gas at constant pressure

When an inert gas is added at constant pressure to the equilibrium mixture, 
the volume of the vessel increases (i.e., expansion takes place) to keep total 
pressure constant.

The expansion leads to a decrease in the concentrations of all gases and 
also their partial pressures (since the same number of molecules now occupy 
a bigger volume). Whether there is a change in the position of equilibrium 
depends on the following:

• If the numbers o f gas molecules are not the same for both sides 
o f the equation:

PCl3(g) +  Cl2(g )^ P C l5(g).

According to Le Chatelier’s Principle, the system will attempt to counter
act the change by favouring the reaction that increases the overall number 
of gaseous molecules, i.e., the backward reaction is favoured.

The equilibrium position will shift to the left. More PCl5(g) will disso
ciate to form PCls(g) and Cl2(g) until a new equilibrium is established.

Recall:

па
P a  — —  x рт, пт

where пд is the amount of 
A(g) and n r  is the total 
amount of gas molecules.
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Concentration Rate

backward rate

------------}
forward rate

Initial
equilibrium

New Time 
equilibrium

Initial
equilibrium

New Time 
equilibrium

Note: Ax = change in [substance]

The concentrations of all species (both reactants and products) decrease. 
In terms of the number of moles, the new equilibrium mixture has a 
higher percentage of PCls(g) and Cl2(g) but a lower percentage of PCls(g) 
as compared to the old equilibrium position. The equilibrium constant 
remains unchanged.
Q: How do we use kinetics to explain the way the system responds to the

A: When the volume increases due to the addition of an inert gas at con
stant pressure, the concentration of each reacting gas decreases. As 
a result, the effective collisional frequencies of both the forward and 
backward reactions decrease. These lead to decreases in the rates of 
both the forward and backward reactions. BUT the rate of the reac
tion that involves a greater number of particles colliding is decreased 
by a greater extent. So, in this case, since the forward reaction involves 
the collision of two particles whereas the backward reaction only one, 
the percentage decrease of the forward rate is higher than the back
ward rate. As time passes, the forward rate and backward rate become 
equal again, but at a lower value than the previous equilibrium state.

If the numbers of gas molecules are the same for both sides of 
the equation:

The addition of inert gas at constant pressure results in an increase 
in the volume of the system. The concentrations of the reacting gases 
decrease. According to Le Chatelier’s Principle, the system will attempt 
to counteract the change by favouring the reaction that increases the 
overall number of gaseous molecules.

change?

H2(g) + Ш  -  2HI(g).
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However, since both forward and backward reactions produce the same 
number of gaseous molecules, none of these reactions is favoured over 
the other. Thus, the equilibrium position will not shift as the system 
remains at equilibrium. In terms of the number of moles, the equilibrium 
composition is unchanged and so is the equilibrium constant.
Concentration Rate

forward rate

-------------------------------------- backward rate

----------1----------------------------- ► ----------1----------------------------—►
Initial equilibrium unchanged Time Initial equilibrium unchanged Time

Q: How do we use kinetics to explain the way the system responds to the 
change?

A: When inert gas is added at constant pressure, the volume of the system 
expands. The gaseous particles now occupy a bigger volume. As a 
result, the effective collisional frequencies of both the forward and 
backward reactions decrease. These lead to decreases in the rates of 
both the forward and backward reactions. Since both reactions involve 
the collision of the same number of particles, both rates decrease by 
the same extent. As time passes, the forward rate and backward rate 
remain equal, but at a lower value than the previous equilibrium state.

6.4.3 Effect o f  temperature changes

Increasing the temperature of an equilibrium system will result in the 
following:

• a change in the equilibrium position, and
• a change in the value of the equilibrium constant.

Consider the hypothetical reaction below whereby the forward reaction 
is exothermic:

aA +  bB ^  cC +  dD, A H  < 0.

• Effect of an increase in temperature
According to Le Chatelier’s Principle, when there is an increase in tem
perature, the system will attempt to decrease the overall temperature

[H j"i

w r
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by favouring the reaction that absorbs heat, i.e., the endothermic 
reaction.

Since the backward reaction is endothermic, the equilibrium position 
will shift to the left. Greater amounts of С and D will react to form A 
and В until a new equilibrium is established.

This new equilibrium mixture will contain more of the reactants A and 
B, and less of the products С and D.

As a result, the value of the equilibrium constant becomes smaller

Q: How do we use kinetics to explain the way the system responds to the 
change?

A: When the temperature of the system is increased, the rates of both 
the forward and backward reactions increase as the rate constant 
is temperature dependent (к =  A exp(—EJRT)). The percentage 
increase in rate is greater for the reaction with the greater 
activation energy (refer to Chap. 5 on Reaction Kinetics), i.e., the 
backward reaction for the reaction here. So as time passes, the posi
tion of equilibrium shifts to the left. This explains how the system 
“gets rid” of the added heat.

Q: I am still not convinced! Can you please prove it to me?
A: Look at the following calculations which assume the value of A to be 

one:

к =  A exp (-E a/RT) к =  A exp(-E a/RT) Percentage Change
Ea (kJ mol-1 ) at T  =  300 К at T  =  400 К in Rate Constant

500 (backward) 0.818 0.860 5.13
200 (forward) 0.923 0.942 2.06

As can be seen from the above, an increase in temperature leads to 
an increase in the rate constant for both the forward and backwaid 
reactions. BUT there is a greater percentage increase for the reaction 
that has a higher activation energy (£a)-

Effect o f a decrease in temperature
According to Le Chatelier’s Principle, when there is a <j ^ reaS r̂a_ 
temperature, the system will attempt to increase the ovei а 
ture by favouring the reaction that releases heat, i.e., t e exo 
reaction.
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Since the forward reaction is exothermic, the equilibrium position will 
shift to the right. Greater amounts of A and В will react to form С and 
D until a new equilibrium is established.

This new equilibrium mixture will contain less of the reactants A and
B, and more of the products С and D.

As a result, the value of the equilibrium constant becomes larger.

Similar arguments can be applied to the case where the forward reaction is 
endothermic:

gA -Ь feB ^  cC + c£D, A H  > 0.
Just remember that,

• an increase in temperature favours the endothermic reaction, and
• a decrease in temperature favours the exothermic reaction.

6.4.4 Effect o f temperature changes on the value 
o f the equilibrium constant

K c can be expressed as a ratio of the rate constants of a reversible reaction 
as follows:

Kc — kf /  .
Since the rate constant is dependent on temperature, к =  Аехр(—Ел/ЯТ),  
so too is the equilibrium constant. How is it actually affected? We know 
that reaction rate increases when temperature increases. This means that 
equilibrium can be attained at a faster rate if temperature is raised.

We also know that when temperature is raised, the endothermic reaction 
is favoured, i.e., there is a greater proportional increase for its rate constant 
as compared to the exothermic reverse reaction.

The reverse is true when temperatures are lowered. Both the reaction 
rates decrease and equilibrium is attained at a slower rate. The exothermic 
reaction is favoured, i.e., there is a smaller proportional decrease for its rate 
constant as compared to the endothermic forward reaction.

All in all, given that Kc =  А*/&ь, and that a larger rate constant к 
indicates a faster rate:

• For an exothermic forward reaction a A + bB ^  cC +  dD, A H  < 0,
о an increase in temperature will result in K c becoming smaller since the 

rate of the backward reaction has increased by a greater proportion 
than the rate of the forward reaction, i.e., A/cf < Акъ;
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о a decrease in temperature will result in K c becoming larger since the 
rate of the backward reaction has decreased by a greater proportion 
than the rate of the forward reaction, i.e., |ДА*| < |Д&ь|.

• For an endothermic forward reaction a A + 6B ^  cC +  dD, A H  >  0,
о an increase in temperature will result in K c becoming larger since the 

rate of the forward reaction has increased by a greater proportion than 
the rate of the backward reaction, i.e., Akf > Д/̂ >; 

о a decrease in temperature will result in K c becoming smaller since the 
rate of the forward reaction has decreased by a greater proportion than 
the rate of the backward reaction, i.e., |ДА*| > \Акъ\-

Example 6 .8 :

For which system is the profile of the graph correct?

(a) 4NH3(g) +  502(g) ~  4NO(g) + 6H20(g), AH  =  -910 kJ mol’ 1.
(b) 2NOBr(g) 2NO(g) + Br2(g), A H  =  +30 kJ mol"1.

Solution: The profile of the graph fits system (a). Based on the graph, 
the proportion of products at equilibrium decreases as temperature 
increases. This implies that the backward reaction is favoured at higher 
temperatures.

According to Le Chatelier’s Principle, when there is an increase in tem
perature, the system will attempt to decrease the overall temperature by 
favouring the endothermic reaction.

Therefore, the backward reaction is endothermic and thus the foiward 
reaction is exothermic as shown here:

4NH3(g) +  502(g) ^  4NO(g) + 6H20(g), A H  =  -910kJmol-1.

6.4.5 Effect o f  catalyst

A catalyst only aids a reaction in attaining equilibrium in a shorter time. 
It does not cause any changes to the position of the equilibrium and hence 
the value of the equilibrium constant.
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This is because a catalyst lowers the activation energies of both the 
forward and backward reactions to the same extent. This, in turn, leads to 
the rates of both the forward and backward reactions being increased to the 
same extent.

Energy

Example 6.9:

Which of the following system (s) will give the graphs shown?

(a) 4NH3(g) +  502(g) 5=* 4NO(g) +  6H20(g), A H  =  -910 kJ mol"1.
(b) 2NOBr(g) ^  2NO (g) +  Br2 (g), ДЯ =  +30 к J m ol"1.
(c) N2(g) +  3H2(g) -  2NH3(g), A H  =  -9 2  kj mol"1.
(d) H2(g) +  I2(g) ^  2HI(g), A H  =  +53 kJ mol"1.
(e) N20 4 (g) ^  2N02 (g), ДЯ =  +57 kJ т о Г 1.

Solution: According to Le Chatelier’s Principle, when there is an increase 
in temperature, the system will attempt to decrease the overall temperature 
by favouring the endothermic reaction.

Based on the graph, the proportion of reactants at equilibrium decreases 
as temperature increases. This implies that the forward reaction is 
endothermic.
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According to Le Chatelier’s Principle, when there is an increase in pres
sure, the system will attempt to decrease the overall pressure by favouring 
the reaction that decreases the overall number of gaseous molecules.

Since the graph indicates that at a given temperature, the proportion of 
reactants at equilibrium increases when pressure is increased, the backward 
reaction must be favoured at higher pressures. This implies that the number 
o f molecules on the left-hand side o f the equation is lower than that 
on the right-hand side.

Based on the two features discussed, the systems to which the graphs 
correspond to are:
(b) 2NOBr(g) 2NO(g) +  Br2(g), A H  =  +30 kJ mol-1, and
(e) N20 4(g) ^  2N02(g), А Я  =  +57kJmol"1.
Exercise: Predict how the position of equilibrium will be affected when the 
following changes are made to the equilibrium system:

CO(g) +  3H2(g) ^  CH„(g) +  H20(g), A H  =  -206 kJ m ol-1.
(i) Temperature is increased.

(ii) Total pressure is increased.
(iii) Some CO is removed.
(iv) A catalyst is added.
(v) An inert gas is added at constant volume.

Solution:

(i) It shifts to the left.
(ii) It shifts to the right.

(iii) It shifts to the left.
(iv) It does not shift.
(v) It does not shift.

Exercise: For which of these systems is the formation of products favoured 
when

(i) temperature is decreased;
(ii) pressure is decreased;

(iii) both temperature and pressure are increased?

(a) 2S02(g) +  0 2(g) ^  2S03(g), ДЯ = -198 kJ mol"*.
(b) N2(g) +  0 2 (g) ^  2NO(g), A H  =  +181 kJ mol .
(c) 2C02(g) ^  2CO(g) +  0 2(g), АЯ = +566 kJ mol .
(d) N2(g) +  202(g) ^  2N02(g), ДЯ =  +66 kJ mol .
(e) 203(g) ^  302(g), л я  = - 427kJ mo1 •
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Solution:

(i) (a) and (e).
(ii) (c) and (e).

(iii) d only.

The discussion on Le Chatelier’s Principle and the changes that affect 
an equilibrium system help us to understand why certain conditions are 
employed in trying to achieve production yield, which is especially impor
tant in the manufacturing industry amidst other considerations such as cost, 
time and environmental concerns.

One classic textbook example is the manufacturing conditions for 
the production of NH3(g), which will be discussed in the following 
section.

6.5 The Haber Process
The aim of the manufacturing industry is to produce the maximum yield of 
products in the shortest, most efficient time possible and at minimum cost.

NH3(g) is an important industrial product which has various uses such 
as in the manufacturing of fertilizers, household cleaners and in producing 
nitrogen-containing derivatives like nitric acid, which are useful for bomb 
making.

^ 2(g) +  3H2(g) ;=* 2NH3(g), A tfe(298K) =  “ 92.4 kJmol-1 .

To maximise the yield of NH3(g) and minimise production cost, the following 
conditions are applied to the production process:

• Temperature: 45CPC 
Reason for choice: Lowering the temperature of the reaction vessel will 
favour the forward reaction since it is exothermic, and hence a higher 
yield of NH3(g) can be obtained.

On the other hand, the rate of production can be too slow at low 
temperatures. Therefore, it has been found that at 450°C, a substantial 
yield and production rate can be achieved. Higher temperatures than 
this will result in lower yield and high operating costs. The latter comes 
from the investment in expensive reactors that can withstand the high 
temperature and the continuous requirement for large amounts of energy 
needed to maintain the high temperature.
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• Pressure: about 200 atm
Reason for choice: Increasing the pressure of the reaction vessel will favour 
the forward reaction since it will decrease the overall number of gaseous 
molecules and hence the pressure. This will increase the yield of NHa(g). 
However, operating at very high pressures will increase production cost, 
so a moderate pressure of 200 atm is used.

• The use of catalyst: finely divided iron catalyst with aluminium oxide as 
promoter
Reason for use: Although the use of catalyst does not affect the yield of 
NH3(g), it will enable production to be faster.

M y Tutorial (Chapter 6)

1. Ethanol, which is an important motor fuel nowadays, can be manufac
tured by direct catalytic hydration of ethene with steam, using a phos
phoric acid catalyst. Assume that the reaction of ethene (C2H4) with 
steam to give ethanol (C2H5OH, which is gaseous at the temperature of 
the reaction), is at equilibrium.
(a) Write the equation for the reaction (with state symbols).
(b) Write the expression for the equilibrium constant K c for the reaction 

in terms of the concentrations of reactants and products.
(c) Use the information below to calculate the equilibrium concentration 

of ethanol vapour under these conditions:
Temperature = 570 K,

Pressure = 60 x 105 Pa,
K c =  24 dm3 mol-1 at 570 K, 

equilibrium [H2 0 (g)] =  0.050 mol dm 3, 
equilibrium [СгЩ^)] =  0.45 mol dm-3 .

(d) The enthalpy change for the forward reaction is A H  =  —46 kJ mol . 
Why is a temperature of 570 К used for the reaction, rather than
(i) a higher temperature?

(ii) a lower temperature?
(e) Why is a pressure of 60 x 105 Pa used for the reaction, rather than

(i) a higher pressure?
(ii) a lower pressure?

2. The Haber process is an important industrial process for the synthe
sis of ammonia, an important precursor for making industrial fertilizers.
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Iron is a common catalyst used in this process. The process does not 
go to completion on its own and would reach the following dynamic 
equilibrium state:

N2(g) +  3H2(g )^ 2 N H 3(g).

(a) Define the terms partial pressure of a gas in a mixture of gases and 
dynamic equilibrium.

(b) In an equilibrium mixture consisting of nitrogen, hydrogen and 
ammonia at 800 K, the partial pressures of the three gases are 20.4,
57.2 and 11.7 atm, respectively.

(i) Calculate the total pressure in the system.
(ii) What is the mass of ammonia present under these condi

tions in a vessel of volume 200 m3? (Take R =  8.20 x 
10-5  m3 atm mol-1 K-1 .)

(iii) Write an expression for K p for the formation of ammonia.
(iv) Calculate the value of K p under these conditions.
(v) What would the effect on the equilibrium yield of ammonia be 

under the conditions in part (b) (ii) if a better catalyst were 
used?

(vi) Predict and explain the effect of an increase in temperature on 
the value of K p.

(vii) Predict and explain the effect of an increase in temperature on 
the rate of the forward reaction.

(viii) Give two reasons why a new catalyst might be preferred to the 
existing one even though it costs more.

(c) The gases are passed through a conversion chamber containing granu
lated iron as a catalyst. Describe and explain the effect of the iron on:
(i) the rate of the production of ammonia, and

(ii) the amount of ammonia in the equilibrium mixture.
(d) The equilibrium mixture formed is then passed into a refrigeration 

plant. Explain why this is done and what happens after this stage?
3. At high temperatures, phosphorus pentachloride is a gas that dissociates 

as follows:

PCl5(g )^ P C l3(g) + Cl2(g).

(a) Write an expression for the equilibrium constant K p for this 
equilibrium.
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(b) At a given temperature, the degree of dissociation of an original sam
ple of PCI5 (g) is 0.52 and the system reaches equilibrium. If the total 
equilibrium pressure is 2 atm, calculate the values of the equilibrium 
partial pressures of PC15 and PCI3.

(c) Hence calculate the value of K p and give its units.
4. This question concerns the reaction

H2(g )+ I 2(g)^2H I(g), 
which is slow even at high temperature.
(a) (i) Using your Data Booklet, calculate A H  for the reaction between

hydrogen and iodine.
(ii) Sketch an energy profile diagram for this reaction.

(b) Indicate on your sketch in (a)(ii):
(i) A H  for the reaction,

(ii) the activation energy for the forward reaction (£a(f))> and
(iii) the activation energy for the reverse reaction (£a(b))-

(c) For an analogous reaction involving the formation of hydrogen 
chloride

H2(g) + Cl2(g) — * 2HCl(g),
explain how you would expect the activation energy of the forward 
reaction to be compared with that shown for the formation of HI.

(d) The reaction for the formation of hydrogen iodide does not go to 
completion but reaches an equilibrium state.

(i) Write an expression for the equilibrium constant K c for this 
reaction.

(ii) A mixture of 2.9 mol of H2 and 2.9 mol of I2 is prepared and 
allowed to reach equilibrium in a closed vessel of 250 cm3 capac
ity at 700°C. The resulting equilibrium mixture is found to con
tain 4.5 mol of HI. Calculate the value of Kc at this temperature.

(iii) Explain why the formation of hydrogen chloride goes to com
pletion in contrast to the formation of hydrogen iodide.

(e) In an experiment to establish the equilibrium concentration in (d)(ii), 
the reaction is allowed to reach equilibrium at 723 К and then 
quenched by addition of a large known volume of water. The con
centration of iodine in this solution is then determined by titration 
with standard sodium thiosulfate solution.

(i) Explain the purpose of quenching.
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(ii) Write an equation for the reaction between sodium thiosulfate 
and iodine.

(iii) What indicator would you use? Give the colour change when 
the end point is reached.

(iv) In this titration and in titrations involving potassium man- 
ganate(VII), a colour change occurs during the reaction. Why is 
an indicator usually added in iodine/thiosulfate titrations but 
not in titrations that involve potassium manganate(VII)?

(f) The rate expression for the forward reaction between hydrogen and
iodine is

Rate =  fc[H2][I2].

(i) What is the order of the reaction with respect to iodine?
(ii) When 0.20 mol each of H2 and I2 are mixed at 600°С in a vessel 

of 500 cm3 capacity, the initial rate of formation of HI is found 
to be 2.3 x 10-5  mol dm-3 s-1 . Calculate a value for к at 600°C, 
stating the units.
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CHAPTER 7

There are three important characteristics that an acid may display:

• Acid reacts with metal to give off hydrogen gas.
• Acid reacts with carbonate/hydrogencarbonate to give off carbon dioxide 

gas.
• Acid reacts with a base to give salt and water.

Not all acids display all the above characteristics. Some acids may just 
display one out of three. For example, water reacts with sodium metal to 
give off hydrogen gas but it does not react with carbonates and bases.

Hence, based on the above characteristics, there are not one but three 
common definitions for acids and bases:

• the Arrhenius Theory of acids and bases,
• the Br0nsted-Lowry Theory of acids and bases, and
• the Lewis Theory of acids and bases.

In the late 1800s, the Arrhenius Theory of acids and bases was conceptu- 
alised and it defined an acid as a substance that releases H ions w en 
dissolved in water (e.g., HC1) and a base as a substance that releases OH 
ions in the presence of water (e.g., NaOH). However, this definition of aci 
and bases is confined to those acid-base reactions that occui in aqueous 
solutions.

There are a few limitations to the Arrhenius Theory. For one, t eie aie 
acid—base reactions that do not occur in water but in other mec iunis. о 
instance, the reaction between gaseous hydrogen chloride and ammonia can 
be considered an acid-base reaction as it produces a salt. However, 3 18

231
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not considered a base if we apply Arrhenius Theory since it does not contain 
the —OH group, but it does behave as a base.

In the early 1900s, an alternative definition for acids and bases was 
offered under the Br0nsted-Lowry Theory. Based on the theory, an acid is 
a proton donor and a base is a proton acceptor. Under this theory, the 
basic properties of substances such as NH3 can be accounted for: NH3 is a 
base that accepts a proton from HC1 to form NH4+ in the acid-base reaction.

A further generalisation of the acid-base definition involves the per
spective of electron flow to account for how bases actually accept protons. 
According to the Lewis Theory of acids and bases, NH3 accepts a proton by 
actually donating a pair of electrons to it and as a result, a dative covalent 
bond is formed.

-1 +

H«— N—H
I

H

A Lewis base is an electron-pair donor and a Lewis acid is a substance that 
accepts a pair of electrons from a base (electron-pair acceptor). A dative 
covalent bond results from the sharing of the pair of electrons.

Based on this theory, BF3 is a Lewis acid which accepts a pair of electrons 
from the Lewis base NH3, and a dative covalent bond forms between them:

BF3 +  :NH3 — > H3N— >BF3.
Lewis acid Lewis base

In general, the Lewis Theory of acids and bases is the broadest of the three 
theories since it includes all the possible acids and bases ascribed by the 
other two theories. And most importantly, it provides a mechanism for show
ing how a base acts and inform us that an acid cannot be an acid in the 
absence of a base!

For this chapter, we will just focus our attention on the Br0nsted-Lowry 
Theory of acids and bases.

7.1 The Br0nsted-Lowry Theory of Acids and Bases 
Based on the theory,

• an acid is a proton donor;
• a base is a proton acceptor; and
• an acid-base reaction involves the acid transferring a proton to the base.
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Examples:

HCl(g) +  NH3(g) — > NH4Cl(s),
acid base

CH3COOH(aq) + OH"(aq) — * CH3COO“ (aq) +  H20(1).
acid base

To be considered a proton donor, a substance must have a hydrogen atom 
that can be lost. To be considered a proton acceptor, a substance must have 
a lone pair of electrons to form a dative covalent bond with the proton.

A substance can be either a base or an acid depending on what they 
react with, i.e. the role of an acid or base is a relative one.

H2O functions as the base in the presence of HC1 but it behaves as an acid 
when in the presence of NH3. Substances like water, which are capable of 
either accepting or donating a proton, are known as amphiprotic substances. 
Thus,

HCl(aq) +  H20(1) —  C r (a q )+ H 30 +(aq),
acid base

proton donor proton acceptor

H20(1) +  NH3(aq) ^  OH"(aq) +  NHj(aq).
acid base

proton donor proton acceptor

Q: Can we simply write the equation as HCl(aq) —> Cl“ (aq) + H+(aq) to 
indicate that HC1 is acidic?

A: For the purpose of simplicity, yes. In reality, hydrogen ions do not exist 
in solution. An H+ ion has such a high charge density that it actually 
bonds to at least one water molecule when in aqueous solution, i.e., H-*" 
binds with H2O to form НзО+ (a hydronium ion).

н Л ^ и
H

It is common to find the symbol “H+(aq)” used for simplicity s sake in 
many texts, including this one. It is fine to use it but we must bear 
in mind that when we write “H+(aq)” , we are actually refeiring to 
“H30 +(aq)” .

For the dissociation of HC1 molecules in water, it is more meaningful to 
write the equation as:

HCl(aq) +  H20(1) — > Cl"(aq) +  H30 + (aq).
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This is because the H-Cl bond does not automatically break up when an 
HC1 molecule “plunges” into the water. The “loss” of a proton from an HC1 
molecule is mediated by the lone pair of electrons from a water molecule. 
One can actually visualise the lone pair of electrons “extracting” the proton.

From this perspective, it is important to note that a Br0nsted-Lowry 
acid, by itself, cannot function as an acid unless a base is present, and vice 
versa.

7.2 Conjugate Acid-Base Pairs
Consider the reversible reaction below:

H20(l) +  NH3(a q )^  NH4+(aq) +  OH'(aq) .
acid base conjugate acid conjugate base

• The acid H20  donates a proton, leaving behind OH- . OH-  is known as 
the conjugate base of the acid H20. In the backward reaction, OH" acts 
as a base, accepting a proton from NH4+ to form H20.

• The base NH3 accepts the proton, forming NH4+. NH4+ is known as the 
conjugate acid of the base NH3. In the backward reaction, NH4+ acts as 
an acid, donating a proton to OH-  and forming NH3.

• There are two conjugate acid-base pairs in one acid-base reaction:

о H20  and OH“  form one pair; 
о NH3 and NH4+ form another pair; and
о The members of a conjugate acid-base pair differ from each other in 

terms of one proton.

7.3 The pH Scale

pH Scale 

Neutral pH (at 25°C) 

i
1 I I------- 1-------1------- 1-------1-------1------- 1-------1------- 1------- 1 I I
1 2 3 4 5 6 7 8 9 10 11 12 13 14

Increasing basicity

Increasing acidity
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The pH scale was developed to measure the acidity of solutions based on the 
concentration of hydrogen ions in the solution. Since most concentrations of 
H+ ions range between 10° and 10“ 14 mol dm-3 , the pH scale is expressed 
as a range from 0 to 14.

The pH of a solution is defined as the negative logio of the hydrogen 
ion concentration in mol dm-3 :

pH =  —lg[H+(aq)].

о pH has no units.
о The greater [H+], the smaller the pH value.

By knowing [H+], we can calculate the pH of an acid.

Q: What if we are asked to calculate the pH of NaOH(aq)? NaOH(aq) is a 
base and it does not produce H+ ions. How is it possible to assign a pH 
value to NaOH(aq) when we do not have a value for [H+]?

A: It turns out that for all aqueous solutions, be they acidic, neutral or 
basic, there are both H+ and OH-  ions present. The concentrations of 
these differ depending on the type of solution:

о for neutral solutions, [H+] =  [OH- ];
о for acidic solutions, [H+] > [OH- ]; and
о for basic solutions, [H+] < [OH- ].

How does the above conclusion come about? It has got to do 
with the dissociation of water, which is discussed in the following 
section.

7.4 The Dissociation Constant of Water, ifw
Water is amphiprotic. By itself, water actually dissociates, although to a 
small extent as follows:

H20(1) +  H20(1) ^  H30 +(aq) +  O ir(aq),
AH > 0. (7-1)

The above reaction is known as the autoionisation of water.

For simplicity, Eq. (7.1) can 
be written as:

H20(1) -  H + ( a q ) + O H ~ ( a q ) .
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The Kc expression for this system at equilibrium is:

__ [H30+(aq)][0H-(aq)]
[H20(1)][H20(1)] '

Since pure water is involved, we can regard [H2 0 (l)] as constant and incor
porate it into the equilibrium constant, which is better known as the ionic 
product o f water (jRTw):

Kw =  [H30 +][0H“ ] or simply K „  =  [H+][OH"].

The units for I<w is mol2 dm"6. At 25°C, К „  =  [H30+ ][0H "] 
=  1.0  x 10 14 mol2dm -6  for all aqueous solutions.

Just as for Kc, Kw is temperature dependent. Its value becomes larger 
as temperature increases.

Q: Why does i fw become larger as temperature increases?
A: The dissociation of H2O is endothermic. At higher temperatures, 

the endothermic reaction is favoured and as increasingly more H2O 
molecules dissociate, [H30 +] and [OH~] will also be greater, leading 
to a larger i fw.

This also implies that the pH of pure water decreases with increasing 
temperature.

Q: How do we calculate the pH of pure water at 25° C?
A: Given that pure water is neutral, we can equate [H30 +] =  [OH” ]:

Kw =  [H30 +][0H“ ] =  1.0 x 1 0 - 14

[H30 +] =  [OH“ ] =  1.0 x 10- 7 m oldin'3.
Inserting values into the pH expression,

pH =  —lg[H30 +]

=  —lg(1.0 x 10" 7)
=  7.

Pure water has a pH of 7 only at 25°C. At higher temperatures, the pH of 
pure water is less than 7 .

Q: Why is the pH of pure water temperature dependent?
A: Recall that the dissociation of water is endothermic. More H2O 

molecules will dissociate at higher temperatures, leading to greater 
[H30 +] and [ОН-]. Since pH =  -lg[H30 +], the larger the [H30 +], the 
smaller the pH value.
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Q: Does that mean that pure water becomes more acidic (since [НзО+] has 
increased) at higher temperature?

A: No! You cannot say that because the pH range at higher temperature is 
no longer equal to 14. It is actually less than 14, which means that the 
defined neutral pH at a higher temperature is going to be less than 7. 
Thus, although the pH of pure water is lower than that compared against 
the pH scale from 0 to 14 at 25°C, you cannot say that the water is more 
acidic. Also, do not forget that as [НзО+] increases with temperature, 
[OH- ] also increases. [НзО+] is always equal to [OH- ] for pure water at 
any temperature!

As Kw is a constant at a given temperature, the product of [НзО+] and 
[OH- ] must be equal to the value of Kw for that temperature. For instance, 
if [H3O+] becomes larger, [OH- ] will become smaller but their product is 
always equal to 1.0 x 10-14 mol2 dm-6 at 298 K.

Q: With considerations at the molecular level, why when [НзО+] becomes 
larger, will [OH- ] become smaller?

A: Imagine that you have pure water at 25°С. Due to the autoionisation of 
water, [НзО+] =  [OH- ] and the system is at equilibrium. What happens 
when you add more НзО+? The chances of an OH" ion encountering 
an НзО+ ion increases. This causes the rate of the backward reaction 
[Eq. (7.1)] to increase. As time passes, the position of equilibrium shifts 
to the left, resulting in lower [OH- ].

Thus, at 25°С (298 К),

• for neutral solutions, [НзО+] =  [OH- ] at pH = 7;
• for acidic solutions, [НзО+] > [OH- ] at pH < 7; and
• for basic solutions, [H30 +] < [OH- ] at pH > 7.

However, an acid need not necessarily have an acidic pH. According to 
Br0nsted-Lowry’s definition, water is an acid but its pH is neutral. Although 
water does not react with zinc to give hydrogen gas, it does react with a 
reactive metal such as sodium. It does show characteristic featuies of an 
acid.

Example 7.1: Calculating pH of a strong acid.

(i) Calculate the pH of a 0.05 mol dm' 3 HC1 solution at 298 K.
(ii) What is the concentration of OH-  ions in this solution?
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Solution (i): Since HC1 is a strong acid that com
pletely dissociates in water, we can equate [H30 +] =
[HC1] =  0.05 mol dm-3 :

pH =  —lg[H30 +]

=  —lg0.05

=  1.3.
Is this answer reasonable? Yes, we would expect the solution of the strong 
acid HC1 to have a low pH, much smaller than 7, at 298 K.
Solution (ii):
M ethod 1

Since HC1 is a strong acid that completely dissociates in water, [H30 +] =  
[HC1] = 0.05 mol dm-3 .

We can substitute this value into the Kw expression:

Kw =  [H30 +][0H“ ] =  1.0 x 10“ 14 mol2 dm-6  (at 298 K)
1.0 x 10“ 14 =  0.05 x [OH"]
[OH“ ] =  2.0 x 10 "13 mol dm -3.

Method 2

pH is defined as the negative logio of the H+ concentration in mol dm-3 . We 
can also apply similar definitions to other p-notations such as pOH, pAw» 
p Къ and p K\>-

In this case, we can have pOH defined as the negative logio °f the hydrox
ide ion concentration in mol dm-3, i.e., pOH =  -lg [O H "].

Since Kw =[H30 +][0H“ ] =  1.0 x 10“ 14 mol2 dm-6  (at 298 K), and tak- 
ing logarithms on both sides of the Kw expression, we can derive that

pK w =  pH +  pOH =  14 (at 298 K).
Thus, in answering part (ii), we can make use of the pH value calculated in 
part (i) to determine [OH- ], i.e.,

pH + pOH = 14

pOH =  14 -  1.3 =  12.7.
Since pOH =  -lg[OH~],

[он~] = ю -р°н 
= io - 12-7

If the pH of a solution 
is given, [H+ ] can be 
found by using the for
mula:

pH =  —lg[H+ ]

[H+] =  ! 0 " pH______

=  2.0 x 10 13 mol dm 3.
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Q: In Example 7 .1 , [H3 0 +(aq)] is taken to be from the dissociation of HC1. 
Why isn’t the [НзО+ ] that arises from the autoionisation of water taken 
into consideration?

A: As the given HC1 solution is quite concentrated, we can regard the con
tribution of НзО+ ions from the autoionisation of water to be negligible 
and thus it can be ignored in the calculation of pH of the solution. The 
[НзО+ ] arising from the dissociation of acid is 0.05 mol dm-3, which is 
much more significant than the [НзО+ ] arising from the autoionisation 
of water, which is ~1.0 x 10-7  mol dm-3. In addition, the presence of the 
НзО+ ions from the dissociation of HC1 further suppresses the autoion
isation of water. We will discuss more of this in Sec. 7.14.3 on “The 
Common Ion Effect.”

Example 7.2: Calculating pH of a strong base.

Calculate the pH of a 0.05 mol dm-3 NaOH solution at 298 K.

Solution: As the NaOH solution is quite concentrated, the [OH ] arising 
from the autoionisation of water is negligible.

Since NaOH is a strong base that completely ionises in water, [OH ] = 
[NaOH] =  0.05 mol dm-3 . We can substitute this value into the Kw 
expression:

Ky, =  [НзО+][ОНГ] =  1.0 X  10-14 mol2 dnT6

1.0 x 10“ 14 =  [H30 +] x 0.05
[H30 +] =  2.0 x 10" 13 mol dm-3.

pH =  -lg[H30 +]
= —lg(2.0 x 10-13)

=  12.7.

Is this answer reasonable? Yes, we would expect the solution of the stiong 
base NaOH to have a high pH, much greater than 7, at 298 K.

Now, we have seen that it is quite easy to calculate the pH of 
basic solutions. The next problem we need to solve is the calcula
tion of pH of weak acidic solutions and that of weak basic solutions 
too.



Q: Can’t we just do the same, i.e., equate [НзО+] =  [weak acid] and likewise 
equate [OH- ] =  [weak base]?

A: Unfortunately, we can’t. The following sections will explain the differ
ence between weak and strong acids and bases.

7.5 Strength of Acids
The strength of an acid depends on the extent of its dissociation in aqueous 
solution.

• A strong acid completely dissociates in aqueous solution.
1 mol of HC1 will provide 1 mol of НзО+ and 1 mol of Cl-  upon dissoci
ation in water, i.e., [HC1] =  [НзО+]:
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HCl(aq)+H20(l) —  H30+(aq)+C r(aq).
(7.2)

• A weak acid undergoes partial dissociation in aqueous solution.
1 mol of CH3COOH will provide less than 1 mol of НзО+ and CH3COO-  
each upon partial dissociation in water, i.e., initial [CH3COOH] > [НзО+] 
formed from dissociation

CH3COOH(aq) +  H20(1)

-  CH3COO-(aq) + H30 +(aq).
(7.3)

Although a weak acid does not fully dissociate in water, the amount 
of base required to completely neutralise it is the same as that needed to 
neutralise a strong acid of the same concentration:

HCl(aq) + NaOH(aq) — ♦ NaCl(aq) +  H20(1),

Л # пеи1, Г = —57.0kJmor\

CH3COOH(aq) +  NaOH(aq) — > CH3COO- Na+(aq) +  H20(1), 

A # neut/  =  —55.2 к J mol-1 .

Equation (7.3) can also be written as:

CH3COOH(aq)

^ C H 3C O O "(a q )  +  H + (aq).

Equation (7.2) can also be writ
ten as:

HCl(aq) — -> H + (aq) +  C r (a q ) .
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Compared to . А # пе1*,Г, A tfneut,2~ is less exothermic because some of 
the energy has to be expended to dissociate the undissociated weak acid 
molecules.

The extent of an acid’s dissociation in aqueous solution, and hence the 
acid’s strength, can be quantified using the concept of acid dissociation 
constant {Ка).

7.6 Acid Dissociation Constant 
K a and p K a

The /<a concept is not new as it is similar to 
the equilibrium constant you learned in Chap. 6.
Consider the partial dissociation of a weak acid 
CH3COOH:

CH3COOH(aq) +  H20(1)
^  CH3COCT(aq) +  H30 +(aq).

The Kc expression for this system at equilibrium 
is:

[H3Q+(aq)][CH3COO-(aq)]
[CH3C00H(aq)][H20(l)]

Basicity is defined as the 
number of moles of O H "  
required to react with 1 
mole of acid

A monobasic acid (e.g., 
HC1 and CH3COOH) 
donates only one H+ ion 
per molecule to a base.

A dibasic acid, such as 
H2SO4 and ethanedioic 
acid, (C O O H )2, can do
nate 2 such H+ ions.

Can you think of a trib- 
asic acid?_________________

[H20] is essentially constant and it is incorporated into the equilibrium 
constant which is now known as the acid dissociation constant (Ка.).

[CHaCOQ- (aq) j [H3Q+ (aq)]
Acid dissociation constant Ka = ------- [СНзСООН(ас[}] ’

where Кл =  АГс(Н20].
• The units for K& are mol dm-3 . Just like Kc, K& is temperature depen

dent. .
• A stronger acid dissociates to a greater degree and hence its a va ue is

• Although the magnitude of A a serves to measure the strength of acids, it 
is more convenient to use the corresponding pK& value for comparison.

The relationship between K& and pK& is given as follows.

pK*=  -lg tfa -

The smaller the pK& value, the stronger the acid.

Q: Isn’t the strength of an acid determined by its concentration.
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A: The concentration of an acid does not give any indication of its strength. 
For instance, 0.001 mol dm“ 3 of HC1 implies that its concentration is 
much diluted. Nevertheless, it is still a strong acid which undergoes 
complete dissociation in aqueous solution. You cannot find any undisso
ciated HC1 molecule in water. 0.500 mol dm-3  of CH3COOH may have 
a higher concentration than 0.001 mol dm-3  of HC1, but it is a weaker 
acid than the latter since it only partially dissociates in water.
r

Q: Does concentration affect the degree of dissociation?
A: Yes. If you add a weak acid into lots of water, all of its molecules may 

be considered dissociated because the dissociated species have very little 
chance to meet each other and recombine.

Now, if you increase the amount of weak acid molecules in the same 
amount of water, more dissociate but at the same time, chances that 
the dissociated species meet and recombine also increase.

Imagine if you keep on adding more weak acid: the degree of dissoci
ation is going to decrease. A pure weak acid does not dissociate because 
of the lack of a proton acceptor. Thus, a higher concentration of weak 
acid does not imply a greater degree of dissociation and a lower pH 
value.

Q: Can degree of dissociation be used to compare acid strength?
A: Yes, provided that you are comparing two weak acids of the same con

centrations. Only then would it be fair to conclude that the stronger 
acid is the one that dissociates more and gives a higher [НзО+].

Q: Can we use pH as an indication of acid strength?
A: Here again, you must compare weak acids of the same concentrations. 

The explanation is the same as that above.

In calculations involving a weak acid, there are normally three terms
involved:

• pH (derived from [H+]),
• and
• initial [acid].

Two of these will be given while the third has to be calculated.
The three general types of questions center around the Ka expression:

HA(aq) A-(aq) +  H+(aq),
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к -  1А ~Нн + ]
“ [НА]

[H+] is related to pH. Ignoring H+ from 
autoionisation of water, we have [A“ ] =  [H+ j.

• Given initial [HA] and Кл, calculate pH (see Example 7.3).
• Given initial [HA] and pH, calculate Ka (see Example 7 .4).
• Given Кл and pH, calculate initial [HA] (see Example 7 .5).

Example 7.3: Calculating pH of a weak acid (given initial [acid] 
and Kg)

Calculate the pH of a 0.10 mol dm-3  ethanoic acid solution at 298 К (given 
that K& of ethanoic acid is 1.8 x 10" 5 mol dm-3 at 298 K).

Solution:

Step 1 : Determine equilibrium concentrations of the species using an 
“I.C.E.” table and the following assumptions:

о Let equilibrium [H+] = у mol dm-3.
о Ignore the H+ contribution from the autoionisation of water, 

[CH3COO-] =  [H+] =  у  mol dm"3.

C H 3C O O H (a q ) ^ СН3СОСГ (aq) +  H + (a q )

Initial conc. 0.10 — —

(mol dm - 3 )
+УChange in conc. - y +У

(mol dm - 3 )
Equilibrium conc. (0.10- y ) У У

(mol dm - 3 )

Step 2: Solve for у  using the Ka expression:

[СН3СОО-][Н+] 
Ka “  [CH3COOH] ’

« " « г * - * ! f e y
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Since CH3COOH is a weak acid with a small we can assume 
у 0.10 such that (0.10 -  y) «  0.10. Therefore,

у =  1.34 x 10"3.

Equilibrium [H+] =  1.34 x lO ^m oldm "3.

Step 3: Calculate pH:

PH =  —lg[H+]

=  —lg(1.34 x 10~3)

=  2.87.

Q: Initially, why is [H+] taken to be zero in the I.C.E. table?
A: In reality, before any CH3COOH dissociates, [H+] =  10- 7 moldm-3 

because of the autoionisation of water. But we ignore it!

Q: Why is the autoionisation of water ignored in the above calculation? 
Isn’t water a weak acid too?

A: Both water and ethanoic acid are weak acids. But ethanoic acid is still 
a stronger acid than water, and dissociates to a greater extent. The 
chances of these H+ ions produced from the dissociation meeting an 
OH ion from the autoionisation of water are high. This results in a 
smaller extent of dissociation of the water molecules. From another per
spective, we may say that the dissociation of water has been suppressed 
by the presence of the stronger weak acid.

Example 7.4: Calculating K a of a weak acid (given initial [acid] 
and pH)

(i) Calculate KA of a 0.01 mol dm-3  solution of a weak acid HA at 298 К 
(given that the pH of HA is 3.7 at 298 K).

(ii) Hence, determine if the weak acid HA is a stronger acid than ethanoic 
acid from Example 7 .3.
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Step 1 : Calculate equilibrium [H+] from the pH value given:

pH =  -lg[H+]

[H+] =  10-pH 

=  1СГ3'7

=  2 x 10-4 mol dm-3 .

Step 2: Determine equilibrium [HA] and hence solve for Кл:
H A (aq )^ A -(aq ) +  H+(aq),

Equilibrium [HA] = initial [HA] — equilibrium [H+]
=  0.01 -  2 x 10~4

=  9.8 x 10-3 mol dm-3 .
Ignoring the H+ contribution from the autoionisation of water, 

[A- ] =  [H+] =  2 x 10-4 mol dm-3.
Thus,

К , =  Q -  10 X  =  4.08 x 10“ 6 mol dm-3.

Solution (i):

[HA] 9.8 x lO - 3

Solution (ii): HA is a weaker acid than ethanoic acid since it has a smaller 
K& value, which indicates that its extent of dissociation is less than that of 
ethanoic acid.

Example 7.5: Calculating initial concentration of a weak acid (given 
K a and pH)

A weak acid HA, whose pH is 5.3, has a K& of 4.2 x 10-6 mol dm-3 at 
298 K. Calculate the initial concentration of HA at 298 K.

Solution:

Step 1 : Calculate equilibrium [H+] from the pH value given:
pH =  -lg[H+] 

[H+] =  10“ pH

= 10"5-3
=  5.012 x 10-6 moldm"3.
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Step 2: Solve for initial [HA] using the K& expression. Let initial [HA] = 
у mol dm-3 :

HA(aq) ^  A~(aq) + H+ (aq),

Equilibrium [HA] =  initial [HA] — equilibrium [H+]

— у — 5.012 x 10“ 6 mol dm-3 .
Ignoring the H+ contribution from the autoionisation of water, 

[A~] =  [H+] =  5.012 x 10-6  mol dm-3 .
Thus,

_  [A"][H+] _  (5.012 x 10" 6)2 

a [HA] "  (y -  5.012 x 10-6)

=  4.2 x 10_6 moldm“ 3.
Since HA is a weak acid, assume equilibrium [H+] <  у such that 
(y -  5.012 x 10"6) «  2/. Thus,

(5.И2 > 1 0 - ) ‘ , 4.2 x l 0 -
У

у =  5.98 x 10~6.
Hence, the initial concentration of HA is 5.98 x 10-6  mol dm-3 .

7.7 Strength of Bases
The strength of a base depends on the extent of its ionisation in aqueous 
solution.

A strong base completely ionises in aqueous 
solution:

NaOH(aq) — * Na+(aq) +  OH"(aq).

Examples of strong bases: NaOH, KOH and 
Ba(OH)2.

• A weak base undergoes partial ionisation in 
aqueous solution:

NH3(aq) +  H20(1) NH4+(aq) +  OH"(aq),

C 0 32-(aq) +  H20(1) ^  H C03-(aq) +  OH~(aq).

1 mol of monoacidic base 
(e.g., NaOH) requires 1 
mol of H+ for complete 
neutralisation.

1 mol of diacidic base 
[e.g., Ba(OH)2] requires
2 mol of H+ for complete 
neutralisation^___________
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Examples of weak bases: NH3, ИагСОз and amines such as ethylamine 
(CH3CH2NH2).

Although a weak base does not fully ionise in water, the amount of acid 
required to completely neutralise it is the same as that needed to neutralise 
a strong base of the same concentration.

7.8 Base Dissociation Constant К ъ and piiTb
The extent of a base’s ionisation in aqueous solution and hence the base’s 
strength can be quantified using the concept of the base dissociation con
stant Kb.

Consider the partial ionisation of the weak base NH3:

NH3(aq) +  H20(1) ^  OET(aq) +  NH4+(aq).

The Kc expression for this system at equilibrium is:

[NH4+ (aq)][OH-(aq)]
[NH3 (aq) J [H2 0(1)]

[H2O] is essentially constant and it is incorporated into the equilibrium 
constant which is now known as the base dissociation constant (#ь)> since 
we are dealing with bases:

.  ...................................... [NH4+H)][OH-(aq)]
Base dissociation constant лк = --------— vi---------------->[NH3(aq)]

where Къ =  /Сс[Н20].

• The units for Къ are mol dm-3. Къ is temperature dependent.
• The larger the Къ value, the stronger is the base.
• The relationship between Къ and рКъ is given as follows:

pK b =  - l g X b.

The smaller the рКъ value, the stronger the base.

Example 7.6: Calculating pH of a weak base

Calculate the pH of a 0.05 mol dm-3 sodium ethanoate (CHsCOONa) solu
tion at 298 К (given that the Къ of ethanoate ion is 5.56 x 10 10 mol dm 
at 298 K).
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Approach:

(i) Firstly, calculate equilibrium [OH- ].
(ii) Next, calculate [H+] by using the relationship: Kw =  [H+][OH ] =

1.0 x 10-14 mol2 dm-6 at 298 K.
(iii) Lastly, calculate pH by using the formula: pH =  —lg[H+].

Solution: Let equilibrium [OH- ] =  у mol dm-3 .
Ignoring the OH-  contribution from the autoionisation of water, [OH ] 

=  [CH3COOH] =  у mol dm-3 .

CH3COO-  (aq) +  H zO(l) ^  CH3COOH(aq) +  OH (aq)

Initial conc. 0.05 — —
(mol dm '3)

+УChange in conc. -y + У
(mol dm-3 )

Equilibrium conc. (0.05 -  у ) У У
(mol dm-3 )

[CH3COOH] [OH~] 
b [CH3COO-] ’

5.56 x 1(T 10 =  — r.(0.05 -  y)
Since CH3COO-  is a weak base, assume у 0.05 such that (0.05 — y) ~  
0.05. Hence,

5-56 x 10 -10 = m
у =  5.27 x 10-6 .

Equilibrium [OH- ] =  5.27 x 10- 6 moldm-3 . At 298 K, Kw - [H+][OH ] =
1.0 x 10“ 14 mol2 dm-6 :

[H+] x (5.27 x 10-6 ) =  1.0 x 10-14

[H+] =  1.897 x 10-9  mol dm-3 ,
pH =  —lg[H+]

=  —lg(1.897 x 10-9 )

=  8.72.
Alternatively, when [OH- ] has been determined, proceed to calculate pOH 
and insert its value into the relationship “pH +  pOH =  14 at 298 K” to find 
the pH value. You should arrive at the same answer.
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Referring to Example 7.6, calculate the degree of ionisation of CH3COO” 
in a 0.05 mol dm-3  sodium ethanoate solution, given that its pH is 8.72 at 
298 K.

Solution: The degree of ionisation of a base can be defined as the ratio of 
the amount of base ionised to the initial amount of base, i.e.,

Degree of ionisation of CH3COO-
_  Amount of CH3COO-  ionised in 1 dm3 of solution 

Initial amount of СНзСОО-  in 1 dm3 of solution 
_ [OH- ]formed at equilibrium 

~~ 005
5.27 x 10-6 

0.05 
=  1.05 x 10"4.

Is this answer reasonable? Yes, as the weak base undergoes partial ionisation, 
the degree of ionisation is expected to be a value between 0 and 1. For strong 
bases that completely ionise in solution, the degree of ionisation is 1 .

Similar calculations can be done to determine the degree of dissociation 
of acids.

Example 7.7: Calculating the degree of ionisation of a weak base

7.9 Complementary Strengths of a Conjugate 
Acid-Base Pair

Consider the conjugate acid-base pair of ethanoic acid and ethanoate ion: 

CH3COOH(aq) +  H20(1) ^  CH3COO- (aq) + H30 +(aq).
The K& of ethanoic acid is given as:

[CH3C O O J H 3O+] (?4)
[CH3COOH] ’ 

and based on the ionisation of ethanoate ion,
CH3COO“ (aq) +  H20(1) ^  CH3COOH(aq) + OH- (aq), 

the I<h of ethanoate ion is:
[CH3COOH] [OH- ] (75)

Л ь"  [CH3COO-] *



When we multiply Eqs. (7.4) and (7.5), we will arrive at the simplified 
expression:

K& x Kb =  [H30 +][0H-], 
which gives us the relationship:

K * x K b = K „  (recall: K „  =  [Н30 +][0Н“ ]).

Take note that the relationship only holds true if the Ka and Kb values 
belong to a conjugate aeid-base pair. Take for instance, the autoionisa
tion of water:

H20(1) +  H20(1) ^  OH“ (aq) +  H30 + (aq).
The Kq_ of water is given as:

_  [H3Q+][OH~]
[H20] *

The Kb of water is given as:

[H3Q+][OH-] 
b [H20] ■

If you now take Кл x Kb =  1 , you find that it is not equal to
Kw =  [H30 +][0H~]! Why?

This is because if H20  acted as an acid, its conjugate base would be 
OH , which means that the hydrolysis of OH-  would be as follows:

OH'(aq) +  H20(1) ^  H20(1) +  OH-(aq).
Correspondingly,

^  _  [H20][0H-] гтт _  , „  [H30 +1[0H-) 
b "  [OH- ] =  IH2° ] ' 311(1 not = ----- [Що]— •

On the other hand, if H20  acted as a base, then its conjugate acid would 
be H30 +, which means that the dissociation of H30~*” would be as follows:

H30 +(aq) +  H20(1) ^  H20(1) +  H30 +(aq).
Correspondingly,

K [H30+][H20] _  (u ft) j _  [H3O+HOH-] 
a [Н30+] -  1H2°1- aild not Кл = ----- ------------- •

To continue with our previous discussion, since K, x K b =  Kw, then p K w =  
P^a+  pKb.
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Given that at 25°C, A w =  К& x Къ =  1.0 x 10 14 mol2 dm 6, then

pAa + p Kh =  p A w = 14.

Just as how A w, a fixed value at a given temperature, reflects the [H+] and 
[OH~] in all aqueous solutions, so too does it specify the relative values of 
K& and Къ of a conjugate acid-base pair. If Aa is large, then K\> must be 
small, and vice versa.

Essentially, this means that:

• If an acid is strong, its conjugate base is weak. Example: HC1 is a strong 
acid. Cl”  is a weak conjugate base.

• If an acid is weak, its conjugate base is strong. Example: CH3COOH is a 
weak acid. CH3COO-  is a strong conjugate base.

Q: If CH3COO-  is a strong conjugate base, does this mean that it is a 
strong base?

A: A strong conjugate base is not equivalent to stating that it is a strong 
base. Likewise, a strong conjugate acid does not mean it is a strong acid. 
When the term “strong conjugate base” is used, the word “strong” is 
used in association with the strength of its conjugate acid. The weaker 
the weak acid, the stronger is its conjugate base.

Usually, the conjugate base of a weak acid is a weak base; and the 
conjugate acid of a weak base is a weak acid.

Q: Essentially, how do we know whether two species make a conjugate acid- 
base pair?

A: A conjugate acid differs from its conjugate base simply by a difference 
of a H+ eg. HC1 and Cl".

Exercise: Calculate the Кь of NH3 at 25°С given that the Кл of 
NH4+ is 5.7 x 10~10 mol dm-3  at the same temperature. (Answer: 1.75 x 
10“ ° mol dm-3 .)

7.10 Hydration and Hydrolysis
When an acid and a base react, a salt and water is formed. For example, 

HCl(aq) +  NaOH(aq) — > NaCl(aq) + H20(1).
salt

When NaCl(s) dissolves in water, the ions become surrounded by water 
molecules. We say that hydration occurs when the ions are attracted to 
surrounding water molecules through ion-dipole interactions.
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NaCI(s) + aq -»  N a+(aq) +  Cl-(aq)

A  S-Щ-&
&+ ^ 5 -

5+ S+
•  S. 

Ш 5+
•  5+5+5fM 

*  • *
6-

We know that NaCl is neutral and its solution at 25°C has a pH of 7 .
owever, not all salts are neutral. There are certain salts, which when 

isso ve in water, react with water to produce either acidic or alkaline 
solutions. This phenomenon is termed salt hydrolysis.

neutral

NaCI(aq) 
Sodium chloride

acidic

NH4CI(aq) 
Ammonium chloride

alkaline

C H 3C 02"Na+(aq) 
Sodium ethanoate

Salt hydrolysis is a reversible reaction and it occurs for salts that consist of 
any or all of the following species:

• an anion that is a strong conjugate base of a weak acid,
• a cation that is a strong conjugate acid of a weak base,
• a cation that has high charge density such as Al3+, Cr3+ and Fe3+.

Q. How can we tell if the anion or cation is a strong conjugate base or acid, 
respectively?

A: If we look at the chemical formula of the salt, for example NaCl, the
amon Cl actually comes from the acid HC1, and the cation Na+ has a 
low charge density.

To determine if the anion Cl~ is a strong or weak conjugate base, 
we just have to determine the strength of the acid it originates from.

now that HC1 is a strong acid, and recalling the complementary 
s rengt of a conjugate acid-base pair, its conjugate base Cl~ must be 

e conjugate base. As such, Cl-  does not undergo hydrolysis, 
or t e cation Na+, its charge density is too low to break up water 

molecules. Hence, it does not undergo hydrolysis.
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Q: What is charge density?
A: Charge density can be defined as the amount of charge per unit surface 

area (or volume or length). In this case, it is specified as the amount 
of charge per unit length. The greater the charge and smaller the size 
of the cation, the higher its charge density, and hence the stronger its 
polarising power. Therefore, a unipositive charge cation is unlikely to 
break up a water molecule unless it has a very small size.

7.10.1 Classifying type o f salt based on strengths of acid 
and base that form  it

(i) A strong acid reacts with a strong base to give a neutral salt. 
Example:

HCl(aq) +  KOH(aq) — > KCl(aq) + H20(1).

Both K+ and Cl“  do not undergo hydrolysis. They merely get hydrated 
when dissolved in water.

Reasons:
• K+ has a relatively low charge density.
• Cl-  is a weak conjugate base of HC1.

(ii) A strong acid reacts with a weak base to give an acidic salt. 

Example:

HCl(aq) +  NH3(aq) — ► NH4Cl(aq).

Cl" does not undergo hydrolysis.
On the other hand, NH4+ is a strong conjugate acid of the weak base 

NH3. It undergoes hydrolysis wherein it behaves like an acid, donating 
a proton to H20:

NH4+(aq) + H20(1) -  NH3(aq) + H30 +(aq).

The excess H30 + formed results in an overall acidic solution.
Q: Why is there excess H30 +? Based on the equilibria above, since 

[NH3] =  [H30+], wouldn’t all the H30+ be neutralised by NH3? 
A: If H30 + were completely neutralised by NH3, then you would not 

get a resultant acidic solution. The fact that you get an acidic solu
tion must be because the extent of the forward reaction is greater 
than the backward reaction. It is really interesting to see that an
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acid (H30 +) and base (NH3) can actually coexist “peacefully” in 
the same solution. Then again, this is only possible if the particles 
do not meet.

A weak acid reacts with a strong base to give an alkaline salt.
Example:

CH3COOH(aq) 4- NaOH(aq) — > CH3COONa(aq) +  H20(1).

CH3COO~ is a strong conjugate base of CH3COOH. It undergoes 
hydrolysis wherein it behaves like a base, accepting a proton from H20:

CH3COCT(aq) +  H20(1) ^  CH3COOH(aq) +  OH~(aq).

The excess OH formed results in an alkaline solution.

Q. Actually, I do not quite understand why CH3COO-  undergoes 
hydrolysis?

A. Well, if you understand what makes a weak acid weak is the diffi
culty in cleaving an O-H bond to release H+, then you should be 
able to appreciate that the CH3COO-  anion that is formed has 
high affinity to accept an H+, and hence the ability to break up a 
water molecule.

A weak acid reacts with a weak base to give one o f the three 
types of salt stated.
Example:

CH3COOH(aq) -f- NH3(aq) — > CH3COONH4(aq).

In this case, we have both the cation and anion, i.e., strong conjugate 
acid and base, respectively, undergoing hydrolysis:

Acidic hydrolysis: NH4+(aq) +  H20(1) ^  NH3(aq) +  H30 +(aq). 

Alkaline hydrolysis: CH3COO- (aq) +  H20(1) ^  CH3COOH(aq)

+  OH-(aq).

The pH of the resultant solution depends on the relative strength of 
the conjugate acid NH4+ and that of the conjugate base CH3COO~.
ruSn+? the ° f NH4+ iS slightly greyer than the I<b of CH3CO O ", 
1 3  J is slightly greater than [OH- ] and the solution is therefore 
slightly acidic.
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In general,
• if Къ of the conjugate acid > Къ of the conjugate base, the extent 

of the hydrolysis of the conjugate acid is relatively greater and the 
resultant solution is acidic;

• if J<a of the conjugate acid =  Къ of the conjugate base, the extents of 
the hydrolysis of both species are the same and the resultant solution 
is neutral;

• if /<a of the conjugate acid < Къ of the conjugate base, the extent 
of the hydrolysis of the conjugate base is relatively greater and the 
resultant solution is alkaline.

7.10.2 Hydrolysis o f high charge density cations

For a salt that contains a cation of high charge density (such as Al3+, Cr3+ 
and Fe3+), it will undergo hydrolysis to form an acidic solution.

In aqueous solution, the Fe3+ ion exists as an aqua complex ion 
[Ре(Н20)б]3+, with six water molecules forming dative covalent bonds 
with the cation. Due to its high charge and small size, the Fe3+ ion has 
a high charge density and hence high polarising power. It distorts 
the electron cloud of H2O molecules bonded to it, weakening the O-H 
bonds and enabling these H20  molecules to become better proton donors. 
The free water molecules in the solution act as bases and the following 
equilibrium is established:

[Fe(H20 ) 6]3+(aq) + H20(1) ^  [Fe(0H)(H20 )5]2+(aq) 4- H30 +(aq).

The Fe3+ ion is said to undergo appreciable hydrolysis in aqueous solu
tion. The slight excess of НзО+ ions in the solution renders the solution 
acidic. The acidity of the solution is so high that if you added carbon
ate or hydrogencarbonate to a solution containing Fe3+ ions, C 02(g) would 
be liberated. This basically means that one cannot prepare the Ре2(СОз)з 
compound.

н,о

H20-

OH2

h,o

3+ O -H  bond will cleave

Distortion of electron cloud of 
w ater molecule.

Electron cloud of the w ater  
molecule not distorted by the 
larger N a* ion.
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7.11 Buffer Solutions
A buffer solution is able to resist changes in pH when a small amount of 
acid or base is added. To behave as a buffer, a solution must contain both 
an acidic species and a basic species that will react with the small amount 
of base or acid added, respectively.

There are two types of buffer solutions:

(i) Acidic buffer
о It has a pH in the acidic range, i.e., pH < 7.
о It comprises a solution of weak acid with a K a value greater than 

the К ъ value of its conjugate base, 
о Example: a solution of ethanoic acid and sodium ethanoate in sub

stantial amounts.
(ii) Alkaline buffer

о It has a pH in the alkaline range, i.e., pH > 7.
о It comprises a solution of weak base with а Къ value greater than 

the К а value of its conjugate acid, 
о Example: a solution of aqueous ammonia and ammonium chloride in 

substantial amounts.

Q: Does a weak acid and its conjugate base always result in an acidic buffer? 
A: No. The nature of the buffer solution (acidic or alkaline) depends on 

the relative values of the Ka of acid and K  ̂ of its conjugate base — as 
simple as that. Take, for instance, the NH4+/NH3 buffer system. This 
is an alkaline buffer because the Ka of NH4+ (5.7 x 10“ 10 mol dm-3 ) 
is smaller than the Kh of NH3 (1.75 x 1СГ5 mol dm-3 ); the extent of 
basic hydrolysis is greater than that of the acidic hydrolysis. So overall, 
we get an alkaline buffer.

7.11.1 How does an acidic buffer work

Consider an acidic buffer solution that contains both ethanoic acid and 
sodium ethanoate:

• When in solution, ethanoic acid undergoes partial dissociation, since it is 
a weak acid:

CH3COOH(aq) ^  CH3COCT(aq) 4- H+ (aq). (7.6)
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• When in solution, sodium ethanoate undergoes complete dissociation, 
since it is a strong electrolyte:

CH3COO“ Na+ (aq) — > CH3COCT(aq) +  Na+ (aq). (7 .7 )

The supply of the large number of СНзСОО-  ions from reaction (7.7) actu
ally suppresses the dissociation of the weak acid CH3COOH.

If you recall Le Chatelier’s Principle, Eq. (7.6) represents a system that is 
in a state of dynamic equilibrium. When the introduction of СНзСОО- Ка+ 
contributes to an increase in [CH3COO- ], the equilibrium position of 
Eq. (7.6) shifts to the left in a bid to remove some of the CH3COO-  ions. The 
backward reaction is favoured and, as a result, the dissociation of CH3COOH 
is further suppressed. (Refer to Chap. 6 on “Chemical Equilibria” for the 
kinetics’ viewpoint on the suppression effect.)

The resultant solution, termed the buffer solution, thus contains high 
concentrations of both undissociated CH3COOH molecules (acid) and 
CH3C O O - ions (base) which enable the solution to resist changes in pH 
as follows:

• When a small amount of acid (any source of H+ ions) is added to the 
buffer:

о the ethanoate ions will react with the added H+ ions in the neutralisa
tion reaction:

CH3COO- (aq) +  H+(aq) — > CH3COOH(aq);

о the presence of a large reservoir of CH3COO-  ions helps to ensure that 
the majority of the added H+ ions axe removed; 

о hence, [H+ ] does not change much and the pH of the buffer remains 
approximately constant.

Q: Can I write the equation as H+ (aq) +  OH- (aq) —► H20(1) instead of 
CH3COO"(aq) +  H+(aq) ->  CH3COOH(aq)?

A: If the added H+ ions encounter OH-  ions, there is nothing to stop 
them from reacting. But statistically, it is not as probable as encoun
tering CH3COO-  ions as these are present in larger quantity. Thus, 
writing the equation as СНзСОО- (aq) +  H+ (aq) —* CH3COOH(aq) 
is more appropriate.
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• When a small amount of base (any source of 0H~ ions) is added to the
buffer:

о the ethanoic acid molecules will react with the added OH“ ions:

CH3COOH(aq) +  OH-(aq) — > CH3COCr(aq) +  H20(1);

о the presence of a large reservoir of undissociated CH3COOH molecules 
helps to ensure that the majority of the added OH~ ions are removed; 

ence, the pH of the buffer remains approximately constant.

Q. If CH3COOH is a weak acid which partially dissociates, why is it inap
propriate to write the equation for its reaction with OH" as follows?

CH3COOH(aq) +  OH“ (aq) ^  СН3СОСГ (aq) +  H20(1).

П и - ^ Г resis ŝ changes in pH. This means that the majority of the 
H ions added has been removed. Henceforth, it would be more 

appropriate to use a single arrow (->) in the equation to depict a 
completed reaction.

Q* Why can t a buffer solution be made with a strong acid and its con
jugate base?

A. Remember from Section 7.10.1: a strong acid dissociates fully in the 
aqueous medium whereas its conjugate base does not undergo hydrol
ysis. So such a solution is essentially just an acidic solution. Now, 
w ien a small amount of OH“  ions is added, these react with the HT 
ions present. The result is that [H+] decreases drastically but there is 
no reservoir of undissociated acid to replenish the lost of H+. Thus, 
it cannot act as a buffer.

7.11.2 How does an alkaline buffer work

nsider the alkaline buffer solution that contains both aqueous ammonia 
and ammonium nitrate.

n in solution, aqueous ammonia undergoes partial ionisation, since it 
is a weak base:

NH3(aq) + H20(1) ^  NH„ + (aq) +  OH-(aq). (7 .8)

n in solution, ammonium nitrate undergoes complete dissociation,
since it is a strong electrolyte:

NH4N 03(aq) —  NH4+ (aq) +  N 0 3-(aq). (7.9)
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The supply of the large amount of NH4+(aq) from reaction (7.9) actually 
suppresses the ionisation of the weak base NH3.

The introduction of NELiNC^aq) contributes to an increase in [NH4+]. 
This causes the equilibrium position in Eq. (7.8) to shift to the left in a bid 
to remove some of the NH4+ ions. The backward reaction is favoured and, 
as a result, the ionisation of NH3 is further suppressed.

The resultant buffer solution contains high concentrations of both 
unionised NH3 molecules (base) and NH4+ ions (acid) which enable the 
solution to resist changes in pH as follows:

• When a small amount of acid is added to the buffer:
о the NH3 molecules will react with the added H+ ions:

NH3(aq) +H+(aq) — > NH4+(aq);

o the presence of a large reservoir of unionised NH3 molecules helps to 
ensure that the majority of the added H+ ions are removed; 

о hence, the pH of the buffer remains approximately constant.
• When a small amount of base is added to the buffer: 

о the NH4+ ions will react with the added OH-  ions:

NH4+(aq) +  OH'(aq) —  NH3(aq) + H20(1);

о the presence of a large reservoir of NH4+ ions helps to ensure that the 
majority of the added OH-  ions are removed; 

о hence, the pH of the buffer remains approximately constant.

In addition to knowing the different types of buffer, it is also impor
tant to know how to select an appropriate buffer to control the pH of a 
solution.

The selected buffer should have a (piiTa ±  1) range coinciding with the 
pH that you want to maintain. For instance, if you want to keep the pH 
constant at 4.5, then you should select a weak acid such that its (pKA ±  1) 
value coincides with pH = 4.5. This (p/<а ±  1) range is known as the maxi
mum buffering capacity zone, which means that out of this range, the buffer 
solution is not able to effectively maintain the pH range.

7.11.3 The role o f buffer in controlling pH in blood

Enzymes work well over a narrow range of pH. In a healthy person, the pH 
of blood never departs more than perhaps 0.2 pH units from the average 
value. Death may result if the pH falls below 6.8 or rises above 7.8.
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Although the cells in the human body respire and produce C 02, which 
dissolves in the blood producing carbonic acid,

C 0 2 +  H20  ^  H2C0 3,

the pH of human blood is maintained between 7.35 and 7.45. This con
stant pH, which is crucial for optimal enzymatic activity, is achieved using 
different biological buffers:

• the H2C 0 3/H C 03-  buffer,
• the H2P 0 „-/H P 0 42-  buffer, and
• plasma proteins.

Consider the buffer system that contains carbonic acid (H2C 03) and the
У rogencarbonate ion (HC03 ), which plays am important role in main

taining the pH of blood:

H2C 0 3(aq) ^  HC03"(aq) +  H+(aq).
weak acid conjugate base

• When a small amount of acid is introduced, the HC0 3-  ions will react 
with the added H+ ions:

HC03-(aq) + H+(aq) — > H2C 0 3(aq).

The presence of a large reservoir of HC0 3_ ions helps to ensure that most
0 e ded H+ ions are removed. Hence, the pH of the blood remains 
approximately constant.
When a small amount of alkali is introduced, the H2C 0 3 molecules will 
react with the added OH" ions:

H2C03(aq) +  OH-(aq) — * HC03-(aq) +  H20 (1).

he presence of a large reservoir of undissociated H2C 0 3 molecules helps
f T l ?  mos*' tt№ added OH~ ions are removed. Hence, the pH 

ot the blood remains approximately constant.

7-11.4 Calculating pH o f buffer solutions

P 7.8. Calculating the pH of an acidic buffer solution

acid нд6 „Р̂  a solutlon that contains 0.05 mol dm-3  of the weak 
7.5 x 10'Snol dm™°* dm 3 t l̂e soc*ium salt NaA (given I<B of HA =
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Approach: In order to get the pH value, we must first determine [H+] at 
equilibrium.
Method 1 : Using the I.C.E. table 
Solution: Let equilibrium [H+] =  wmoldm-3.

H A (a q ) ^  A  (aq) +  H + (a q )

Initial conc. (mol dm - 3 ) 0.05 0.15 --
Change in conc. (mol dm - 3 ) —w + w + w
Equilibrium conc. (mol dm - 3 ) (0.05 -  ги) (0.15 -f w) w

The supply of A“ (aq) from the complete ionisation of Na+A“  suppresses 
the dissociation of the weak acid HA to such a large extent that the following 
can be assumed:

• equilibrium [HA] «  initial [HA], i.e., (0.05 -  w) «  0.05, and
• equilibrium [A- ] «  source of [A- ] from the complete ionisation of the 

salt, i.e., (0.15 +  w) «  0.15.

Thus,
„  [A-][H+] 0.15 x w __4 . . _3

a = ПНА] = ~ 005“  = X m°ldm 
[H+] =  2.5 x 10-4 mol dm-3 , 

pH =  -lg[H+] =  —lg(2.5 x 10"4) = 3.60.

M ethod 2: Using the Henderson-Hasselbalch Equation for buffer 
solutions
Method 2 is not something that is very special. It actually incorporates 
similar mathematical steps and assumptions as in Method 1 into what is 
known as the Henderson-Hasselbalch Equation.

Thus, Method 2 can be considered the “short-cut” of Method 1 .
The Henderson-Hasselbalch Equation is derived from the K& expression 

by taking logarithms on both sides of the expression:

lg/Ca =  lg[H+] +  l g ^ J .  (710)

Rearranging Eq. (7.10) will give us Eq. (7.11):

pH =  pjКл +  IgTfTTT (recall: pH =  -lg[H+], pAa =  — lg-Ka). (7Л1) 
[HA]
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Since the supply of A (aq) from the complete ionisation of Na+A sup
presses the dissociation of the weak acid HA, it is assumed that:

• equilibrium [HA] «  initial [HA], and
• equilibrium [A- ] «  initial [NaA].

Based on the assumptions made, Eq. (7 .1 1 ) can then be re-expressed as 
Eq. (7.12), which is the Henderson-Hasselbalch Equation:

pH =  p ^ a +  lg[COnju6atebaSt  (7.12)
[conjugate acid]

Solution: Substituting the initial concentrations of NaA and HA into 
Eq. (7.12):

pH =  pKb +  base]
[conjugate acid]

=  - l g X a +  ig [conj u6ate basel
[conjugate acid]

+ * ( ш )

=  3.60 (same answer obtained in Method 1).

Note that at equilibrium, [H+] ф [A- ] for a buffer since their main sources 
are different. This is unlike the case when pure HA is added to water whereby 
at equilibrium, [H+] =  [A- ].

Example 7.9: Calculating the pH of an alkaline buffer solution

Calculate the pH of a buffer solution that contains 0.10 mol of ammonium 
chloride and 0.05 mol of aqueous ammonia dissolved in 1 dm3 of water at 
25°С (given Къ of NH3 is 1.75 x 10“ 5 mol dm" 3 at 25°C).

Approach:

(i) Calculate K& of conjugate acid NH4+ using the relationship: Kw =
X I<b.

(ii) Then calculate pH using the Henderson-Hasselbalch Equation.
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Solution:

K. of NH4+ = -----— ----- =  —  X 10— ? =  5.7 ж 10 10 mol dm 3,
a 4 I<b of NH3 1.75 x lO - 5

pH =  p x a + ig |conjugatteb^ j  [conjugate acid]
[conjugate base]

— ® a ® [conjugate acid]

=  -lg (5 .7 x lO -10) +  l g ( ^ j )

=  8.94.

7.12 Acid-Base Indicators
An indicator is a substance that changes colour in response to pH changes 
of the solution it is added to. An indicator is usually a weak acid or a weak 
base. Different colours will be observed for both the conjugate acid and its 
conjugate base, depending on the pH of the solution.

For instance, an indicator HIn (weak acid) dissociates partially in solu
tion and the following equilibrium is attained:

Hln(aq) ^  H+(aq) +  In“ (aq) • (7-13)
weak acid conjugate base
(co lou r A ) (colour B)

Similar to the idea of Ka and pКл, the equilibrium constant K\n and its pH 
are expressed as:

Kla = 1H[HinH and pH = pKln + lg[5H'
In acidic conditions, with an abundance of H+(aq) ions, the equilibrium 
position of Eq. (7.13) lies to the left, and colour A is observed. In alkaline 
conditions, as large amounts of H+(aq) ions are consumed, the equilibrium 
position shifts to the right, and colour В is observed.

Indicators are used to determine end-points of acid-base titrations.

Q: What is the end-point of a titration?
A: The end-point of a titration is the volume of acid or base added in order 

for the indicator to change colour. Different indicators change colour
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Table 7.1 Working Ranges of Some Indicators

Indicator piCm

p H  R a n g e /  
W o rk in g  

R an g e

C o lo u r in  
“ A c id ic ”  
S olu tio n

C o lo u r in 
“ A lk a lin e”  
S olu tion

Methyl orange 3.7 3 .1-4 .4 red yellow
Screened methyl orange 3.7 3 .1-4 .4 violet green
Methyl red 5.1 4 .2 -6 .3 red yellow
Litmus 6.5 6.0- 8.0 red blue
Bromothymol blue 7.0 6.0 -7 .6 yellow blue
Phenolphthalein 9.3 8.2- 10.0 colourless pink

within different pH ranges. We term this range the “working range” of 
the indicator. Some indicators change colour in the alkaline pH range 
(e.g., phenolphthalein), while others do so in the acidic pH range (e.g., 
methyl orange and screened methyl orange). Refer to Table 7.1 for more 
details.

The end-point of a titration is detected when there is a distinct change in 
colour from A to B, or vice versa. This happens when the indicator has a 
colour halfway between its extreme colours, i.e., when both the weak acid 
(HIn) and its conjugate base (In- ) are present in equal amounts. At this 
point,

pH =  ptfln Since lgf e njugate basj  =  Ig 1 =  0.
[conjugate acid]

The colour observed at the end-point will be a mixture of colour A and 
colour B. As the human eye can detect colour changes when the proportion 
of the two colours is in the ratio 1:10, the pH range for which we will notice 
that the indicator changes colour is about 2 pH units (between pH =  pKin — l 
to pH = p/CIn + l).

Q. Does the end-point indicate that all the acid has been neutralised by 
the added base, and vice versa?

A: No. When the indicator changes colour during titration, it simply means 
that most of the acid or base has been neutralised.

We know that different indicators change colour within different pH 
ranges. Thus, when an indicator changes colour, the resultant solution may 
still be slightly acidic or alkaline. This is especially so if salt hydrolysis sets 
in (refer to Sec. 7.10).
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It is the equivalence point of the titration that signifies a complete 
reaction between the acid and base. For example, if there is 1 mol of H+ 
ions present, then it would need 1 mol of OH-  ions to completely neutralise 
it. That is, the amount of base needed is precisely what is specified by the 
stoichiometric equation to react with the amount of acid.

A universal indicator, comprising a mixture of several indicators, pro
vides distinct colours for pH ranging from 1 to 14:

p H  R ange C olour

0 -3 red
3 -6 orange/yellow

7 green
8-11 blue
11-14 purple

Colour of universal indicator at various pH values

T a b le  7 .2  T y p e s  o f  A c id -B a s e  T itration s and Suitable Indicators

R egion  o f  
M ark ed  p H

T y p e  o f  T itra tio n  C h an ge E xam ples o f Suitable
Indicators

Strong acid-strong base 4-10 methyl orange
screened methyl orange
phenolphthalein

Weak acid-strong base 7.5-10.5 phenolphthalein
Strong acid-weak base 3 .5-6 .5 methyl orange

screened methyl orange
Weak acid-weak base nil no suitable indicator

When an appropriate indicator is chosen, the end-point will be close to 
the equivalence point. That is, the pH range of the indicator must fall within 
the region of marked pH change in the titration curve. Thus, it is important 
to choose an indicator wisely (refer to Table 7.2).
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The choice of indicator depends on:

• its working pH range, and
• the type of titration involved.

Ideally, it is good to use an indicator that enables the end-point of the 
titration to coincide exactly with the equivalence point. This can be fulfilled 
if the chosen indicator has a pK\n value that is identical to the pH of the 
resultant solution at the equivalence point.

7.13 Acid—Base Titrations
Titrations are useful in determining the unknown concentration of one reac
tant by allowing it to react with a known concentration of another reactant 
in a controlled manner. Normally, a fixed volume of the reactant of unknown 
concentration is placed in a conical flask while the other reactant is placed 
in the burette (titrant).

It is important to control the volume of titrant allowed to react with 
the solution pipetted so that we know when exactly the reaction is com
pleted. This equivalence point is determined by using a suitable indicator, 
as discussed earlier.

Table 7.2 shows the different types of acid-base titrations along with 
suitable choices of indicators.

Q: Why is the region of marked pH change for strong acid-weak base titra
tion in the range of 3.5- 6.5?

A: When the weak base reacts with the strong acid, at the equivalence 
point, the strong conjugate acid of the weak base exists. The hydrolysis 
of this conjugate acid results in an acidic solution at the equivalence 
point. Suitable indicators include methyl orange and screened methyl 
orange.

Q: What happens if one uses phenolphthalein as the indicator for the strong 
acid-weak base titration?

A: The working range of phenolphthalein is in the alkaline range. When 
phenolphthalein changes colour from colourless to pink, we have prob
ably added to the acid far more base than is required. The titration
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reading would be higher than the theoretical amount needed for a com
plete reaction.

Q: Why is there no suitable indicator for a weak acid-weak base titration? 
A: For the equivalence point of an acid-base titration to be identifiable 

using an indicator, the pH near the equivalence point must change 
sharply by several units. This does not occur for a weak acid-weak base 
titration. This is due to the simultaneous hydrolysis brought about by 
both the strong conjugate base of the weak acid and the strong conjugate 
acid of the weak base.

Throughout an acid-base titration, there will be variations in pH value that 
correspond to different stages of the neutralisation process. This change 
in pH during the course of a titration depends largely upon the type and 
strength of acid and base used.

If we were to graphically plot the pH changes during the progress of 
titration, we would expect different titration curves for the four types of 
acid-base titrations.

A titration curve is usually a plot of pH against volume of titrant (acid 
or base). To get the profile of the curve, the pH of the solution is measured 
using a pH meter at each step-wise volume of titrant added.
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7.13.1 Titration curve o f  a strong acid-strong base titration

The figure above shows the titration curve when 25.0 cm3 of 0.50 mol dm-3
HCl(aq) is titrated against 0.50 mol dm-3 NaOH(aq):

HCl(aq) +  NaOH(aq) — » NaCl(aq) +  H20(1).

Features o f the titration curve:

(1) Initial pH is low since HC1 is a strong acid that fully dissociates in water.
(2) As NaOH(aq) is added, neutralisation and dilution leads to a decrease 

in [H ] and hence an increase in pH. The change in pH is significant.
At the half-equivalence point, exactly half the initial [H+] is neu

tralised when 12.5 cm3 of NaOH(aq) is added.
(3) A large rapid change in pH (from pH 4 to 10) indicates the approach of 

the equivalence point.
Suitable indicators whose working range coincides with this region of

, . n^ked pH change include phenolphthalein and methyl orange.
) t the ̂ equivalence point, the acid is completely neutralised when

25.0 cm of NaOH(aq) is added. The amount of H+ present is equal 
to the amount of OH added and the resultant solution contains only

aCl(aq). pH = 7 since NaCl(aq) is a neutral salt that does not undergo 
hydrolysis.

(5) After the equivalence point, the pH continues to rise to a high value 
typical of a strong base that fully ionises in water.
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Titration can also be carried out with the base sitting in the conical flask 
while the acid is added from the burette. The titration curve is shown below:

7.13.2 Titration curve o f a weak acid-strong base titration

point 
pH = pKa

The figure above shows the titration curve when 25.0 cm3 of 0.50 mol dm 
CH3COOH(aq) is titrated against 0.50 mol dm 3 NaOH(aq):

CH3COOH(aq) +  NaOH(aq) —  С Н 3С О С Г  Na+ (aq) +  H20(1).
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Features o f the titration curve:

(1) The curve initially begins at an acidic pH since CH3COOH partially 
dissociates in water.

(2) After an initial rapid rise in pH, the pH changes more slowly when 
NaOH(aq) is continuously added. This is because the solution contains 
both the weak acid and its conjugate base, whereby the buffering effect 
kicks in! The pH range of (p/Ca±  1) of the conjugate acid is the buffering 
region whereby the solution functions as an effective buffer that resists 
changes in pH when more base is added.

(3) At the half-equivalence point, exactly half the initial [CH3COOH] is 
neutralised when 12.5 cm3 of NaOH(aq) is added. Here, [СНзСООН]=  
[CH3COCTNa+] and pH =  pK a since

pH .  pK. +  „  p t f ,  +  ! g 1 ( « d . s l - 0 ) .

The buffering efficiency is greatest when [conjugate base]/[conjugate 
acid] = 1 . Thus, the maximum buffering capacity is at pH =  p/<"ai 
at the half-equivalence point.

(4) pH increases drastically (from pH 7.5 to 10.5) near the equivalence point. 
The marked pH change begins at a higher pH and its range is shorter 
than that for a strong acid-strong base titration. A suitable indicator 
is phenolphthalein.

(5) At the equivalence point, the acid is completely neutralised when
25.0 cm3 of NaOH(aq) is added. The amount of CH3COOH present is 
equal to the amount of OH-  added and the resultant solution contains 
only CH3COO"Na+(aq). pH is greater than 7  since CH3COO (aq) 
undergoes hydrolysis and produces a slightly alkaline solution:

СН3СОСГ (aq) + H20(1) ^  CH3COOH(aq) +  OH"(aq).

(6) After the equivalence point, the pH continues to rise to a high value 
typical of a strong base that fully ionises in water. At this point, the 
alkaline hydrolysis of CH3COO- (aq) is suppressed by the addition of 
excess strong base!

tration can also be carried out with the strong base sitting in the conical
as w 1 e the weak acid is added from the burette. The titration curve is 

shown below.
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Example 7.10: Calculating pH values on a titration curve

Calculate the pH of the resultant solution when the respective volumes 
of 0.50 mol dm-3  NaOH(aq) are added to 25.0 cm3 of 0.50 mol dm 
CH3COOH(aq): (i) 0.00 cm3, (ii) 15.00 cm3, (iii) 25.00 cm3 and (iv) 35.00 
cm3.

(Take Кл of ethanoic acid to be 1.8 x 10_5moldm 3 at 298 K.)

Approach: The various pH calculations can be classified into the following 
types:

(i) calculate the pH of a weak acid given the K& and its initial concentra
tion (refer to Example 7.3);

(ii) calculate the pH of buffer solution using the Henderson-Hasselbalch

Equation (refer to Example 7.8);
(iii) calculate the pH of solution given the Къ °f conjugate base (refer

to Example 7.6); and
(iv) calculate the pH of the strong base and ignore the hydrolysis of the

weaker base (refer to Example 7.2).

Solution:

(i) Let equilibrium [H+] =  у mol dm"3. Ignoring the H+ contribution from 
the autoionisation of water, [CH3COO ] =  [H ] — Уm0 m
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CHsCOOH(aq) ^  CH3COO-  (aq) +  H + (a q )

Initial conc. 0.50 — —

(mol dm - 3 )
Change in conc. -y +У + У

(mol dm - 3 )
Equilibrium conc. (0.50 -  у ) У У

(mol dm - 3 )

[CH3COO-][H+]
[CH3COOH]

1.8 x 10 ■5________У*
(0.50 -  y)

Since CH3COOH is a weak acid, assume у 0.50 such that (0.50—t/) ~ 
0.50. Thus,

1.8 x lO-5 =  0.50 
у =  3.0 x 10-3 .

Thus, equilibrium [H+] = 3.0 x 10- 3 moldm-3 . Then,

PH =  —lg[H+] 

=  -lg(3.0 x 10-3 )

=  2.52.

(ii) Amount of CH3COOH neutralised 
=  amount of NaOH added
=  1000 x
= 7.5 x lO" 3 mol.
Therefore, amount of СНзСОСЖа formed =  7.5 x 10" 3 mol. Thus,

Amount of CH3COOH unreacted

= initial amount CH3COOH -  amount of CH3COOH reacted

( x 0.5)  -  7.5 x 10“ 3\1000 

=  5.0 x 10-3 mol
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Upon adding base, the total volume of solution =  25 4- 15 =  40 cm3. 
Thus,

e; n у in-3  о
[CH3COOH] unreacted = —— —----- x 1000 =  0.125 mol dm ,

7 *1 x ID-3
[СНзСОСЖа] formed =  —------------x 1000 =  0.188 mol dm-  .

40

Since the supply of CH3COO-  from the complete ionisation 
of CH3COO“ Na+ suppresses the dissociation of the weak acid 
CH3COOH, it is assumed that:

о equilibrium [CH3COOH] «  [CH3COOH] unreacted, and 
о equilibrium [CH3COO- ] «  [CH3COOH] reacted =  [CH3COONa] 

formed.

Hence,

. [CH3COO-Na+] 
pH p/fa + lg [СНзС00Н] 

=  - lg (1 .8 x l 0- 5) +  l g ( ^ | ) = 4 . 9 2 .

(iii) Amount of CH3COOH neutralised 
=  amount of NaOH added
= ТШ6 x 0-5 
=  1.25 x 10“ 2 mol.

Therefore, amount of СНзСОСЖа formed =  1.25 x 10 2 mol.
Since there is a complete reaction, the resultant solution contains 

only CH3COONa(aq). CH3COO"(aq) undergoes hydrolysis and pro
duces a slightly alkaline solution.

Upon adding base, the total volume of solution =  25 4- 25 =  50 cm . 
Thus,

[CH3COO- ] =  12 5  x 1Q__ x 1000 = 0.25 mol dm-3.
50

Let equilibrium [OH- ] =  у mol dm-3. Ignoring the OH contribution 
from the autoionisation of water, [OH- ] = [CH3COOH] =  у mol dm .
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C H 3C O O -  (aq) + H 20 (1 )  ^  C H 3C O O H (a q )  +  O H '( a q )

Initial conc. 0.25 _ —
(mol dm - 3 )

Change in -y + У +У
conc.
(mol dm - 3 )

Equilibrium (0.25 - y ) У У
conc.
(mol dm - 3 )

I<w =  jFCa x Къ =  1.0 x 10 14 mol2 dm .

Hence,

Къ =  V q X In s =  x 10- 10moldin' 3
1.8 x 10-5

and

*-вЮР-
Thus,

5.56 ж IQ-10 =  3/2
(0.25 - у ) ’

Since СНзСОО-  is a weak base, assume у <C 0.25 such that (0.25—y) 
0.25. Therefore,

7У2
5.56 x 10" 10 =  -1—

0.25
у =  1.18 x 10" 5.

Thus, equihbrium [OH- ] = 1.18 x 10- 5 moldm-3 . Then,

pOH =  -lg[OH- ]

=  —lg(l .18 x 10-5 )

=  4.93.
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(iv) The pH after the equivalence point is attributed to the presence of the 
strong base NaOH. The hydrolysis of the conjugate base СНзСОО-  
can be ignored as it is suppressed due to the presence of the strong 
base.

Amount of NaOH reacted with acid
oc

=  amount of CH3COOH — x 0.5 =  1.25 x 10” 2 mol. 

Therefore,

amount of excess NaOH = total amount of NaOH added

— amount of NaOH reacted

=  ( x 0.54) -  1.25 x 1(Г2Vlooo J
= 5.0 x 10-3 mol.

Upon adding base, the total volume of solution =  25 + 35 = 60 cm3. 
Thus,

[OH-J =  [NaOH) =  —  * *—  x 1000 =  8.33 x lO^moldm " 3

and

pOH =  -lg[OH"]
=  —lg(8.33 x ИГ2)
=  1.08.

Hence,

pH =  14 -  pOH =  14 -  4.93 =  9.07.

Hence,

pH =  14 -  pOH =  14 -  1.08 =  12.92.
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7.13.3 Titration curve o f a strong acid-weak base titration

point 
pH = pKa

The figure above shows the titration curve when 25.0 cm3 of 0.50 mol dm-3
NH3(aq) is titrated against 0.50 mol dm” 3 HCl(aq):

HCl(aq) +  NH3(aq) — > NH4+(aq) +  С Г  (aq).

Features of the titration curve:

(1) The curve initially begins at an alkaline pH since NH3 partially ionises 
in water.

(2) After an initial rapid drop in pH, the pH changes more slowly when 
HCl(aq) is continuously added. This is because the solution contains 
both the weak base and its conjugate acid that can act as a buffer. The

ГаП̂ е ^ ^  conjugate acid is the buffering region.
(3) At the half-equivalence point, exactly half the initial [NH3] is neu

tralised when 12.5 cm3 of HCl(aq) is added. The solution is at its maxi
mum buffering capacity since [NH3] =  [NH4+] and pH =  piCa, where

pH = p^ a + . jconjugate base] _  , [NH3]
[conjugate acid] P a g [NH4+] ‘

(4) pH decreases drastically (from pH 6.5 to 3.5) near the equivalence point.
uitable indicators include methyl orange and screened methyl orange.
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(5) At the equivalence point, the base is completely neutralised when
25.0 cm3 of HCl(aq) is added. The amount of NH3 present is equal to the 
amount of H+ added and resultant solution contains only NH4CI(aq).

pH is lower than 7 since NH4+(aq) undergoes hydrolysis and pro
duces a slightly acidic solution:

NH4+(aq) + H20(1) ^  NH3(aq) + H30 +(aq).

(6) After the equivalence point, the pH continues to fall to a low value 
typical of a strong acid that fully dissociates in water. At this point, the 
acidic hydrolysis of NH4+(aq) is suppressed by the addition of excess 
strong acid!

Titration can also be carried out with the strong acid sitting in the conical 
flask while the weak base is added from the burette. The titration curve is 
shown below.

Exercise: Calculating pH values on a titration curve

(1 ) Calculate the pH of the resultant solution when the respective volumes 
of 0.50 mol dm-3  HCl(aq) are added to 25.0 cm3 of 0.50 mol dm-3 

NH3(aq):
(i) 0.00cm3, (ii) 12.50cm3, (iii) 25.00cm3, and (iv) 40.00cm .
(Take Къ of NH3 to be 1.75 x 10“ 5 mol dm" 3 at 298 K.)

(2) Hence, sketch the titration curve for this strong acid-weak base titra
tion. Indicate on your graph the region within which the solution acts 
as a buffer.
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Answer:

(i) 11.47,
(ii) 9.24,
(iii) 4.92, and
(iv) 0.94.

pH

1 1 .4 7 -

9.24

4.92

Half-equivalence point 
pH = p/Ca

pH = 10.24
pH = 8.24

■Equivalence point 
pH < 7

_1__________  w Volum e of
12^50 25 .00  40 .00  H C I(a q )/c m 3

7.13.4 Titration curve of a weak acid-weak base titration

The figure above shows the titration curve when 25.0 cm3 of 0.50 m o l  dm 
СНзСООН(ая) is titrated against 0.50 mol dm-3  NH3(aq):

- 3

CH3COOH(aq) +N H 3(aq) — * CH3COONH4(aq).
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Features o f the titration curve:
(1) The curve initially begins at an acidic pH since CH3COOH partially 

dissociates in water.
(2) The increase in pH is gradual when the weak base is added. This is due 

to the buffering effect of the weak acid and its strong conjugate base. 
The hydrolysis of the conjugate acid generated from the added weak 
base is ignored.

(3) There is no straight, vertical section on the graph. This shows that 
the change in pH at the equivalence point is rather gradual and much 
less sharp than in any of the previous titrations. This is because upon 
neutralisation, the weak acid NH4+ (a strong conjugate acid of the weak 
base NH3) is generated and it does not fully dissociate:

NH4+(aq) + H20(1) ^  NH3(aq) +  H30 +(aq).

In addition, the weak base CH3COO“  (a strong conjugate base of the 
weak acid CH3COOH) is also produced. The hydrolysis of CH3COO" 
creates an opposing effect to the dissociation of the weak acid NH4+:

CH3COO~(aq) +  H20(1) ^  CH3COOH(aq) +  OH~(aq).

The pH of the resultant solution depends on the relative strength of 
the conjugate acid NH4+ and that of the conjugate base CH3COO“ . 
Since the Кя of NH4+ is slightly greater than the Къ of CH3COO“ , 
the solution is slightly acidic. There are no suitable indicators whose 
working range coincides with this region of gradual pH change.

(4) Soon after the equivalence point, the titration curve flattens out at a 
fairly low alkaline pH since the excess base is a weak one that does not 
undergo extensive ionisation.

Q: Why do we ignore the hydrolysis effect of the strong conjugate acid of 
the weak base at the buffering region (at Point 2)?

A : First of all, take note that the weak base that is being used for titra
tion must be a stronger base than the conjugate base of the weak acid 
being titrated. Otherwise, the weak base would not be able to accept 
a proton from the weak acid,and there would be no point carrying out 
the titration! This would mean that the conjugate acid of the weak base 
added must be weaker than the weak acid that is being titrated. Hence, 
its dissociation would be suppressed by the dissociation of the weak acid 
being titrated. Thus, its dissociation can be ignored.
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7.13.5 Titration curve o f  a polybasic acid-strong base 
titration

12.9-
2 nd equivalence point

0.0 12.5
----------------г

25.0 37.5 50.0
Volume of 
N aO H (aq) /  cm J

The figure above shows the titration curve when 25.0 cm3 of 0.50 moldin'"3 
H2b(aq) is titrated against 0.50 mol dm” 3 NaOH(aq):

H2S(aq) +  2NaOH(aq) — * Na2S(aq) +  2H20(1).

p 2 /•7 tnTea^jd/ '3aS'C whose step-wise dissociation is represented by bqs. (7.14) and (7.15):

H2S(aq) +  H20(1) ^  H30+(aq) +  HS“ (aq),

Kb.,1 =  1.0 ж 10~7 moldm-3 ; pATail =  7 , (7.14)
HS-(aq) +  H20 (1) ^  H30+(aq) +  S*-(aq),

Л'а.г =  1.3 x 10_ 13moldm"3; pATa,2 =  12.9. (7.15)

fW  anH a difference in the ease with which a H2S molecule loses its 
The fi 4- *?°on, Pr°t°ns, as reflected in the magnitude of the K& values, 
ier tr> S lssoc*a^on Proceeds more readily than the second since it is eas- 
than fro G P°SitiVê  Char5ed Pro ôn from the neutral H2S molecule
attrartin т 6 n*^at*ve^  barged HS“ ion with which it experiences greater 
ond П lt*on’ the first dissociation has to proceed before the sec-
dissoriaiH СаП a 8aĈ then, the H+ that is produced from the first 

m  w Г Г 563 the S6COnd d^sociation step 
titraHnrw* 2 u ^ tltrated aSainst a standard solution of NaOH(aq), the 

urve shows two equivalence points that correspond to the step-wise
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completion of the following reactions:
(i) H2S(aq) +  OH"(aq) —-  HS“ (aq) +  H20(1),

(ii) HS-(aq) +  OH-(aq) — ► S2“ (aq) +  H20(1).

Associated with these acids and their conjugate bases are two buffering 
regions with the following composition:

• Buffer 1 comprises weak acid H2S(aq) and its conjugate base HS“ (aq), 
ignoring the further dissociation of HS“ (aq). Maximum buffering capacity 
is at pH =  pAa,i =  7.

• Buffer 2 comprises weak acid HS“ (aq) and its conjugate base S2“ (aq). 
Maximum buffering capacity is at pH =  p/<a,2 =  12.9.

7.13.6 Titration curve o f a carbonate-strong acid titration 
(Double-Indicator Method)

Sodium carbonate is a diprotic base. The following two equations represent 
the step-wise reaction of sodium carbonate with hydrochloric acid:

(a)

(b)

C 0 32-(aq) +  H+(aq)
—  HC03-(aq)

HC03-(aq) +  H+(aq) 
— * C0 2(g) +  
H20(1)

Progress of reaction

Na2CC>3 is only 
half-neutralised

Na2CC>3 is 
completely 
neutralised

Reaction is marked 
complete when

phenolphthalein 
turns from pink to 
colourless 

methyl orange turns 
from yellow to 
orange

The sum of (a) and (b) gives the overall reaction:

C 0 32"(aq) + 2H+(aq) — ► C02(g) +  H20(1).

Titration can be carried out with:

(i) The use of two indicators to signify the end of each equivalence point. 
When phenolphthalein, used as the indicator, changes colour from pink 
to colourless, then the volume of HC1 at this end-point (Vi) corresponds 
to the amount of H+ required to convert CO3" to HCO3 .
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If now a few drops of methyl orange is added to the solution and 
titration is continued, then the additional volume of HC1 at the second 
end-point (V2 — Vi) corresponds to the amount of H+ required to convert 
НСОз“  to CO2.

The two volumes, Vi and (V2 — Vi), should be the same since the 
amount of CO32- is equal to the amount of НСОз~.

(ii) The use of only one indicator to signify the end of the second 
equivalence point.

If methyl orange is used at the very beginning instead of adding 
phenolphthalein, then the volume of HC1 at this end-point (V2) cor
responds to the amount of H+ required to convert СОз2- to CO2- 
This volume is twice the volume reading (Vi) if phenolphthalein is 
used.

Titration curve when 25 cm3 of 0.10 mol dm-3  Na2CC>3(aq) is titrated 
against 0.10 mol dm-3  HCl(aq).

Q: What is the use of the Double-Indicator Method?
A: The Double-Indicator Method is useful for determining the following 

quantities:

(1 ) amount of carbonate in a carbonate/hydrogencarbonate 
mixture,

(2) amount of carbonate in a carbonate/hydroxide mixture, and
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(3) amount of hydrogencarbonate in a hydrogencarbonate/hydroxide 
mixture.

The following examples will explain the use of the method and the calcula
tions involved in determining the said quantities.

Example 7.11: Analysing a mixture of Na2C0 3  and NaHCC>3

A 25.0 cm3 aliquot of a mixture of Na2C03 and NaHCC>3 is titrated 
against 0.5 mol dm-3  HC1 solution. 17.0 cm3 of acid is used when phe
nolphthalein changes from pink to colourless. Upon further titration using 
methyl orange as indicator, 35.0 cm3 of acid is used to reach the second 
end-point. Determine the initial concentrations of Na2CC>3 and ИаНСОз in 
the mixture.

Approach:

• The first end-point using phenolphthalein signifies the volume of HCl(aq), 
Vi cm3, used in Reaction 1:
Reaction 1 : C0 3 2- (aq) +  H+(aq) — > HC0 3 - (aq).

• The second end-point using methyl orange signifies the volume of HCl(aq), 
V2 cm3, used in Reaction 2:
Reaction 2: HC03"(aq) +  H+(aq) — ► C02(g) + H20(1).

• There are two sources of HCO3- : those that are initially present in the 
mixture and those that are generated from Reaction 1. The difference 
between the end-points (V2 — Vi) signifies the amount of HCO3-  that is 
initially present in the mixture.

Solution:

At the first end-point:

Na2C 0 3(aq) +  HCl(aq) — ♦ NaHC03(aq) + NaCl(aq).

Amount of HC1 reacted =  x 0*5 =  8*5 x 10“ 3 mol.
Amount of Na2C03 present 
=  Amount of HC1 reacted 
=  8.5 x 10-3  mol.

Therefore,

Concentration of Na2C03 in the mixture 
=  8.5 x 10~3 x ^  = 0.340 mol dm"3.
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At the second end-point:

NaHCOs(aq) + HCl(aq) — * NaCl(aq) + C 0 2(g) +  H20(1).

Amount of HC1 reacted =  x 0.5 =  1.75 x 10- 2 mol.
Amount of HC1 which reacted with NaHC03 from Reaction 1 
= amount of Na2C03 present 
=  8.5 x 10“ 3 mol.
Therefore,
Amount of HC1 that reacted with NaHCC>3 initially present in mixture 
=  1.75 x 10~2 -  8.5 x 10" 3 =  9.0 x 10“ 3 mol.
Concentration of 1ЧаНСОз in the mixture 
=  9.0 x 10-3  x =  0.360 mol dm"3.
Or
Volume of HC1 required to react with ИаНСОз initially present in mixture 
=  35.0-17.0 =  18.0 cm3.
Amount of HC1 that reacted with ИаНСОз initially present in mixture 
=  looo x 0*5 =  9.0 x 10-3 mol (same as above).

Example 7.12: Analysing a mixture o f Na2C 0 3  and NaOH 
A 25.0 cm3 aliquot of a mixture of Na2C03 and NaOH is titrated against 
0.5 mol dm 3 HC1 solution. 38.0 cm3 of acid is used when phenolph
thalein changes from pink to colourless. Upon further titration using methyl 
orange as indicator, 21.0 cm3 of acid is used to reach the second end-point. 
Determine the initial concentrations of Na2C 0 3 and NaOH in the mixture.

Approach:

• The first end-point using phenolphthalein signifies the volume of HCl(aq), 
V\ cm3, used in Reactions 1 and 2:
Reaction 1 : C032-(aq) + H+(aq) — ♦ HC03-(aq),
Reaction 2: OH'(aq) 4- H+(aq) —  H20 (1).

• The second end-point using methyl orange signifies the volume of HCl(aq), 
У2 cm3, used in Reaction 3:
Reaction 3: HC03-(aq) +  H+(aq) —  C 0 2(g) +  H20(1).

• The difference between the end-points (V\ — Vj») signifies the amount of 
OH initially present in the mixture.
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Solution:
At the second end-point:

Amount of HC1 reacted with NaHC03 =  x 0.5 =  1.05 x 10“ 2 mol. 
Amount of КагСОз present 
= Amount of NaHC03 
= Amount of HC1 
= 1.05 x 10-2 mol.

Therefore,

Concentration of Na2C0 3 in the mixture 
= 1.05 x 10" 2 x ^  =  0.420 mol dm"3.

At the first end-point:

Total amount of HC1 reacted with both Na2C0 3 and 
Na0H =  ТШ x °-5 =  1 9  x Ю-2  mol.

Amount of NaOH present

=  Total amount of HC1 — amount of HC1 reacted with Na2C0 3

=  1.9 x 10" 2 -  1.05 x 10" 2 =  8.5 x 10" 3 mol.

Concentration of NaOH in the mixture 
=  8.5 x 10-3  x =  0.340 mol dm“ 3.
Or
Volume of HC1 required to react with NaOH initially present in mixture 
=  38.0-21.0  =  17.0 cm3.
Amount of HC1 that reacted with NaOH initially present in mixture
— 1Ш0 x 0-5 =  8.5 x lO- 3 mol (same as above).

Exercise: Analysing a mixture o f NaH C03 and NaOH
A 25.0 cm3 aliquot of a mixture of NaHC03 and NaOH is titrated against 
0.5 mol dm-3  HC1 solution. 21.50 cm3 of acid is used when phenolph- 
thalein changes from pink to colourless. Upon further titration using methyl 
orange as indicator, 15.0 cm3 of acid is used to reach the second end
point. Determine the initial concentrations of NaHC03 and NaOH in the 
mixture. (Answer: [NaOH] = 0.430 mol dm-3; [NaHC03] =  0.300 mol 
d m '3.)
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Approach:

• The first end-point using phenolphthalein signifies the volume of HCl(aq) 
used in Reaction 1 :
Reaction 1 : OH'(aq) +  H+(aq) — > H20 (1).

• The second end-point using methyl orange signifies the volume of HCl(aq) 
used in Reaction 2:
Reaction 2: HC03-(aq) +  H+(aq) — * C0 2(g) +  H20 (1).

7.13.7 Titration curve o f  a mixture o f  weak acids —  strong 
base titration

If a mixture of two weak acids is present in a system, then a titration
with a strong base results in a two-step titration profile as shown below.

lis titration profile is actually an inversion of the carbonate-strong acid 
titration curve.

The fii st step of titration corresponds to the reaction between the strong
ase and the stronger of the two weak acids. Thus, from this volume of

strong base used, one can determine the amount of the stronger weak 
acid.

The second step of titration corresponds to the reaction between the 
second weak acid and the strong base.
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Q: When the base is added to a mixture of weak acids, why does the 
stronger one react first?

A: You should already know that the stronger weak acid suppresses the 
dissociation of the weaker weak acid, and hence all H+ in the solution 
can be assumed to have come from the stronger weak acid. When OH“ 
is added, it can react with H+ (if it encounters it). This causes [H+] to 
decrease and according to Le Chatelier’s Principle, more of the stronger 
weak acid dissociates to compensate for the loss of H+. This happens 
till all the stronger weak acid has reacted. Now, what happens if OH-  
encounters the undissociated stronger weak acid molecule instead? This 
is not a problem as they can simply react, resulting ultimately in the 
consumption of the stronger weak acid. But, what if OH-  encounters 
the undissociated weaker weak acid molecule? This is still not a prob
lem even when the reaction between the undissociated weaker weak acid 
molecule and OH-  proceeds. When this happens, the conjugate base of 
the weaker weak acid is generated. This conjugate base of the weaker 
weak acid does not just stay put. It can accept a proton from the undis
sociated stronger weak acid molecule as long as the latter is still present 
or it can also react with a free H+ that is floating around. Thus, no mat
ter how you see it, the first volume of base used is solely to neutralise 
the stronger weak acid in the mixture!

Example 7.13: Analysing a mixture of two weak acids

A 10.0 cm3 aliquot of sample W contains two monoprotic (monobasic) 
weak acids, HA and HB, with pK& values of 8.86 and 4.20, respectively. 
Sample W is titrated against 0.050 mol dm-3 NaOH solution using a 
mixture of two indicators, bromothymol blue and phenolphthalein. It is 
found that 8.6 cm3 of NaOH is needed to change the colour of the first 
indicator and a further 7.1 cm3 is needed to change the colour of the 
second indicator. Calculate the concentration of each of the two acids 
in W.

Approach: Since pK& of HB (4.20) is smaller than that of НА (рЛа = 
8.86), HB is a stronger acid. Thus, HB reacts with the added base first.

• The first end-point using bromothymol blue signifies the volume of 
NaOH(aq) used in Reaction 1 :
Reaction 1 : HB(aq) +  OH- (aq) — > H20(1) + B~(aq).
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• The second end-point using phenolphthalein signifies the volume of 
NaOH(aq) used in Reaction 2:
Reaction 2: HA(aq) +  OH"(aq) — ♦ H20(1) +  A"(aq).

Solution:

At the first end-point:
о С

Amount of NaOH reacted with HB =  —  x 0.05 =  4.3 x 10~4 mol.
1000

Therefore,

Concentration of HB in the mixture =  4.3 x 10“ 4 x

=  0.043 mol dm-3 .
At the second end-point:

7 1Amount of NaOH reacted with HA =  —  x 0.05 =  3.55 x 10-4  mol.
1000

Therefore,

Concentration of HA in the mixture =  3.55 x 10-4  x

=  0.0355 mol dm-3 .

7.13.8 Back-titration

There are reactions, especially those involving solid or volatile compounds, 
for which the determination of these substances cannot be found through 
direct titration. Possible reasons include the difficulty of detecting the end
point or the lack of accuracy due to the loss of compound or an incomplete 
reaction. For example, if one needs to determine the amount of ammonia 
gas released from a reaction, one can bubble the ammonia gas into a known 
excess amount of aqueous HC1 solution. The unreacted HC1 is then titrated 
with a strong base. From the titration results, we can work backwards to 
calculate the amount of ammonia gas. This is the essence of back-titration.

In another example, the back-titration technique is used to determine 
the amount of an insoluble carbonate. The following example illustrates 
how results of back-titration can be used to quantify the amount of СаСОз 
present in an impure sample.

Example 7.14: To determine the percentage purity of an impure sample 
of СаСОз, 0.80 g of the sample is reacted with 100 cm3 of 0.20 mol dm-3  
HCl(aq), which is in excess. After the reaction is completed, the remaining
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unreacted acid is titrated against 0.50 mol dm 3 NaOH(aq). It is found that 
29.60 cm3 of base is needed to completely neutralise the acid.

Q: How do we know that 100 cm3 of this acid is in excess?
A: The sample is assumed to be 100% pure СаСОз. From the stoichiometric 

equation between СаСОз and HC1, we can calculate the volume of HC1 
needed, which is around 80 cm3. Thus, 100 cm3 of acid is sufficiently in 
excess.

amount o f  HCl(aq)

Solution:

NaOH(aq) +  HCl(aq) — > NaCl(aq) +  H20(1).
Amount of NaOH reacted =  x 0-5 =  1-48 x 10 2 mol.
Amount of HC1 which did not react with СаСОз = Amount of NaOH 
used =  1.48 x 10“ 2 mol.
Total initial amount of HC1 = x 0.2 =  0.020 mol.

Therefore,
Amount of HC1 which reacted with СаСОз =  0.020 — 1.48 x 10 — 5— x 
10~3 mol.

CaC03(s) +  2HCl(aq) — > CaCl2(aq) +  C02(g) + H20(1).
Amount of СаСОз present =  l/2 x  Amount of HC1 reacted — 2.6x10 mo.
Mass of СаСОз =  100.1 x 2.6 x 10“ 3 =  0.26 g.

Therefore,
Mass of pure substance w inn% 

Percentage purity of sample =  Massof sample

0.26
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Q: Why is the filter funnel placed over the conical flask when excess acid 
is added to the impure СаСОз in the above diagram?

A: As the acid is added to the carbonate, effervescence of CO2 will cause 
acid spray. The filter funnel is used to prevent the loss of acid so that 
the determination of the leftover acid is more accurate.

7.14 Solubility Product K sp

BaSC>4 and many other ionic compounds have such low solubilities in water 
that we often use the term “insoluble salts” to describe them. However, 
these are more aptly described as sparingly soluble salts. When you keep 
on adding a sparingly soluble salt to water at a fixed temperature, there 
will come a point in time when, to the naked eye, no more solute can 
dissolve.

\ /

M X (s)^± M+(aq) + X“ (aq)

A saturated solution has formed and there exists a dynamic equilibrium 
between the excess undissolved solute and the ions in the saturated solution:

BaS04(s) ^  Ba2+(aq) +  S042"(aq).

At equilibrium, the rate of dissolution is equivalent to the rate of precipita
tion.

The limit to how much solute can dissolve, in a fixed volume of water 
at a certain temperature, is given by the equilibrium constant called the 
solubility product, K sp.

The Ksp expression for the above equilibrium system is written as

K sp=  [Ba2+(aq)][S042~(aq)]. (Recall: the concentration of the solid is
not included in the I<c expression)

The value of Ksp differs for each type of salt and is affected by temperature.
In general, Ksp is defined as the product of the concentrations of the 

constituent ions in a saturated solution of the salt raised to the powers as 
indicated by the stoichiometric coefficients in the balanced equation for the
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equilibrium:

AnB m(s) ^  nAm+ (aq) +  m Bn - (aq).

The solubility product of AnB m is given by:

I<sp =  [Am+]n[Bn - ]m.

The units of Ksp are (mol dm_3)n+m.

7 .14 .1  Solubility and K sp

Solubility of a salt specifies the maximum amount of solute that dissolved 
in the solvent at equilibrium, i.e., the maximum amount of dissolved solute 
in a saturated solution.

Solubility of a salt can be measured in terms of

• mass of dissolved solute per unit volume of solution (gem -3 ), and
• amount of dissolved solute per unit volume of solution (mol dm-3 ).

The solubility of a sparingly soluble salt, at a given temperature, is 
determined experimentally and its value is used to calculate the K sp of 
the salt.

Q : How do you determine the solubility of a sparingly soluble salt at a given 
temperature?

A: Dissolve the salt till you can visibly see the undissolved salt left in 
the solution. Filter the mixture. Collect the filtrate and then pipette a 
known volume into an evaporating dish of a known mass. Evaporate to a 
constant mass. Then weigh it again to calculate the mass of the residue. 
This will give us the solubility (in g cm-3 ) of the salt in the saturated 
solution.

E xam p le  7 .15 : Calculate the Ksp of Ag2Cr04 given that its solubility is 
6.50 x 10-5  mol dm-3  at 20°C.

Solution: A solubility of 6.50 x 10 5 mol dm 3 indicates that a maximum 
of 6.50 x 10-5  mol of Ag2Cr04 is dissolved in 1 dm3 of solution:

A g 2C rC M s) ^  2 A g+ (aq ) +  C r 0 4 2 (aq ).

Equilibrium conc. 2 x  (6.50 x 10"5) =  6.50 x 10" 5
(mol dm- 3 ) 1.3 x 10" 4
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I<sp Of Ag2C r0 4 =  [Ag+]2[C r042-]

=  (1.3 X  10“ 4)2 x  (6.50 x 10-5 )

=  1.10 x  10_ 12mol3 dm 9.

Likewise, if the K sp value of a salt at a given temperature is known, we 
can use it to calculate the solubility of the salt at that temperature and the 
concentration of the ions.

E xam p le 7 .16 : Calculate the K sp of CaSCU given that its solubility is
0.39 g dm-3 at 17°C.

Solu tion : Firstly, convert the units of solubility to mol dm- 3 . Solubility of 
C a S 0 4 =  0.39 4- M CaS04 =  0.39 136.2 =  2.86 x 10"3 mol dm "3.

C a S 0 4 (s) ^  C a 2+ (aq ) +  SQ 4a (aq )- 

Equilibrium conc. (mol dm- 3 ) 2.86  x  10“ 3 2.86  x  10

A sp of C a S 04 =  [Ca2+][S 0 42 - ]

=  (2.86 x 10"3)2 

=  8.18 x 10“ 6 mol2 dm 6.

E xam p le 7 .17 : The solubility product of lead iodide is 4.2 x 10 9 mol3 dm 
at 18° С . Determine its solubility at the same temperature.

Solu tion : Let the solubility of P b l2 be lumoldm- 3 :

Pbl2(s) ^  Pb2+ (aq) 4- 21” (aq).

In a saturated solution of РЬ12,
[Pb2+] =  го mol dm- 3 ,
[I“ ] =  2w  mol dm-3 .

Kap of Pbl2 =  [Pb2+][I-]2 =  w x  (2tu)2 =  4.2 x 10“ 9 mol3 dm-9

4ги3 =  4.2 x 10~9

w =  1.02 x 10- 3 .

Thus, the solubility of Pbl2 is 1.02 x  10“ 3 mol dm-3 at 18°C.
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Exercise:

(1) Calculate the K sp of MgF2 given that its solubility is 0.12gdm-3 at 
17°C. (Answer: 2.86 x 10-8 mol3 dm-9 .)

(2) KSp of CaF2 is 3.9 x 10-11 mol3 dm-9 at 25°C. Determine its solubility 
at this temperature. (Answer: 2.14 x 10-4 mol dm-3 .)

(3) K sp of ВаСОз is 5.1 x 10-9 mol2 dm-6 at 25°C. Determine its solubility 
at this temperature. (Answer: 7.14 x 10-5 mol dm-3 .)

7 .1 4 .2  Ionic product and K sp

In Chap. 6 on “Chemical Equilibria”, we have seen how the value of the 
reaction quotient Qc, when compared to the value of Kc, provides us with 
useful information as to where the position of equilibrium shifts.

When we want to know when a sparingly soluble salt has reached its 
maximum solubility, i.e., when a saturated solution is formed, we can make 
use of a term similar to reaction quotient Qc. In this case, we name the 
term the “ionic product”, which has the same expression as that for K sp- 
The concentration terms in the ionic product expression correspond to the 
instantaneous concentration of each of the ions in the solution at any specific 
point of time. By contrast, the concentration terms in the KSp expression 
correspond to the instantaneous concentration of each of the ions in the 
solution at equilibrium!

Unsaturated solution Saturated solution
4 ✓ N У

M+(aq)
X-(aq)

M+(aq)
X-(aq)

-  Undissolved MX(s)
Ionic product Ionic product

= [M 4[X1 = (M +][X-]
= solubility product

As more salt is added in the process of dissolution, the concentration of 
the ions increases, leading to an increase in the value of the ionic product. 
Eventually, the value of the ionic product will be equivalent to that of K Sp
when a saturated solution is attained.

Thus, with known data of Ksp and the ionic product, we can predict 
whether precipitation can be observed prior to mixing known quantities of 
two solutions used to form a sparingly soluble salt.
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E xam p le  7 .18 : Will precipitation be observed when 30 cm3 of 0.05 mol 
dm-3  AgN03 solution is added to 40 cm3 of 0.10 mol dm-3 NaCl solution? 
Take K sp of AgCl to be 2.0 x 10" 10 mol2 dm” 6 at 25°C.

A pproach: The precipitate in question is AgCl(s). To determine if precipi
tation will occur, we need to compare the value of the ionic product against 
the value of K<sp

in order to do so, we first need to find the concentration of the solvated 
Ag+ and Cl-  ions in the mixture.

Upon mixing,

[M+] in the mixture = ? 
[X~] in the mixture = ?

Will precipitate form 
upon mixing the solutions?

Solution : When the two solutions are mixed,

The total volume of the resultant solution =  30 +  40 =  70 cm3.
30

Amount of Ag+ dissolved = ------ x 0.05 =  1.5 x 10_ 3 mol.
b 1000

1.5 x 10“ 3
[Ag+] in 70 cm3 resultant solution =  —— —------ x 1000

=  2.14 x 10 "2 mol dm- 3 .

Likewise,

[Cl- ] in 70 cm3 resultant solution =  ^  x 0.10 =  5.71 x 10-2  mol dm 3. 

Therefore,

Ionic product for AgCl =  [Ag+ (aq)][Cl- (aq)]

=  (2.14 x 10- 2 )(5.71 x 10- 2 )

=  1.22 x 10-3 mol2 dm- 6 .

Since the value of the ionic product is greater than the K sp value of 2.0 x 
10-10, precipitation of AgCl will be observed.
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In summary, for a solution that contains a sparingly soluble salt:

• When the ionic product <  Ksp, no precipitation is observed since the 
solution is still unsaturated.

• When the ionic product =  K sp, no precipitation is observed as the solution 
just became saturated.

• When the ionic product > iiTsp, precipitation forms as no more salt can 
dissolve in the saturated solution.

Q: Why does precipitation occur when ionic product > I<sp?
A: At the point when ionic product > I<sp, the rate of precipitation is 

greater than the rate of dissolution. So the net outcome is that you 
have precipitate being formed continuously. When ionic product =  Ksp 
is reached, the rate of precipitation equals the rate of dissolution, and 
thus there is no further precipitation.

E xercise : Will precipitation occur when 30 cm3 of 0.02 mol dm-3 
MgSC>4(aq) is mixed with 50 cm3 of 0.10 mol dm-3 NaOH(aq)? Take Ksp 
of Mg(OH)2 to be 1.8 x 10-11 mol3 dm-9 .

(Answer: Precipitation will occur. Ionic product =  2.93 x 10-5 mol3 
dm- 9 .)

7 .1 4 .3  Com m on ion effect

We have seen in Sec. 7 .11 , on buffer solutions, how the dissociation of a 
strong electrolyte such as CH3COO- Na+ further suppresses the partial dis
sociation of its weak acid CH3COOH:

CH3C O C rN a+ (aq) — > Na+ (aq) +  СН3СО СГ(aq),

CH3COOH(aq) ^  H+(aq) +  CH3COO"(aq). (7.16)

The introduction of CH3COO“ Na+ contributes to an increase in 
[CH3COO- ]. This causes the equilibrium position in Eq. (7.16) to shift to 
the left in a bid to remove some of the CH3COO-  ions. The backward reac
tion is favoured and as a result, the dissociation of CH3COOH is suppressed. 
This phenomenon is known as the common ion effect and CH3COO is 
termed the common ion for the dissociation of CH3COOH.
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The common ion effect is a term that describes 
the reduced solubility of a solute in a solution that 
already contains the same ion (which comes from 
another dissolved solute).

E xam ple 7.19: Agl has a solubility of 9.11 x 10“ 9 moldm 3 in water. 
However, its solubility decreases when the same amount of Agl is added 
to 1 dm3 of AgN03(aq). Explain.

Solution:

Agl(s) ^  Ag+ (aq) +  I “ (aq). (7.17)

The AgN03 solution contains the common ion Ag+ . When Agl is added to 
this AgN03 solution, the presence of a greater [Ag+] causes the equilibrium 
position in Eq. (7.17) to shift to the left in a bid to remove some of the Ag+ 
ions. Consequently, the dissociation of Agl is further suppressed. The pre
cipitation of Agl observed indicates that its solubility is reduced in A gN 03 
solution compared to its solubility in water.

E xam ple 7 .20: Calculate the solubility of Agl in 0.15 mol dm-3  Nal solu
tion given Ksp of Agl is 8.3 x 10“ 17 mol2 dm-6 at the same temperature.

A pproach: To calculate the solubility of a salt means that you have to cal
culate the maximum concentration of salt that can be dissolved in the given 
solution. The value of Ksp can provide us with the maximum concentration 
of the solvated ions.

Solution: Let the solubility of Agl in the Nal solution be у mol dm- 3 : 

Agl(s) ^  Ag+ (aq) +  I“ (aq),

Nal(aq) — ► Na+ (aq) +  I” (aq).

In the saturated solution,

[Ag+] =  у moldm~3 

P 1 =  (У +  0.15) mol dm-3 (recall that there are two sources of I )•

Did you know?
The common ion effect 
also accounts for the 
suppressed dissociation 
of weak acid when it is 
in the same solution as 
a strong acid. Can you 
guess what the common 
ion is in this case?
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Thus,

Ksp of Agl =  [Ag+][I“ ] =  y(y +  0.15) =  8.3 x 10" 17 mol2 dm-6 .

Since the supply of I -  from the complete dissociation of Nal exerts a com
mon ion effect and suppresses the dissociation of Agl, it can be assumed 
that у <C 0.15 such that (y +  0.15) ~  0.15.

Therefore,

0.15?/ =  8.3 x 10-17 

у =  5.53 x 10-16.

Thus, the solubility of Agl in 0.15 mol dm-3 Nal solution is 5.53 x 
10“ 16 mol dm-3 .

E xercise : Calculate the solubility of Agl in 0.15 mol dm 3 Mgl2 solution, 
given K sp of Agl is 8.3 x 10-17 mol2 dm-6 .

(Answer: 2.77 x 10-16 mol dm- 3 .)

Hint: What is [I- ] obtained from the complete dissociation of Mgl2?

7 .1 4 .4  Solubility in  qualitative analysis

The solubility of a sparingly soluble salt may be enhanced with the addition 
of a reagent that consumes either the cation or the anion of the salt. When 
the cation or anion is being removed from the equilibria, according to Le 
Chatelier’s Principle, more of the salt has to dissolve to make up for the loss 
of the cation or anion:

A „Bm(s) ^  nAm+(aq) +  m Bn - (aq).

From the kinetics perspective, the removal of the cation or anion sim 
ply decreases the backward rate of reaction, i.e., the rate of piecipitation, 
whereas the forward rate is still the same. Accordingly, this results in dis
solution of the sparingly soluble salt.

Examples of solubility being enhanced by the removal of cations.

• The solubility of AgCl with the addition of aqueous ammonia is due to 
the removal of the Ag+ ion through the formation of the [Ag(NH3)2]
complex. . .

• The solubility of Cu(OH)2 with the addition of aqueous ammonia is due 
to the removal of the Cu2+ ion through the formation of the [Cu(NH3)4j 
complex.
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• The solubility of Zn(OH)2 with the addition of excess NaOH(aq) is due 
to the removal of the Zn2+ ion through the formation of the [Zn(OH).,|2-  
complex. '

• The solubility of PbCl2 with the addition of concentrated HC1 is due
to the removal of the Pb2+ ion through the formation of the [PbCU2-  
complex.

Examples of solubility being enhanced by the removal of anions:

• The solubility of B aC r04 with the addition of dilute HN0 3 is due to the 
removal of the C r0 42~ ion through the formation of Cr20 72~.
The solubility of P b l2 with the addition of H20 2 is due to the removal of 
the I ion through the formation of I2.

• The solubility of Ag2C20 4 with the addition of dilute HNO3 is due to the 
removal of the C20 42~ ion through the formation of H2C20 4.

• The solubility of Mg(OH)2 with the addition of solid NH4C1 is due to
the removal of the OH ion through the reaction of OH-  with the acidic 
NH4+.

• The solubility of Pb3( P 0 4)2 with the addition of dilute HNO3 is due to 
the removal of the P 0 43~ ion through the formation of H P 0 42 - .

Did you know?
FeS ppt only forms with H2S in an alkaline medium but not in an acidic 
medium. W hy?

eS has a relatively large K Bp value. H2S is a weak acid and in an acidic medium, the
of F°Qia 1? П °  к 2 0 О̂Гга *on *s further suppressed. Thus, the ionic product

is ess t an its K ap value, and precipitation does not occur. But in an alkaline
tha * tv?’ t  SU iC16nt amount of S2 - is generated for the ionic product to be greater 
as 9* 9 6 ’ ’Л  UG’ an(  ̂Prec*Pitation can thus occur. There are other compounds, such 
vain» аП U ’ whic^ can *°г т  in an acidic medium of H2S because of their low K sp

M y Tutorial (C hap ter 7 )

It is now generally accepted that the acidic gas sulfur dioxide is one of 
t le principal causes of acid rain. Atmospheric sulfur dioxide dissolves in 
water droplets in the air to form an acidic solution of low pH, which 

amages vegetation and contaminates water bodies when it falls as rain,
(a) Define

(i) acid;
(ii) pH.
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(b) Sulfur dioxide reacts with water to produce sulfuric(IV) acid
(H2SO3), a weak acid that partially ionises according to:

H2S 0 3(aq) +  H20(1) ^  H30+ (aq) +  H S03"(aq ).

(i) Write an expression in terms of concentrations for the acidity 
constant (Кл) for sulfuric(IV) acid.

(ii) The value of K & for this reaction at 25°C is 1.5 x 1СГ2 mol dm-3 . 
Calculate a value for the concentration of dissolved hydrogen 
ions in a 0.10 mol dm-3 solution of sulfuric(IV) acid at 25°C, 
stating clearly any assumptions you make.

(iii) W ith reference to your answer in part (b)(ii), calculate the pH 
of a 0.10 mol dm-3 solution of sulfuric(IV) acid at 25°C.

2. Acids can be differentiated by the number of hydrogen ions that can be 
liberated from one molecule of the undissociated acid. Hydrochloric acid 
is a strong monobasic, or monoprotic, acid, liberating one hydrogen ion 
per molecule. Sulfuric(VI) acid is a dibasic, or diprotic, acid, its ionisation 
in aqueous solution being:

H2S 0 4(aq) +  H20 (l)  ^  H30 + (aq) +  H S04“ (aq), Ka =  very large; (I) 

H S 04“ (aq) +  H20 (I)  ^  H30+ (aq) +  S 0 42"(aq ), К л =  0.01 mol dm-3 .

(II)
(K & values are quoted for 25°C.)

(a) (i) State the hydrogen ion concentration in 0.02 mol dm-3 
hydrochloric acid, which is a strong acid, and hence find the 
pH of this solution.

(ii) State the hydrogen ion concentration of 0.1 mol dm 3 sulfuric 
acid arising from the first stage of ionization, (I).

(iii) A solution of sodium hydrogensulfate, NaHSC>4, of concentra
tion 0.1 mol dm- 3 , which ionises according to Eq. (II) above, 
has a pH of 1.57. Find the hydrogen ion concentration in this 
solution, and hence state what you would expect the hydrogen 
ion concentration in 0.1 mol dm-3 sulfuric acid to be.

(iv) In fact, the pH of 0.1 mol dm-3 sulfuric(VI) acid is about 0.98. 
This indicates a hydrogen ion concentration of 0.105 mol dm . 
Considering that reactions (I) and (II) coexisting simultane
ously, explain the difference in the hydrogen ion concentrations.

(v) If K & for ionisation (II) has a value of 0.02 mol dm" 3 at 80°C, 
state with reasons whether the ionisation is endothermic or 
exothermic.



300 Understanding Advanced Physical Inorganic Chemistry

(vi) Explain the effect such an increase in temperature would have 
on the pH of this solution.

(b) Pure sulfuric(VI) acid boils at 338° С and it mixes with water in
all proportions. Hydrogen chloride boils at -85°C  and is extremely 
soluble in water.

(i) Suggest reasons, in terms of the structure and bonding of H2S 0 4 
and HC1, for the large difference between their boiling points.

(ii) Suggest why both are so soluble in water.
(iii) The K sp of magnesium sulfate is smaller than that of barium 

sulfate; use the following data to suggest why the solubility 
differs considerably: A tfhydration of Mg2+ =  -1 9 2 0  k J m o l"1', 
Ba2+ =  -1 3 6 0  k J m ol"1.

3. A carboxylic acid W contains 40.0% carbon, 6.70% hydrogen and 53.3% 
oxygen by mass. When 10.0 cm3 of an aqueous solution of W , with 
concentration 7.20 g dm-3 , is titrated against 0.050 mol dm-3 sodium 
hydroxide, the following pH readings are obtained:

Volume of 0.0 2.5 5.0 7.5 10.0 14 .0  15.0 16 .0  17.5 20 .0  22.5  
NaOH 
(cm 3)

P** 2 5  3 2  3.5 3.8 4.1 4.7 5.2 9.1 11.5 11.8 12.0

(a) Plot a graph of pH against volume of NaOH used in the titration. 
Use the graph to determine the end-point of the titration. Hence 
calculate the relative molecular mass of W.

(b) Calculate the value of К л for W and state its units.
(c) Calculate the molecular formula of W.

4. (a) When ethanoic acid is dissolved in water, the following equilibrium 
is established:

CH3CO2H +  H20  ^  CH3C 0 2-  +  H30 + . (I)

When hydrogen chloride dissolves in ethanoic acid, the equilibrium 
established is:

CH 3C O 2 H +  HCl ^  C H 3 C 0 2 H2+ +  C l - . (II)

What is the role of the ethanoic acid in:
(i) equilibrium (I), and

(ii) equilibrium (II).
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(b) What is the relationship between the species СНзСС>2Н2+ and 
CH3CO2H?

(c) The value of for ethanoic acid at 25° С is 1.80 x 10“5 moldm“ 3 
and for methanoic acid, HCO2H it is 1.56 x 10" 4 mol dm-3 .

(i) Give the K& expression for CH3CO2H.
(ii) Hence calculate the pH of a 0.100 mol dm-3 solution of 

CH3CO2H at 25°C.

(d) The pH of a 0.050 mol dm-3 solution of methanoic acid is 2.55. Using 
this, together with the data in (c) and your answer to (c)(ii):

(i) state which of the two acids is the stronger acid;
(ii) comment on the relative pH values of the two acids.

(e) (i) Sketch a graph showing how the pH changes during the titration
of 20.0 cm3 of a 0.100 mol dm-3 solution of methanoic acid with
0.050 mol dm-3 sodium hydroxide solution.

(ii) Select from below a suitable indicator for this titration. Give a 
brief reason for your choice based on the curve drawn in (e)(i).

In d icator pH R ange

Bromocresol green 3.5-5.4
Bromothymol blue 6.0-7.6
Phenol red 6.8-8.4

(iii) There is no suitable indicator for the titration of methanoic acid 
with ammonia. Why is this?

5. A buffer solution of pH =  3.87 contains 7.40 g dm-3 of propanoic 
acid (СНзСН2СС>2Н) together with a quantity of sodium propanoate 
(CH3CH2C0 2Na). K a for propanoic acid =  1.35 x 10" 5 mol dm-3 at 298 
K.

(a) Explain what a buffer solution is and how this particular solution 
achieves its buffer function.

(b) Calculate the concentration (in g dm-3 ) of sodium propanoate in the 
solution, stating any assumptions made.

(c) If the sodium propanoate were to be replaced by anhydrous 
magnesium propanoate, calculate the concentration of magnesium 
propanoate (in g dm- 3 ), required to give a buffer of the same pH.

6. Chromium(III) hydroxide is a compound commonly found on the surface 
of chromed metal to act as a protective layer. The layer of Сг(ОН)з is
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usually formed through anodic oxidation in an alkaline solution. The
solubility of Сг(ОН)з in pure water is 1.3 x 10-8 M.

(a) Determine the Ksp of Cr(OH)3.
(b) Sketch a diagram to show the changes in the concentration of the 

ions in pure water as Cr(OH )3 dissolves.
(c) Determine the solubility of Cr(OH)3 in 0.10 M CrCl3.
(d) Indicate the changes in solubility of Cr(OH )3 when 0.10 mol of solid 

CrCl3 is added to 1 dm3 of a saturated solution of Cr(OH)3 on the 
same diagram as in part (b).

(e) When Cr(OH)3 dissolves in water, it is found that the ratio of 
[Cr ].[OH ] is actually greater than 1:3. Give a reasonable expla
nation for this observation.

(f) When a solution of H2O2 is added to a saturated solution containing 
the undissolved Cr(OH)3, a yellow solution containing СгС>42“ is 
formed. All the insoluble Cr(OH)3 becomes soluble. W ith the aid of 
appropriate equations, explain this observation.

(g) Al(OH)3 is another hydroxide that is insoluble in water. Briefly 
describe how you would differentiate which compound, Al(OH)3 or 
Cr(OH)3, is more soluble in water.

(h) The A G of the dissolution of Cr(OH)3 can be determined from the 
following equation:

AG* =  —RT\nKsp.

With reference to AG  , explain why Cr(OH)3 is sparingly soluble in 
water at 25°C .

(i) The solubihty of Cr(OH)3 increases when temperature is increased. 
With reference to AG , explain why the solubility of Cr(OH )3 
changes with temperature.



Redox Chemistry 
and Electrochemical Cells

CHAPTER 8

Recalling the B r0nsted-Lowry theory of acids and bases, an acid-base reac
tion involves the acid transferring a proton to the base. The acid is a proton 
donor and the base is a proton acceptor.

A redox reaction is quite similar to an acid-base reaction in the sense 
that it involves the transfer of particles from one substance to another. 
Specifically, a redox reaction involves electron transfer between a pair of 
substances. In the process of electron transfer, one species will lose elec
tron^) to the other, which will gain the electron(s).

• The species that loses electron(s) is said to be oxidised, i.e., it undergoes 
oxidation.

• The species that accepts the electron(s) is said to be reduced, i.e., it 
undergoes reduction.

Take, for instance, the redox reaction represented by Eq. (8.1):

Zn(s) +  C u S04(aq) — > ZnS04(aq) +  Cu(s). (8.1)

When the reaction is carried out by placing a Zn rod into a beaker contain
ing C u S 0 4(aq) solution (see Fig. 8.1), the reaction is observed to proceed 
spontaneously and heat is evolved. After some time, the Zn rod is slowly 
eroded and reddish brown deposits of Cu(s) are found.

Based on these observations, it can be concluded that:

• Cu2+ is reduced to Cu. R ed u ction  involves a gain o f electrons, which 
is indicated by a d ecrease in oxidation num ber. Before the reaction, 
copper has an oxidation state of +2. After the reaction, copper has an 
oxidation state of zero.

303
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Fig. 8 .1 .

Since Cu gains electrons from Zn, causing it to be oxidised to 
n , we say that Cu2+ acts as an oxidising agent (or oxidant). 

Equation (8.2) represents the reduction half-reaction for the overall redox 
reaction between Cu2+ and Zn.

R ed u ction  half-equ ation : Cu2+ +  2e~ — ► Cu. (8.2)

Zn is oxidised to Zn2+. O xid ation  involves a loss o f e lectro n s. Before 
the reaction, zinc has an oxidation state of zero because it is a pure ele
ment. After the reaction, zinc has an oxidation state of + 2. The increase 
in oxidation num ber indicates a loss of electrons (it cannot be due to 
an increase in the number of protons as protons sit “firmly” in the nucleus 

uring a chemical reaction) and thus implies oxidation has occurred. Since 
n loses electrons to Cu2+, helping it to be reduced to Cu, we say that 
n acts as a reducing agent (or red u ctan t). Equation (8.3) represents

t e oxidation half-reaction for the overall redox reaction between Cu2+ 
and Zn.

O xidation half-equation : Zn — ♦ Zn2+ +  2e~. (8.3)

Q: What is meant by oxidation state?
A. An oxidation state indicates the ability of the atom in a species (which 

can be an atom, ion, or molecule) to undergo oxidation. A positive oxi- 
ation state indicates oxidation whereas a negative oxidation state indi

cates reduction. The magnitude of this oxidation state is represented
у what we term oxidation number, which again is either negative or 

positive.

Q So, if an atom has an oxidation number of + 1 , does that mean that it 
has lost an electron?

A  th*5 necessari*y* T ^e oxidation number of Na+ is + 1 and indeed 
a atom has lost an electron to become Na+ . As for the covalent
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molecule HC1, the H atom also has an oxidation number of +1  yet it 
has not lost any electrons.

Thus, remember that oxidation number indicates the ability of the 
atom to lose electrons but it does not necessarily mean that the atom 
must lose electrons. Thus, oxidation  num ber may not be equivalent 
to  th e  form al charge that an atom carries.

Q: So, how does one determine the oxidation number of an atom in a 
species?

A: If it is a cation or anion, the oxidation number is equivalent to the formal 
charge.

If the atom is covalently bonded to other atoms, one needs to analyse 
each of the covalent bonds, in turn, and determine which of the two 
bonding atoms has higher electronegativity. The one that is more elec
tronegative polarises the shared electron cloud more towards itself, and 
hence this atom has a negative oxidation number. This means that it 
has the potential to undergo reduction as compared to the other atom 
that is covalently bonded to it. The oxidation number is determined by 
the number of electrons that is being contributed by this atom in the 
sharing process. More on this is discussed in Sec. 8.1.

Q: What if this atom is bonded to two other different atoms, like the С 
atom in H -C=N ?

A : The oxidation number of the С atom is —1 with respect to the H atom 
(as the shared electron cloud is more polarised towards C) and +3 with 
respect to the N atom. Thus, the overall oxidation number of the С 
atom in HCN is +2.

Q : Why are oxidation and reduction processes known as half-reactions? 
Why are Eqs. (8.2) and (8.3) known as half-equations?

A : The oxidation of one substance caimot occur without the reduction of 
the other, and vice versa. A redox reaction involves the simultaneous 
occurrence of both processes (just as its name implies -  “red-” stands 
for reduction and “-ox” stands for oxidation). Adding up both half
equations will give us the overall balanced equation for the redox reac
tion. In fact, writing half-equations is one useful approach to form an 
overall balanced equation (see Section 8.2).

Q : W hat is the role of the S 0 42- ions?
A : Since the oxidation state of the sulfate ion remains the same after the 

reaction, we say that it is neither reduced nor oxidised and it is just a 
spectator ion, an ion that does not take part in the reaction of concern.
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Spectator ions are not written in half-equations. The purpose of the 
sulfate ion is just to maintain electrical neutrality. You cannot have a 
solution that contains ONLY Cu2+ ions, right?

Q : Is the reaction between hydrogen and oxygen a redox reaction even 
though there is no complete transfer of electrons from one species to the 
other?

2H2(g) +  0 2(g) — * 2H20(1).

A : Yes, it is a redox reaction that involves a re-sharing of electrons as 
the reaction proceeds. A redox reactio n  need not necessarily  only 
involve a com plete tran sfer o f e lectro n s as in the formation of ionic 
compounds. To identify a redox reaction, you first have to deduce the 
oxidation state of each atom that appeal’s in the equation. Next, check 
for atoms that have changes in their oxidation state before and after the 
reaction. There must be one atom whose oxidation state has increased 
after the reaction and one other whose oxidation state has decreased 
after the reaction.

After assigning oxidation states to all atoms, we can now confirm that 
it is a redox reaction. There is an increase in oxidation state for hydrogen 
(i.e., it is oxidised) while a decrease is observed for oxygen, indicating it 
has undergone reduction:

2H2(g) +  0 2(g) — * 2H 20(1).
0 0 4-1—2

E xam ple 8.1 : Which of these equations represent redox reactions?

(1) Al3+ (aq) +  3 0H -(aq ) — > Al(OH)3(s),
(2) NH3(aq) +  HCl(aq) — * NH4Cl(aq),
(3) Cu20 (s )  +  H2S 0 4(aq) — * Cu(s) +  C u S04(aq) +  H20(1).

Solution: Refer to Sec. 8.1 on how to assign oxidation states.

(1) Al3+ (aq) +  30H ~(aq) — . Al(OH)3(s).
Z? +3 - 2 +1
Since all species have the same oxidation state before and after the reac
tion, this reaction is not a redox reaction. It is actually a precipitation 
reaction.

(2) NH3 (aq) +  HC1 (aq) — i NH4C1 (aq).
- 3 + 1  + 1 - 1  —3 + 1  —1
There is no change in oxidation state for all species. This is an acid-base 
reaction and not a redox reaction.
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(3) Cu20 (s) 4- H2SO4 (aq) — > Cu(s) +  C u S04 (aq) 4- H20(1).
+1  - 2  +1  +6 - 2  0 + 2  +6 - 2  +1  - 2
The oxidation state of copper changes from 4-1, before the reaction, to 0
and 4-2 after the reaction. This is a redox reaction. More specifically, if a
species, like copper in this case, is simultaneously oxidised and reduced,
it is said to have undergone disproportionation.

A d isproportionation  reaction is a redox reaction in which a single sub
stance is simultaneously oxidised and reduced.

Another example is the decomposition of H2O2 wherein it is simultane
ously oxidised and reduced:

2H20 2(aq) — * 2H 20  (I) 4- 0 2(g).
+1  - 1  +1  - 2  0

We have seen how oxidation states are useful in understanding what goes 
on in a redox reaction. In the next sections, we will learn how to assign 
oxidation states and construct redox equations.

8.1 Rules for Assignment of Oxidation States
(1) Oxidation states must be written accompanied by either a or a ” 

sign:

• A “+ ” sign implies the atom has lost or might lose its hold on elec
trons.

• A ” sign implies the atom has gained or might gain a hold on 
electrons.

(2) The oxidation state of atoms in the elemental form is assigned zero, e.g., 
Ca and the F  atoms in F 2 have oxidation state of 0.

(3) In all compounds, fluorine has the oxidation state of —1.
(4) In all compounds, hydrogen has the oxidation state of 4-1. An exception 

is in the case of metal hydrides such as NaH, where the oxidation state 
of H is —1.

(5) In all compounds, oxygen has the oxidation state of —2. An exception 
is in the case of peroxides such as H2O2, where the oxidation state of О 
is —1 and in O F2, where it is 4-2.

(6) For a pair of atoms bonded by a single 
covalent bond, the more electronegative 
atom is assigned an oxidation state of 
—1 and the less electronegative atom 
has an oxidation state of 4-1.

Recall that the electronegativity 
of elements

• increases across the period, 
and

• decreases down the group.
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(7) The sum of the oxidation states of all atoms in a neutral compound 
(e.g., KC1, CO2) is zero.

(8) For a monoatomic ion, its oxidation state corresponds to the net charge 
on the ion.

(9) For a polyatomic ion, the sum of the oxidation states of all atoms cor
responds to the net charge on the ion.

Exam p le 8 . 2 :  Determine the oxidation state of Cr in the С г гО у 2 ion.

Solution: In general, oxidation states can be calculated by applying the 
rules above.

Let the oxidation state of Cr be ж. The oxidation state of each О atom 
is - 2. The net charge of this polyatomic ion is - 2. Thus, we have

2x +  7 (—2) =  - 2  

x =  + 6.
Hence, the oxidation state of Cr is + 6.

E xercise  8 .1 : Determine the oxidation state of the underlined atom in each 
of the following compounds:
(1) M n 04" ,  (2) NH3, (3) P b 0 2) (4) HNO3, (5) NaC103, and (6) S 0 32“ . 
[Answer: (1) +7, (2) - 3 ,  (3) +4, (4) + 5 , (5) + 5 , and (6) +4.]

E xercise  8 .2 : For each of the following unbalanced equations, identify 
whether the underlined species acts as a reducing or oxidising agent:

(1) AsH3 +  KC103 — ► H3A s04 +  KC1,
(2) H2SO4 +  HBr — > SO2 +  ВГ2 +  H2O, and
(3) Cr20 3 +  Na2C 0 3 +  KNO3 —  Na2C r0 4 +  C 0 2 +  K N 0 2.

[Answer: (1) reducing agent, (2) reducing agent, and (3) reducing agent.]

Q: Based on the rules, the calculated oxidation state of S in the peroxodi- 
sulfate ion S2082“ is + 7 . Sulfur, being in Group 6, has only six valence 
electrons. How is it possible for S to have an oxidation state of +7?

A: Remember Rule (6)? We shall examine the structure of the ion and 
apply this golden rule.
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Each S atom is covalently bonded to four О atoms. For each of these 
bonds, the shared electrons are not equally distributed between the bonding 
atoms S and O. According to Rule (6), the more electronegative О atom, 
is assigned an oxidation state of —1 . The less electronegative S atom is 
assigned an oxidation state of + 1 .

What do these numbers reflect? They actually reflect the unequal distri
bution of the bonding electrons between the two bonding atoms. O, being 
more electronegative than S, has a stronger hold on the bonding electrons. 
Thus the “—1” oxidation state indicates О is relatively more “electron-rich” 
compared to S, and the latter’s oxidation state of “+ 1” implies it is “elec
tron poor.” Thus, with each S acquiring a “4-1” for every electron pair that 
is shared with O, we have a total of “+ 6” as the oxidation state for S. 
Each of the peripheral О atoms carry an oxidation state of —2 while the 
two bridging О atoms each carry an oxidation state of —1. At this point, 
we have learnt that the maximum oxidation number that an atom could 
acquire corresponds to the number of valence electrons it has.

Below are more examples on the assignment of oxidation states of S 
atoms using the structure of the ion:

tetrathionate ion, S40 62-

o  о

о— s— s°— s°— s ^ c r  
II II
О о

We have seen how the oxidation state of an atom in a compound can be 
obtained from one of two general methods. One method is to apply the set 
of rules which gives us the average oxidation states, and the other method 
requires the use of the molecular structure which depicts actual oxidation 
states.

Just as how oxidation states help us in the identification of redox reac
tions, we can also use quantitative data of redox reactions to determine 
oxidation states.

E x am p le  8.3 : A solution containing 40 cm3 of 0.5 mol dm 3 V0 2+ (aq) was 
found to require 25 cm3 of 0.8 mol dm-3 FeS04(aq) for a complete reaction. 
Given that Fe2+ is oxidised to Fe3+, which of the following ions could V 0 2+ 
be reduced to?

thiosulfate ion, S 2O32-

S°
"O — s — СГ 

IIо

(a) VO3- ;  (b) V 0 2+; (c) V3+; (d) V2+.
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Solu tion : The answer is (b).

Fe2+ — -> Fe3+ +  e“

Amount of Fe2+ reacted =  ^  x 0.8 =  0.02 mol,
Amount of electrons lost by 0.02 mol of Fe2+ =  0.02 mol,
Amount of V 0 2+ that reacted =  ^  x 0.5 =  0.02 mol,
Amount of electrons gained by 1 mol of V 0 2+ =  =  1 mol.

Thus, the oxidation state of vanadium decreases by 1 unit from 4-5 to 
+ 4  after reduction, i.e., V 0 2+ is reduced to V 0 2+.

V 0 2+ (aq) 4- Fe2+ (aq) 4- 2H+ (aq) — 4 V 0 2+ (aq) +  Fe3+(aq) 4- H20(1).

8.2 Balancing Redox Equations
A balanced equation must fulfill two criteria:

• The law of conservation of mass. Since matter can neither be created nor 
destroyed, the number of each type of element must be the same on both 
sides of the arrow in an equation.

• Conservation of charges. The sum of the charges on one side of the equa
tion must be equal to the sum of the charges on the other side of the 
equation.

Table 8.1 illustrates the step-by-step approach to constructing the bal
anced equation for the reaction between M n 04” (aq) and Fe2+ (aq) that takes 
place in an acidic medium. The products include Mn2+ (aq) and Fe3+ (aq).

For reactions that occur in a basic medium, additional steps are needed 
to “neutralise” the hydrogen ions that appear in the equation. Table 8.2 
illustrates the step-by-step approach to constructing the balanced equation 
for the disproportionation of chlorine that takes place in a basic medium. 
The products include Cl“ (aq) and C103“ (aq).

E xercise :

1. Balance the equations for the following reactions that occur in an acidic 
medium:

(a) Cr20 72 (aq) 4- H N 02(aq) — > Cr3+ (aq) 4- N 0 3“ (aq), and
(b) I - (aq) 4- N 0 2-(a q ) — ♦ I2(s) 4- NO(g).

2. Balance the equations for the following reactions that occur in a basic 
medium:

(a) Pb(OH)42 - (aq) + С1СГ (aq) — > P b 02(s) +  С Г (aq), and
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Table 8 .1  C o n stru ctin g  E q u ation s for a R eaction  in an A cidic M edium

Steps Involved Illu stration

(1) Assign oxidation states to 
determine which reactants 
undergo reduction and oxidation.

(2) Construct two half-equations that 
show the specific species that are 
reduced or oxidised to the 
corresponding products.

(3) Balance each half-equation by 
following the simple rules:

• balance the element that 
undergoes oxidation or 
reduction first;

• balance О atoms by adding the 
same number of H2O molecules 
to the other side of the 
equation;

• balance H atoms by adding H+ 
ions to the other side of the 
equation;

• lastly, balance charges by 
swdding electrons.

(4) Repeat Step (3) for the other 
half-equation.

(5) Ensure that the number of 
electrons for each half-equation is 
the same by scaling one or both of 
these equations by appropriate 
multiples, i.e., number of e“
lost — number of e~ gained.

(6) Add the two half-equations 
together to obtain the overall 
balanced equation.

• Simplify the equation by 
removing common terms that 
appear on both sides of the 
equation.

• Double-check that the numbers 
of atoms and charges are 
balanced on both sides of the 
equation.

• Reduce coefficients to the 
simplest ratio.

M n04"  +  Fe2+ — » Mn2+ +  Fe3+
_j_7 _ 2  + 2  + 2  + 3

Reduction half-equation: M n04 — * Mn' 

Oxidation half-equation: Fe2+ — ♦ Fe3+

М пОГ — > Mn2+

M n04-  — * Mn2+ +  4H20

Mn0 4" +  8H+ — * Mn2+ +  4H20  

Mn0 4" + 8H+ — > Mn2+ + 4H2Q

-1  +8(+l) = +7 +2+4(0) = +2

MnOj-  +  8H+ +  5 e "  — * Mn2+ +  4H20

-1 +8(+l) + 5(-l) = +2

Fe2+ — * Fe3+ +  e"

+ 2  +4(0) = +2

M n 0 4~ +  8H+ +  5e~ — ♦ M n2+ + 4H20  (i) 

Fe2+ — * Fe3+ +  e" (“ )

Multiply (ii) by 5,
5Fe2+ 5Fe3+ +  5e“ 0»)

Add half-equations (i) and (iii),
M n04"  +  8H+ +  5e“ — ♦ Mn2+ +  4H20  

+  5Fe2+ +  5Fe3+ +  5e

Balanced redox equation:
5Fe2+ (aq) +  M n04“ (aq) +  8H+ (aq)

— ♦ 5Fe3+ (aq) +  Mn2+ (aq) +  4H20 (l)

Note: Electrons should not appear in the over
all equation.
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Table 8 .2  C o n stru ctin g  E q u atio n s for a R e a c tio n  in a  B a sic  M edium

Steps Involved Illu stra tio n

(1) Assign oxidation states to 
determine which reactants 
undergo reduction and 
oxidation.

(2) Construct two half-equations 
that show the specific species 
that are reduced or oxidised to 
the corresponding products.

(3) Balance each half-equation by 
following the simple rules:

• balance the element that 
undergoes oxidation or 
reduction first;

• balance О atoms by adding 
the same number of H2O 
molecules to the other side of 
the equation;

• balance H atoms by adding 
H+ ions to the other side of 
the equation;

• “neutralise” H+ ions, by 
adding OH-  ions to both sides 
of the equation;

• combine H+ and OH-  ions, 
on the same side of the 
equation, into H2O molecules;

• simplify the equation by 
removing common terms that 
appear on both sides of the 
equation;

• lastly, balance charges by 
adding electrons.

(4) Repeat Step (3) for the other 
half-equation.

(5) Ensure that the number of 
electrons for each half-equation 
is the same by scaling one or 
both of these equations by 
appropriate multiples, i.e., 
number of e~ lost =  number of 
e-  gained.

Cl2 — » C l " + C 1 0 3“0 -1  +5 - 2

Reduction half-equation: CI2 — » Cl 
Oxidation half-equation: CI2 — * C103“

Cl2 — * 2СЮз'

Cl2 +  6H2O — * 2C 103'

Cl2 +  6 H2O — » 2 CIO3-  +  12 H+

CI2+ 6H2O + I2OH' 2 С 1 0 Г  +  12Н+ + 1 2 0 Н '

Cl2 +  6H2O +  1 2 0 H " — ♦ 2C 103 +  12H20  

Cl2 +  1 2 0 H - — ♦ 2C 103” +  6H2O 

2 С 1 0 Г  +6H2O

2 ( —1) +  6(0) =  - 2  

2СЮ3-  +  6 H2O +  10e‘

Cl2 +  1 2 0 H- 

0 +  12( - 1) =  - 1 2

Cl2 +  120Н Г4 v ~"
0 +  12( —1) =  -1 2  2 ( —1) +  6(0 ) +  10( - 1) =  - 1 2

Cl2 +  2e“ — ► 2C1”

Cl2 +  120H " — * 2C 103"  +  6 H2O +  10e“ (i) 

Cl2 +  2e“ —  ̂ 2 С Г  (H)

Multiply (ii) by 5,
5C12 +  Юе" — > 10СГ (iii)

( Continued)
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T able 8 .2  (Continued)

Steps Involved Illu stration

(6) Add the two half-equations 
together to obtain the 
overall balanced equation.

Add half-equations (i) and (iii),
Cl2 +  120H " — > 2C103"  +  6H20  +  10e" 

+5C12 +  10e" +  10С Г

• Simplify the equation by 
removing common terms 
that appear on both sides 
of the equation.

Balanced redox equation:
6C12 +  12 0 H - — » 2C103"  +  6I I 2O  +  ЮС1

• Double-check that the 
numbers of atoms and 
charges are balanced on 
both sides of the 
equation.

Simplified, balanced redox equation: 
3Cl2(g) +  60H ~(aq) — ♦ 5Cl"(aq)5C1 (aq)

+  C103"(aq ) +  3H20(1)
• Reduce coefficients to the 

simplest ratio.

(b) M n 04~(aq) +  H20 2(aq) —  M n02(s) +  0 2(g).

So lu tion :

1(a) Cr20 72_ (aq) +  3H N 02(aq) +  5H+(aq) —  2Cr3+ (aq) +  3N 03'(a q )
+  4H20(1).

1(b) 2 1 -(aq) +  2N 02-(a q ) +  4H+(aq) — * I2(s) +  2NO(g) +  2H20(1).
2(a) P b (0 H )42“ (aq) +  C 10-(aq) — * P b 0 2(s) +  Cl (aq) +  20H  (aq)

+  H20(1).
2(b) 2Mn04 - (aq) +  3H20 2(aq) — * 2M n02(s) +  3 0 2(g) +  20H  (aq)

+ 2H20(1).

8.3 Redox Titrations
A redox titration is an important titration technique used to quantify the 
unknown amount of a reactant which takes part in a redox reaction. The 
following are some important half-equations to take note of.

M n 0 4~ +  8H+ +  5e“ — * Mn2+ 4- 4H20  
Cr20 72"  +  14H+ +  6e“ — > 2Cr3+ +  7H20

R e d u ctio n  reactions:
C20 42 — ♦ 2 C 0 2 +  2e 
2S20 32'  — * S40 62-  +  2e~ 
21-  — ► I2 +  2e“

O xidation reactions:
n .n  2- __ , опПл -i- С

I2 +  2 e" —  ̂ 2 1 -  
Fe3+ +  e~ — * Fe2+
H20 2 +  2H+ +  2e_ — * 2H20

Fe2+ — > Fe3+ +  e“
H20 2 — * 0 2 +  2H+ +  2e~
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Examples of redox titrations include the iodine-thiosulfate titration and 
those involving the use of manganate(VII) ions, dichromate(VI) ions and 
hydrogen peroxide.

8 .3 .1  M an gan a te(V II) titrations

Purple potassium manganate(VII), K M n 04, is a common powerful oxidising 
agent. It is used for the estimation of a wide range of reducing agents such 
as iron(II) salts, ethanedioates and hydrogen peroxide.

Take note that in an acidic medium, the manganate(VII) ion is reduced 
as follows:

M n 04- (a q ) +  8H+ (aq) +  5e“ — > Mn2+ (aq) +  4H20(1).
purple faint pink

The action of potassium manganate(VII) in a redox titration requires a min
eral acid. Sulfuric (VI) acid is the most suitable mineral acid used to provide 
the acidic medium. Nitric(V) acid (HNO3) is not employed for acidification 
as it is itself an oxidising agent while hydrochloric acid undergoes a redox 
reaction with potassium manganate(VII) to yield chlorine gas, i.e., C l" is 
oxidised to Cl2.

Neutral or alkaline potassium manganate(VII) is normally not used in 
redox titration because the manganate(VII) ion is reduced to M n 0 2(s), a 
dark brown/black solid, which inhibits the clear detection of the end-point 
of titration.

Since K M n 04(aq) is purple in colour while its reduced product Mn2+ (aq) 
in an acidified medium is essentially colourless, an external indicator is not 
required to be added in the course of the titration.

Although it is difficult to read off the volume of potassium man- 
ganate(VII) when it is placed in a burette due to its dark colour, it is 
still commonly used because of the ease with which end-point colour change 
can be detected. The end-point is taken when the first permanent pink 
colouration is formed because an excess drop of potassium m anganate(VII) 
is added. But if potassium manganate(VII) is placed in the conical flask 
during a titration, the end-point is taken when the solution changes from 
purple to colourless. Such a change is not easy to detect with the naked eye.

Exam ple: Solution Q contains a certain amount of Fe2+ ions. When
25.0 cm3 of solution Q is titrated with 0.05 mol dm-3  acidified K M n 04(aq),
27.00 cm3 of the latter is needed for a complete reaction. W hat is the con
centration of Fe2+ ions present in solution Q?



Solution:

• First of all, construct the half-equations to get the overall balanced equa
tion:

5Fe2+ (aq) +  M n 04_ (aq) +  8H+ (aq) —  5Fe3+ (aq) +  Mn2+ (aq) +  4H20 (l) .
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• Calculate the amount of M n 04 (aq) used in the titration:
27 

1000
27

Amount of M n 04“ (aq) reacted =  0.05 x - =  1.35 x 10- 3 mol.

• Calculate the amount of Fe2+ (aq) that reacts with the above amount of 
M n 04~(aq):

Based on the balanced equation, M n04” reacts with Fe2+ in the ratio 1:5. 
Thus,

Amount of Fe2+ (aq) present in 25.0 cm3 of solution Q 

=  5 x Amount of M n04“ (aq) reacted 

=  5 x 1.35 x 10" 3 

=  6.75 x 10-3 mol.

• Calculate the total amount of Fe2+ (aq) present in 1000 cm3 of solution Q,
i.e., calculate its concentration:

Amount of Fe2+ (aq) present in 1 dm3 of solution Q

=  x 6.75 x lO-3 
25

=  0.270 mol.

Hence, the concentration of Fe2+ (aq) in solution Q is 0 .2 7 0  mol dm 3.

8 .3 .2  D ichrom ate(V I) titrations

Another commonly used oxidising agent in redox titration is potassium 
dichromate(VI), K 2Cr20 7. It undergoes reduction in an acidic medium 
according to the following half-equation:

Cr20 72_ (aq) +  14H+ (aq) +  6e_ — > 2Cr3+(aq) +  7H20(1).
orange green

B ut unlike potassium manganate(VII), titration using potassium dichro- 
m ate(VI) is not self-indicating. This is because upon reduction in an acidic 
medium, the orange dichromate(VI) ion changes to the green chromium (III)
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ions. The green chromium(III) ions are formed the moment redox reac
tion starts. Thus, the combination of the green chromium(III) ions (which 
are continuously being formed before the end-point is reached), and 
the extra drop of the orange dichromate(VI) solution at the end-point, 
makes an accurate detection of the end-point colour change virtually 
impossible. Therefore, an indicator is necessary. The common indicators 
used are:

(a) barium or sodium diphenylamine p-sulfonate (green to blue-violet),
(b) N-phenylanthranilic acid (green to reddish-violet), and
(c) diphenylamine (green to blue-violet).

Q: How does the indicator work?
A: The organic molecules in the indicator form a complex that has a dis

tinct colour from the green chromium(III) ions when an excess of dichro- 
mate(VI) ions is added.

E xam p le: If 25.0 cm3 of solution Q is titrated with 0.05 mol dm-3  acidified 
K 2Cr207(aq), what volume of the latter is needed for a complete reaction? 
Take the concentration of Fe2+ (aq) in solution Q to be 0.270 mol dm- 3 .

Solution:

6Fe2+ (aq) +  Cr20 72- (aq) +  14H+ (aq) — ► 6 F e 3 + ( a q )  +  2Cr3+ (aq) +  7H20 ( l) .

Amount of Cr2072- (aq) needed

=  -  x Amount of Fe2+ (aq) present in 25.0 cm3 of solution Q

= i  * ( ш )  * °'270)
=  1.125 x lO-3 mol.

1 1 O C  W  1 n — 3  о

Volume of Cr2072_ (aq) needed =  —---------------- =  0.0225 dm =  22.5 cm .
7 '  4 '  0.05

8 .3 .3  Iodine-thiosulfate titrations

Thiosulfate reacts with iodine as represented by the equation:

2S2O32 (aq) +  l2(aq) — ♦ S4062 (aq) +  21 (a q ) .
colourless brown colourless colourless
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Such a titration is known as an iodometric titration. It is extremely useful 
for the determination of iodine present in a solution. Iodine in the presence 
of excess iodide ions forms the brown I3~ complex:

I2(aq) -I- I_ (aq) ^  ^ “ (aq) (brown coloured complex).

As thiosulfate ions are added, it reduces the iodine, resulting in a decrease 
in the concentration of iodine. This causes the brown I3“ complex to break 
down due to equilibrium shift (refer to Chap. 6 on Chemical Equilibria). 
As the concentration of the I3~ complex diminishes, the resultant solution 
approaches a pale yellow colouration. In order to allow a more accurate 
detection of the end-point, a few drops of starch solution are normally added 
when the solution turns pale yellow:

b (aq) +  starch molecules ^  ^-starch complex (deep blue colour).

The starch molecules, which are none other than polysaccharides, form a 
deep blue water-insoluble complex. The deep blue colouration arises due to 
iodine molecules being trapped within the polysaccharides. The formation 
of the iodine-starch complex is a reversible reaction. Thus, when more thio
sulfate solution is added, more iodine reacts with the thiosulfate ions. This 
causes an equilibrium shift to the left, whereby the iodine-starch complex 
breaks down to release the trapped iodine molecules. Hence, a distinct colour 
change from deep blue to colourless is observed. This should be the point 
where the volume of titrant used is noted. This is because if the titrated 
solution is left to stand in air, the deep blue colouration may be restored. 
This should be ignored, as it is due to the atmospheric oxidation of the 
excess iodide in the reaction mixture back to iodine.

Q: Why can’t we add starch solution at the very beginning of the titration 
process?

A : Since iodine is being trapped in the starch molecules, adding starch 
solution at the start may cause lots of iodine molecules to be embedded 
in the polysaccharides. The release of iodine from the starch molecules 
takes time, and as such, it might decrease the accuracy of the titration 
measurement.

Q: How do the iodine molecules adsorb onto the starch molecules?
A : Iodine is a non-polar diatomic molecule whereas, since the staich 

molecule is made up of glucose molecules, it is polar in nature. The inter
action between iodine and starch molecules are van der Waals forces of 
the instantaneous dipole-induced dipole (id-id) type.
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E xam p le : 20 cm3 of copper(II) nitrate solution is reacted with excess potas
sium iodide to liberate iodine and copper(I) iodide. The amount of iodine 
is etermined by titration with sodium thiosulfate. Given that 22.50 cm3 of 

. 50 mol dm thiosulfate solution is required, what is the concentration of 
Cu ions in the copper(II) nitrate solution?

Solution:

I2(aq) +  2S20 32"(aq ) — > S40 62-(a q ) +  2 r ( a q ) .

Amount of S20 32~(aq) reacted =  x 0.75 =  1.688 x  10^2 mol.

Amount of I2(aq) =  1/2 x Amount of S20 32_ (aq) =  1/2 x 1.688 x  10-2 

=  8.44 x 10“ 3 mol.

4 Г  (aq) +  2Cu2+ (aq) _  I2(aq) +  2CuI(s).

Amount of Cu2+ (aq) =  2 x Amount of I2(aq) =  2 x 8.44 x  10“ 3 

=  1.688 x 10“ 2mol.
Hence,

Concentration of Cu2+ (aq) =  — 88 x 10 2 x 10oo
20

=  0.844 mol dm- 3 .

8.4 Redox Reactions and Electricity
Since the reaction between zinc metal and copper(II) ion is exothermic, 
wou n t it be nice to convert the chemical energy from the redox reaction 
to some other useful energy instead of heat energy;

Zn(s) +  CuS04 (aq) ► ZnS04(aq) +  Cu(s) (exothermic reaction).

Chemical eneigy can be converted to useful electrical energy if we employ 
a set up in which the redox reaction is allowed to proceed and we are able 
to tap into the electrical energy that is produced. And vice versa, electrical 
energy can be converted to chemical energy. Such a system that involves 

e inter conversion between electrical and chemical energies is known as an 
electrochemical cell.

here are two types of electrochemical cells that are of interest here, 
a H* VC\ ^ C Cê  (or Salvanic cell) and electrolytic cell. In order to have

 ̂ с ^  ers ânding of what an electrochemical cell is, let us understand 
some fundamental concepts first.
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Fig . 8 .2 . A potential difference develops at the electrode surface.

8.4 .1  Electrode potential

If a piece of zinc metal is allowed to come in contact with a solution con
taining aqueous ZnSC>4 (Fig. 8.2), two reactions happen:

(i) The zinc atoms have a certain tendency to lose electrons. Hence, some 
atoms will go into solution as Zn2+ ions:

Zn(s) — * Zn2+(aq) 4- 2e-  (oxidation).

The electrons will be left behind on the metal. As time passes, there will 
be a build-up of electrons on the zinc surface. Thus, the surface area of 
the metal inside the solution will be surrounded by a layer of positive 
ions which are attracted to the electrons that have been deposited on 
the metal surface.

(ii) Meanwhile, the positive ions in the solution may gain electrons, resulting 
in a reformation of the metal:

Zn2+(aq) 4- 2e" — > Zn(s) (reduction).

When the rate of oxidation is equal to the rate of reduction, a dynamic 
equilibrium is established:

Zn2+(aq) 4- 2e" ^  Zn(s).

Generalising, for a metal M(s) in an aqueous solution of its ions:

Mn+(aq) 4- ne" r=± M(s).

When an equilibrium is established (at a particular temperature), there will 
be a constant amount of negative charge on the metal surface, balanced 
by a constant amount of positive ions adsorbed on the metal surface. This 
separation of charges across the metal-solution interface creates an electtical 
potential known as absolute electrode potential, J5, of the metal. The
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set-up where the metal is in equilibrium with its own metal ions is known 
as a half-cell.

It is not possible to take a voltmeter and connect it across the m etal- 
solution interface to measure the amount of electrode potential that is gener
ated simply because the interface is too narrow for viable electrical contacts 
to be made. In addition, the moment electrical contact is made, this may 
cause electrons to be “drained” out.

A way to solve the problem is to hook up this half-cell to another half-cell 
and physically determine the difference in potential (or e.m.f.) between these 
two electrode systems. In this way, we can generate a list of measurements 
of the electrode potential of any half-cell with respect to a chosen reference 
system and from here obtain the e.m.f. value when any other two half-cells 
are connected. But then, what is an appropriate reference system to be used?

In this case, the chosen reference is the stan d ard  hydrogen e lectrod e 
(S .H .E .).

The standard hydrogen electrode comprising of the H+ | H2 half-cell re
volves around the equilibrium between H+ and H2:

2H+ (aq) +  2e" ^  H2(g), E  =  0.00 V (arbitrarily assigned value).

Since the absolute electrode potential for the H+ | H2 half-cell cannot be de
termined (just like for any other half-cell), it is assigned an arbitrary value 
of 0.00 V.

The H+ | H2 half-cell does not consist of a metal electrode as hydrogen 
itself is not electrically conducting. We need an inert conducting electrode 
which is not reactive to either H+ or H2. The electrode of choice is an inert 
electrode made of platinum.

The inert Pt(s) electrode acts as the interface, allowing H2(g) molecules 
to be adsorbed onto its surface. An equilibrium between H+ and H2 is 
established. Figure 8.3 shows the set-up for the S.H.E.

The measurement with the reference electrode has to be done under stan
dard conditions since the electrode p oten tia l varies w ith  changes such 
as th a t in tem perature, partial pressure o f gases and  co n cen tra tio n  
of ions.

The standard conditions are:

• temperature of 298 K;
• pressure of gases at 1.00 atm (e.g., pressure of H2 is 1.00 atm for the 

H+ | H2 half-cell);
• concentration of ions at 1.00 moldin ' 3 (e.g., [H+l is 1.0 mol dm" 3 for the 

H+ 1H2 half-cell).
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T = 298 К

F ig . 8 .3 . Set-up of the standard hydrogen electrode.

W ien a half-cell is connected to the S.H.E., the potential difference (which 
arises due to the difference in the ability of each half-cell to undergo oxi
dation or reduction) between the two connected electrodes will generate 
electric current.

The electricity generated is measured in terms of the electromotive force 
(abbreviated as e.m.f.), which, in turn, is measured using a voltmeter. The 
actual e.m.f. of the system is the first reading shown on the voltmeter, the 
moment the two half-cells are connected. This is because once the circuit 
is completed, current flows. The current that is generated is a result of 
the chemical reaction that occurs and this leads to a decrease in the con
centration of the reactants which inevitably affects the subsequent e.m.f. 
measured. When the system reaches equilibrium, the cell goes flat.

Since we are measuring the e.m.f. of a half-cell with respect to a ref
erence half-cell (S.H .E.), the measured e.m.f. is not the absolute electrode 
potential, but is known as the standard electrode potential. By conven
tion, we always represent it in the reduction form; it is thus also known as 
the stan d ard  red u ction  electrode potential. It is denoted by E G (the 
plimsoll symbol “e” represents standard conditions).

D efin ition : The standard electrode potential of a half-cell is the electro
motive force, measured at 298 К and 1 atm, between the half-cell and the 
standard hydrogen electrode, in which the reacting species in solution are 
at molar concentrations and gaseous species are at a pressure of 1 atm.
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8 .4 .2  Experim ental set-up o f half-cells

We can classify half-cells into three main categories that consist of one of 
the following sets of components:

(i) A metal and its ion. Example: Cu2+ (aq)|Cu(s) electrode system.
(ii) A non-metal and its ion. Example: Pt(s)|Cl2(g)|Cl“ (aq) electrode sys

tem.
(iii) Two ions of the same element but in different oxidation states. 

Example: Pt(s)|Fe3+ (aq), Fe2+ (aq) electrode system.

Each of these requires specific types of set-up, which are described in 
Examples 8.5, 8.6 and 8.7 .

E xam p le 8 .5 : M easuring stan d ard  e lectro d e  p o ten tia l E °  for th e  
C u 2+ (aq)|Cu(s) half-cell
The standard electrode potential E e of the Cu2+ (aq)|Cu(s) half-cell (the 
term “electrode” is also used to refer to the whole half-cell set-up) is deter
mined by combining the system with a standard hydrogen electrode and 
measuring the e.m.f. of the resultant cell.

The standard copper electrode comprises Cu(s) dipped into
1.00 mol dm-3 Cu2+ (aq) solution at 25°C. The standard hydrogen elec
trode comprises H2(g) at 1 atm bubbled over a platinum electrode immersed 
in a 1.00 mol dm-3 H+ (aq) solution [1.00 mol dm-3  HCl(aq) solution or
0 .5 moldin'-3 H2S04(aq) solution].

These two electrodes are connected to a voltmeter via an electrical wire. 
The standard  electrod e p oten tia l Ё *  of the Cu2+ (aq)|Cu(s) half-cell is

h2(9) 
1 atm

H+(aq)

Pt

0
Salt bridge

T = 298 К 
p = 1 atm

Cu

Cu2+(aq)

[H+(aq)] = 1 mol dm-3 [Cu2+(aq)J = 1 mol dm-3

Fig . 8.4.
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the measured e.m.f. or potential difference of the cell, i.e.,

Cu2+ (aq) +  2e~ ^  Cu(s), E~ =  +0.34 V.

Exam ple 8 .6 : M easuring stand ard  electrod e p o ten tia l E °  for the 
C l2(g )| C l-(aq) half-cell.
The E 9 value for the Cl2(g)|Cl“ (aq) half-cell can be measured by replacing 
the Cu2+ (aq)|Cu(s) half-cell in Fig. 8.4 with a Cl2(g)|Cl~(aq) half-cell. A 
piece of platinum metal is used as a metal electrode, creating a surface for 
the reactions of the Cl2 and Cl-  species. Chlorine gas at 1 atm is bubbled 
over the platinum electrode immersed in a solution of 1.00 mol dm-3  Cl_ (aq) 
ions at 25° С .

The e.m.f. measured by the voltmeter is the standard electrode potential 
of the Cl2(g)|Cl“ (aq) half-cell, i.e.,

Cl2(g) +  2e~ ^  2C r(a q ), E * =  +1.36 V.

Fig . 8 .5 .

E x am p le  8 .7 : M easuring standard electrode potential E  for the 
F e3+ (aq) |Fe2+ (aq) half-cell
The E *  value for the Fe3+(aq)|Fe2+ (aq) half-cell can be measured by replac
ing the Cu2+ (aq)|Cu(s) half-cell in Fig. 8.4 with a half-cell consisting of a 
platinum electrode dipped into a solution where (Fe2+ (aq)] =  [Fe3+ (aq)] —
1.00 mol dm-3  at 25°C, i.e.,

Fe3+ (aq) +  e "  ^  Fe2+(aq), E *  =  +0.77 V.
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Fig. 8.6 .

Q: Why should there be a salt bridge?
A: Consider the cell set-up in Example 8.5 without a salt bridge (see 

Fig. 8.7): as Cu2+ from the solution is being reduced to Cu, the solution 
becomes increasingly negatively charged, which in this case is caused 
by the presence of the spectator anions [remember we use CuS04(aq) 
solution?]. This prevents further reduction of Cu2+ from taking place. 
Likewise, in the other half-cell, as more H2 gas is being oxidised to form 
H+ ions, the solution becomes increasingly positively charged. As time 
passes, there is an opposite potential difference built up, which prevents 
further redox reaction from occurring.

Fig . 8 .7 .
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However, when a salt bridge containing a relatively inert compound, 
such as concentrated KNO3 solution, is put in place, both the K + and 
NO3-  ions can move into each of the half-cells to maintain electrical 
neutrality. The K + ions move into the Cu2+ (aq)|Cu(s) half-cell while 
the N 0 3“ ions move into the other half-cell. This migration ensures 
the continuous smooth operation of the electrochemical cell until the 
reactants are depleted.

8 .4 .3  Inform ation obtained fro m  the standard  
electrode potential

Standard electrode potentials (E e) are relative values since all electrode 
potential values are defined with reference to the standard hydrogen elec
trode potential. E * values are measured in volts* which is actually J  С . 
W hat do E B values tell us?

When the standard electrode potential of the Cu2+|Cu electrode is mea
sured, an E e of +0.34 V is obtained:

2H+ (aq) +  2e" ^  H2(g), E *  =  0.00 V,

Cu2+ (aq) +  2e~ ^  Cu(s), E *  =  +0.34 V.

This positive value indicates that the reduction of Cu~+ to Cu proceeds more 
favourably over the reduction of H+ to H2. In a redox reaction, you cannot 
possibly have two half-reactions that are reductions or two half-reactions 
that are oxidations. It is not possible for electrons to be gained without a 
corresponding oxidation reaction that supplies the electrons to be gained.

Thus, if reduction of Cu2+ occurs in the Cu2+|Cu half-cell, then in^the 
H+ |H2 half-cell, we expect oxidation to occur, i.e., H2 is oxidised to H 

The Cu2+|Cu half-cell is the cathode (a reduction electrode) with a 
p ositive polarity. The H+ |H2 half-cell is the anode (an oxidation electrode)
which is negatively  charged.

For all types of half-ceUs, their standard electrode potentials will either
be a negative value or a positive value.

• A positive E e indicates that reduction takes place in the half-cell of intei 
est while at the reference S.H.E., H2(g) is oxidised to H (aq).

• A negative E *  indicates that oxidation takes place in the half-cell of inter
est while at the reference S.H.E., H+ (aq) is reduced to H2(g).

Standard electrode potential is therefore also known as standard reduction 
potential, since its magnitude represents the relative tendency of ie uction



taking place in the half-cell of interest, with respect to the reference H+ |H2 
half-cell.

A list of standard reduction potentials of various elements is listed in 
Table 8.3.
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Table 8 .3  S tan d ard  R ed u ctio n  P o te n tia ls  a t  2 5 °C

E ~ (V )

Ag+ + e Ag + 0.80
Al3+ + 3e“ A1 -1 .6 6
Ba2+ + 2e“ 5=± Ba -2 .9 0
ВГ2 + 2e~ 2B r“ + 1.07
Ca2+ + 2e~ Ca -2 .8 7
Cl2 + 2e~ 2 С Г + 1.36
Co2+ + 2e~ ;=± Co -0 .2 8
cb3+ + e“ — Co2+ + 1.82
[Co(NH3)6]2+ + 2e“ Co +  6NH3 -0 .4 3
Cr2+ + 2e“ Cr -0 .9 1
Cr3+ + 3e“ Cr -0 .7 4
Cr3+ + e~ Cr2+ -0 .4 1
Cr20 72_ +  14H+ + 6e~ — 2Cr3+ + 7H20 + 1.33
Cu+ + e“ Cu +0.52
Cu2+ + 2e“ Cu +0.34
Cu2+ + e~ Cu+ +0.15
[Cu(NH3)4]2+ + 2e~ =̂± Cu + 4NH3 -0 .0 5
f 2 + 2e“ 2 F “ + 2.87
Fe2+ + 2e“ Fe -0 .4 4
Fe3+ + 3e~ -—k Fe - 0 .0 4
Fe3+ + e“ Fe2+ + 0.77
[Fe(CN)6] 3- + e” [Fe(CN)G] 4" + 0.36
Fe(OH)3 + e“ Fe(OH)2 +  OH“ -0 .5 6
2H+ + 2e~ H2 0.00
I2 + 2e“ 2 Г + 0.54
K+ + e“ -—> K -2 .9 2
Li+ + e“ Li -3 .0 4
Mg2+ + 2e" Mg -2 .3 8
Mn2+ + 2e“ Mn -1 .1 8
Mn3+ + e” ;=± Mn2+ + 1.49
M n02 +  4H+ + 2e_ — Mn2+ +  2H30 +  1.23
M n04" + e“ M n 042" +0.56
M n04“ +  4H+ + 3e~ M n 02 +  2H20 + 1.67
M n04“ +  8H+ + 5e" Mn2+ +  4H20 + 1.52
N 0 3~ +  2H+ + e~ — n o 2 +  h 2o +0.81
N 03~ +  3H+ + 2e~ h n o 2 +  h 2o + 0.94
N 0 3"  +  10H+ + 8e“ 5=S n h 4+ +  зн2о + 0.87

( Continued)
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Table 8 .3  ( Continued)

E~(V )

Na+ + e Na -2 .7 1
Ni2+ + 2e" — Ni -0 .2 5
H20 2 +  2H+ + 2e“ — 2H20 +1.77
0 2 +  4H+ + 4e“ 2H20 +1.23
0 2 +  2H20 + 4e~ 4 0 H “ +0.40
0 2 +  2H+ + 2e~ ;=± H20 2 +0.68
2H20 + 2e~ — H2 + 2 0 H “ -0 .8 3
S 0 42"  +  4H+ + 2e“ ;=± S 0 2 +  2H20 +0.17
s 2o 82- + 2e“ ;=± 2 S 0 42" +2.01
s 4o g2- + 2e“ ;=± 2S20 32“ +0.09
V2+ + 2e“ V -1 .2 0
y 3 + + e" v2+ -0 .2 6
V 0 2+ +  2H+ + e- — V3+ + H 20 +0.34
V 0 2+ +  2H+ + e- — V 0 2+ +  H20 +1.00
V O ," +  4H+ + e- V 0 2+ +  2H20 +  1.00
Zn2+ + 2e“ — Zn -0 .7 6

We can also make use of standard reduction potentials to determine: 

T h e  re la tive  oxidising power o f elem ents.
For instance, between F 2 and Cl2, which will be a better oxidising agent? 
To answer this, we refer to the following standard reduction potentials: 

F 2(g) +  2e“ ^  2F "(a q ), E~ =  +2.87 V,

Cl2(g) +  2e " ^  2С Г  (aq), E~ =  +1.36 V.
The F 2(g)|F“ (aq) system has a m ore positive E  , which indicates that 
the equilibrium position lies further to the right as compared to that of 
the Cl2(g)|Cl- (aq) system. This means that F 2 has a greater tendency to 
gain electrons and be reduced, i.e., F 2 is a stronger oxidising agent 
than Cl2.

T h e  re la tiv e  reactiv ity  o f m etals.
Ag+ (aq) +  e“ ^  Ag(s), E °  =  +0.80 V,

Ca2+ (aq) +  2e" ^  Ca(s), Е»  =  -2 .8 7  V,

K+(aq) + e "  ^  K(s), E • =  -2 .9 2  V.
The relative reactivity of metals is related to the relative ease with which 
they lose electrons (i.e., the backward reaction).

Ju st as how a more positive E » indicates that equilibrium position lies 
further to the right, a more negative E & indicates an equilibrium position 
lying further to the left.



328 Understanding Advanced Physical Inorganic Chemistry

The K + (aq)|K(s) system has the m ost negative E *  value followed by 
the Ca2+ (aq)|Ca(s) system and lastly the Ag+ (aq)|Ag(s) system. This 
means that К loses electrons most easily and is therefore the g reatest 
reducing agent, followed by Ca, and lastly Ag.

• T h e  reactio n , if  any, th a t  will tak e  p lace for any pair o f su bstan ces. 
For instance, if we were to connect a Cu2+ (aq)|Cu(s) half-cell and a 
K + (aq)|K(s) half-cell together, what reaction will occur?

Cu2+(aq) + 2e~ ^  Cu(s), £°=+0.34V ,

Greater tendency

K*(aq) +e" ^  K(s), £® = -2.92 V.

lendcncy to be oxidised

The Cu2+ (aq)|Cu(s) system has a more positive E *  value compared to 
the I<+ (aq)|K(s) system. This means that Cu2+ (aq) tends to be reduced, 
and as such, K(s) is oxidised. We thus have a redox reaction that can 
generate electricity. But how much electricity is generated? This question 
is especially important if we are to construct batteries with maximum 
e.m.f.. In Section 8.4.5, we will learn to calculate the e.m.f. of a cell.

8 .4 .4  D escribing cell components using  
conventional notation

Describing each of the componential half-cells of the electrochemical cell 
and the redox reaction that happens seems to require lengthy details of the 
half-cell processes that occur.

For instance, for the electrochemical reaction between Zn and Cu2+, we 
have:

• the overall cell reaction: Cu2+ (aq) +  Zn(s) —> Cu(s) +  Zn2+ (aq),
• oxidation taking place at the Zn anode: Zn(s) —> Zn2+ (aq) +  2e“ , and
• reduction occurring at the Cu cathode: Cu2+ (aq) +  2e~ —► Cu(s).

There is actually a shorthand system with the following conventions 
involved:

о The oxidation reaction is written first in the shorthand notation.
Since Zn is oxidised to Zn2+, the first part of the notation reads as
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“Zn(s)|Zn2+ (aq)’\ The vertical line represents a phase (refer to Chap. 4 
on Chemical Thermodynamics) boundary, which separates the solid Zn 
and aqueous Zn2+ solution,

о The reduction reaction is written second. Since Cu2+ is reduced to Cu, 
the second part of the notation reads as “Cu2+ (aq)|Cu(s)’\ The vertical 
line divides the components in different phases,

о Combining both parts of the notation gives us the convention used to 
describe the overall cell reaction:

Zn(s)|Zn2+ (aq ):: Cu2+ (aq)|Cu(s).

The pair of dashed lines represents the salt bridge,
о In some cases, when there is no conducting solid species involved in the 

electrochemical reaction, platinum is used as the inert electrode,
о When there is more than one species in the same phase, these are sepa

rated by a comma in the cell notation.
For instance, the oxidation half-cell involving Fe3+ and Fe2+ in the 

absence of a conducting solid, has the following notation: Pt(s)|Fe2+ (aq), 
Fe3+ (aq).

In summary, the conventional notation is read as follows:

Phase boundary Salt bridge

Zn(s) | Zn2+(aq) j \ Cu2+(aq) I Cu(s) 
reactant product reactant product

1------------ 1— 1 1— T------------ 1
Oxidation half-cell Reduction half-cell 

(Anode) (Cathode)

Half-cells can also be described using such notations. For instance, 
the half-cell containing Zn electrode and an aqueous solution of its 
ions can simply be represented by the Zn2+ (aq)|Zn(s) half-cell. Similarly, 
Cu2+ (aq)|Cu(s) half-cell implies that we are talking about the half-cell con
taining an Cu(s) electrode dipped into a solution containing Cu~+(aq) ions.

However, take note that for the half-cell shorthand notations, we always 
write the chemical formula for the oxidised species on the left and the 
reduced species on the right. This is because the standard electrode poten
tial of a half-cell is always written in the reduction form. The vertical line 
denotes a phase boundary.
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8 .4 .5  Calculating standard cell potential

Exam ple: Calculate the e.m.f. for a cell th at consists 
of the Cu2+ (aq)|Cu(s) half-cell and the K+(aq)|K(s) half-cell.

Approach:

(1) Write the overall cell equation by constructing the balanced half
equations:

Reduction half-equation:

Cu2+ (aq) +  2e~ — > Cu(s), (i)

Oxidation half-equation:

2K(s) — > 2K+ (aq) +  2e~. (ii)

Make sure the number of electrons lost in the oxidation reaction is equal 
to that gained in the reduction reaction.

Adding the two half-equations will give a balanced redox equation,
i.e., adding Eqs. (i) and (ii) gives the overall cell equation:

Cu2+ (aq) +  2K(s) — > 2K + (aq) +  Cu(s).

(2) The standard cell potential, which is the difference between the standard 
reduction potentials of the half-cells, is calculated using Eq. (iii):

cell =  ^ R e d  — ^ * O x »

where # e Red denotes the standard reduction potential of the half-cell 
wherein a species undergoes reduction, and E e Qx denotes the standard 
reduction potential of the half-cell wherein a species undergoes oxida
tion.

The e.m.f. of the cell generated from the redox reaction between 
Cu2+ (aq) and K(s) is calculated below:

Cu2+ (aq) +  2e“ ^  Cu(s), E ° Red =  + 0.34 V,

K+ (aq) + e "  ^  K(s), E ° 0x =  -2 .9 2  V.
Thus,

£% e11 =  +0.34 -  ( -2 .9 2 )  =  +3.26 V.

Q: Why isn’t the computed E* ceti =  + 0.34 -  2 ( -2 .9 2 )  since the equation 
for the K+(aq)|K(s) half-cell is multiplied by a factor of 2 and hence 
E e Ox =  2 (-2 .92)V ?

In writing the half
equations, use a “single
headed” arrow since the 
reaction occurs in the 
specific direction.
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A: When equations are multiplied by a certain factor, its corresponding 
standard electrode potential remains unchanged. This is because half
cell reduction potentials and voltaic cell potentials both have a unit of 
Volt, which is actually Joule per Coulomb —  the amount of energy that 
one would get when one Coulomb of charges passed through an object, 
such as a resistor.

When the half-cell equation is multiplied by any number, the num
ber of electrons is indeed greater, but at the same time, the amount of 
energy one gets also increases proportionately. Hence, when one calcu
lates the voltage, which is normalised as per Coulomb, one still gets the 
same voltage. This essentially means that voltage is independent of the 
number of electrons in the equation. We term such a quantity “intensive 
property”.

Other intensive properties include density and temperature, which are 
not affected by the amount of substance present. In contrast, thermody
namic quantities such as enthalpy and entropy are extensive properties 
affected by the actual amount of substance.

E xam p le : Write the overall cell equation and calculate the e.m.f. based on
the cell notation given:

Pt|Fe2+ (aq), Fe3+(aq) ii MnO„-(aq), Mn2+ (aq)|Pt.

A pproach:

(1) Based on the cell notation:
Oxidation half-equation: Fe2+ — * Fe3+ +  e“ ,
Reduction half-equation: M n04_ -1- 8H+ +  5e“ — » Mn2+ +  4H20 .
Thus, the overall cell equation is:

M n 04"  +  8H+ +  5Fe2+ — + Mn2+ +  4H20  +  5Fe3+.

(2) Select the relevant E e data in Table 8.3.
From Table 8.3, we will have to find relevant equations for the redox 
processes.

For instance, there are a few equations that contain M n04 but only 
Eq. (vi) is appropriate.

M n 04"  +  e "  ^  M n042' ,  E *  =  +0.56 V, (iv)

M n 04"  +  4H+ +  3e“ ^  M n02 +  2H20 ,  E * =  +1.67 V, (v)

Mn04"  +  8H+ + 5e-  ^  Mn2+ + 4H20 , E * =  +1.52 V. (vi)
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Q: Why are Eqs. (iv) and (v) not suitable?
A: Both equations do not depict the correct product, Mn2+, as given in 

the cell notation. The relevant equations needed are

M n 04"  +  8H+ +  5e“ ^  Mn2+ +  4H20 ,  £ ^ Red =  + 1.52 V,

Fe3+ +  e” ^  Fe2+, E &0x =  +0.77 V.

(3) Calculate the e.m.f. of the cell.

£\ en  =  £% ed  -  £*O x =  +1-52 -  (+0.77) =  + 0.75 V.

E x ercise : Calculate the e.m.f. of the cell: Ni(s)|Ni2+ (a q ):: Ag+ (aq)|Ag(s). 
(Answer: +1.05 V.)

8 .4 .6  Using E °cell£o predict feasibility o f a reaction

Just as how it is possible to use the sign of E B values to predict what 
reactions (oxidation or reduction with reference to S.H .E.) are likely to 
occur, we can also use E * cell values to predict the feasibility of a redox 
reaction.

• -^ceii >   ̂ implies that the redox reaction is thermodynamically feasible.
• ^ c e ii =  0 implies that there is no net redox reaction occurring as the 

system is in equilibrium.
• ^ c e ii < 0 implies that the reaction is not thermodynamically feasible. 

However, the reaction in the reverse direction is thermodynamically fea
sible.

Exam ple: Use ЕУ* data to predict whether the reaction between F “ and 
H2O2 is thermodynamically feasible when they are mixed in an acidic 
medium.

Approach:

(1) Select the relevant E 9 data from Table 8.3.
Between Eqs. (vii) and (viii) containing H2O2, Eq. (vii) is the correct 
choice.

H20 2 +  2H+ +  2e“ ^  2H20 ,  E *  =  +  1.77 V, (vii)

0 2 +  2H+ +  2e~ ^  H20 2, E *  =  + 0.68 V. (viii)
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Prom prior knowledge, we know that F "  tends to get oxidised rather 
than reduced. Thus, if we expect F “ to be oxidised, then the other reac
tant, H2O2, is expected to get reduced. Hence, we choose the equation 
wherein H2O2 appears on the left-hand side, i.e., Eq. (vii).

T ip s: If one reactant is found on the right-hand side of a reduction 
equation, i.e., it is expected to be oxidised, then the other reactant is 
expected to be reduced, i.e., it should be located on the left-hand side 
of the reduction equation, and vice versa. (Recall that oxidation and 
reduction go hand-in-hand.)

The relevant equations are:

F 2 +  2e~ ^  2F ~ , E *  =  +2.87 V,

H 20 2 +  2H+ +  2e“ ^  2H20 ,  E *  =  +1.77 V.

(2) Calculate E * cell to find out if a reaction between F _ and H2O2 is fea
sible.
To calculate the e.m.f. of the cell, we use the same formula:

Ее  _ тре т^в
cell — Ь  Red “  b  Ox)

but, in this case, E e Red denotes the standard reduction potential of 
the half-cell wherein a species is expected to undergo reduction, and 
E e q x denotes the standard reduction potential of the half-cell wherein 
a species is expected to undergo oxidation.

Thus,

E * cell =  + 1.77 -  (+2.87) =  - 1.10 V.

Since E * ceц is less them zero, the reaction between and H2O2 is not 
thermodynamically feasible and is thus not likely to occur.

If the reaction between F _ and H2O2 is not thermodynamically fea
sible, we expect the reverse reaction to be thermodynamically feasible,
i.e., reaction between F 2 and H2O is thermodynamically feasible since 
the E * cell calculated is greater than 0 (i.e., E * ce!1 =  + 1.10 V).

E xam p le : Use E e data to predict whether the reactions between the given 
pairs of reagents are thermodynamically feasible under standard conditions. 
State the observations for those reactions predicted to occur.

(i) I (aq) and Fe2+ (aq),
(ii) S 0 2(g) and acidified Cr2072“ (aq).



So lu tion :

(i) Relevant data:

I2(aq) +  2 e - ^ 2 I - ( a q ) ,  £ 9 0x = + 0 .5 4  V,

F e2+(aq) +  2e" ^  Fe(s), E ° Red =  -0 .4 4  V.

^ c e ll =  -0 -4 4  -  (+0.54) =  -0 .9 8  V.

Since £ * „ 1] <  0 V, the reaction is not thermodynamically feasible and 
is thus not likely to occur.

(ii) Relevant data:

C r20 72- (a q )  +  14H+ (aq) + 6e“ ^  2Cr3+ (aq) +  7H20(1),

^Red =  +1-33 V,

S 0 42-(a q ) +  4H+(aq) +  2e“ ^  S 0 2(g) +  2H20(1), E 0Ox =  + 0 .17V . 

■Е̂ еи =  +1.33 -  (+0.17) =  +1.16 V.

Since E ® сец >  0 V, the reaction is thermodynamically feasible and the 
following reaction is likely to occur:

Cr20 72~ (aq) +  2H+ (aq) +  3 S 0 2(g) -»  2Cr3+ (aq) +  H20(1) +  3 S 0 42'  (aq).

Orange Cr20 72_ (aq) will be reduced to green Cr3+ (aq). Thus, this redox 
reaction can be used to confirm the presence of sulfur dioxide gas.

Exam ple: Use E e data to account for the following observations: When 
fluorine gas is bubbled into an acidified pink solution of CoSO ^aq), a blue 
solution is formed. Upon standing in air, the blue solution changes to pink 
and a colourless gas is evolved.

Solution: Relevant data:

Co3+ (aq) +  e~ ?=t Co2+ (aq), E °  =  +  1.82 V,

F2(g) +  2e_ — 2F~ (aq), E °  =  + 2 .8 7 V ,

0 2(g) +  4H+(aq) +  4e“ ^  2H20(1), E *  =  +  1.23 V.

2Co2+ (aq) +  F 2(g) — > 2Co3+ (aq) +  2F _ (aq).

E °  сец =  +2.87 -  (+1.82) =  +  1.05 V.
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Since £ e cell >  0, the reaction is thermodynamically feasible. F2(g) oxidises 
pink Co2+ (aq) to blue Co3+ (aq).

2Co3+ (aq) +  H20(1) 2Co2+ (aq) +  l/ 2 0 2(g) +  2H+ (aq).

^ c e ii =  +1-82 -  1.23 =  +0.59 V 
Since E » ceU >  0, the reaction is thermodynamically feasible. Upon standing 
in air, blue Co3+ (aq) oxidises water to 0 2(g) and is itself reduced to pink 
Co2+(aq).

The use of Е»  cell to predict the thermodynamic feasibility of a reaction 
has its limitations. There are cases when a reaction does not occur although 
it was predicted to be thermodynamically feasible. Possible explanations 
include the fact that the reaction is conducted under non-standard condi
tions whereas E e values are measured under standard conditions. Another 
explanation stems from the fact that E* сеП predicts the thermodynamic 
spontaneity of a reaction but not its kinetic feasibility.

For example, when hydrogen gas is bubbled into copper(II) sulfate solu
tion, the expected reaction is:

Cu2+ (aq) +  H2(g) — ♦ Cu(s) +  2H+ (aq), E 9 =  +0.34 V > 0.

However, no reaction occurs. Although the reaction is thermodynamically 
feasible, it is kinetically not feasible due to the high activation energy 
involved that causes the reaction to be non-observable under standard con
ditions.

8 .4 .7  Effect o f concentration changes on E ecellvahxe

The e.m.f. of a cell depends on variables such as temperature and concen
tration of reactants and products.

The effect of changes in concentration can be accounted for by using Le 
Chatelier’s Principle. E e values measure the relative tendency for a reduc
tion reaction to occur. If a change is imposed in one half-cell that is in 
equilibrium, according to Le Chatelier’s Principle, the position of the equi
librium shifts to nullify the change. This in turn affects the e.m.f. of the 
half-cell and hence the e.m.f. of the cell.

E xam p le : A cell is set up between the Cu2+ (aq)|Cu(s) and acidified 
Cr20 72~(aq)|Cr3+ (aq) systems.

(a) Calculate the e.m.f. of the cell and write the balanced equation for the 
reaction that occurs.
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(b) Explain the effect on the cell’s e.m.f. when

(i) KOH(aq) is added to the Cu2+(aq)|Cu(s) half-cell;
(u) water is added to the Cu2+(aq)|Cu(s) half-cell;

(in) H2S04(aq) is added to the Cr20 72-(aq)|Cr3+(aq) half-cell.

Solution:

(a) Cu2+(aq) +  2e“ ^  Cu(s), Е в 0х =  + 0.34 V,
Cr20 7 (aq) +  14H+ (aq) +  6e“ ;=: 2Cr3+ (aq) +  7H20(1),

^ e Red =  + 1.33V .

■^cel! =  ^®Red -  ^ O x  =  +1-33 -  (+0.34) =  + 0.99 V.
Since £ * ceU > 0 V, the reaction is thermodynamically feasible and 
the following reaction occurs:

Cr20 72-(a q ) +  14H+(aq) +  3Cu(s)

—  2Cr3+ (aq) +  7H20(1) +  3Cu2+ (aq).

(b)(i) Cu2+ (aq) +  2e~~ Cu(s), Е в 0х =  + 0.34 V.
Cu2+ forms a blue precipitate, Cu(OH)2, with O H ' added. This 
causes [Cu2+] to decrease. According to Le Chatelier’s Principle, 
the backward reaction will be favoured and the equilibrium position 
shifts to the left. The e.m.f. of the Cu2+ (aq)|Cu(s) half-cell becomes 
less positive, and hence the e.m.f. of the cell becomes more positive, 
(refrain from referring to the “E °  of the Cu2+ (aq)|Cu(s) half-cell” 
because the conditions are no longer standard; so you should drop 
the e notation.)

(b)(n) Cu2+ (aq) +  2e~ ^  Cu(s), E ° 0x =  +0.34 V.
Adding water causes [Cu2+] to decrease. According to Le 
Chatelier s Principle, the backward reaction will be favoured and 
^^equilibrium  position shifts to the left. The e.m.f. of the 

u (aq)|Cu(s) half-cell becomes less positive, and hence the e.m.f. 
of the cell becomes more positive.

(b)(iii) Cr20 72-(aq ) +  14H+(aq) +  6e~ ^  2Cr3+(aq) +  7H20(1),
^Red = +1.33V.

Adding H2S04(aq) causes [H+] to increase. According to Le 
atelier s Principle, the forward reaction will be favoured and 

the equilibrium position shifts to the right. The e.m.f. of the 
r2 7 (aq)|Cr3+ (aq) half-cell becomes more positive, and hence 
e e.m.f. of the cell becomes more positive.
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This also explains why dichromates are weak oxidising agents in 
neutral solution but are stronger oxidising agents in acidic solution 
due to higher [H+].

8.4 .8  Effect o f ligands on E &ceUvalue

Transition metal ions form stable complexes with other ions or molecules 
called ligands through dative covalent bond formation. (The concept of lig
and is discussed in Chap. 11 on Introduction to Transition Metals and their 
Chemistry.)

Metal ions are present in water as aqua-complex ions. The presence of 
ligands other than water molecules affects the standard electrode potentials. 
It can be seen that when Co2+ is co-ordinated by a more strongly electron- 
releasing ligand than water (i.e., NH3), its tendency to gain electrons is 
reduced and E B becomes more negative:

[Co(H20 ) 6]2+ +  2e" ^  Co +  6H20 ,  E *  =  -0 .2 8  V,

[Co(NH3)6]2+ +  2e~ ^  Co +  6NH3, E *  =  -0 .4 3  V,

[Fe(H20 ) 6]3+ +  e~ ^  [Fe(H20 ) 6]2+, E °  =  +0.77 V,

[Fe(CN)6)3-  + e "  ^  [Fe(CN)6]4 - , =  +0.36 V.

In the case of Fe3+, the formation of a negatively charged complex with 
CN~ ligands decreases the tendency of the complex to undergo reduc
tion as compared to the [Fe(H20 ) 6]3+ complex. Thus, E*  becomes less 
positive.

Q: Why does the presence of CN-  ligands decrease the tendency of Fe3+ 
to be reduced?

A : It is thermodynamically more demanding to add an electron to the 
negatively charged ion [Fe(CN)6]3_ than to the positively charged 
[Fe(H20 ) 6]3+ ion.

A simple experiment that can be used to demonstrate the weaker oxidising 
power of [Fe(CN)6]3- compared to [Fe(H20)e]3+ involves the use of I<I(aq). 
Add K I(aq), followed by starch, to a test tube containing (Fe(CN)e] and 
another containing [Fe(H20)e]3+- A blue-black colouration will only be 
observed in the test tube containing [Ее(Н20)б]3+* Being a stronger oxi
dising agent, ре(Н 20)б]3+ oxidises 1“ to I2 that forms the coloured iodine- 
starch complex. But not [Fe(CN)e]3~!



8.5 Types of Electrochemical Cells
A b a tte ry  or voltaic cell consists of one or more electrochemical cells 
in which stored chemical energy can be converted into electrical energy. 
There are two broad categories of batteries, namely, primary batteries and 
secondary batteries.

Primary batteries consist of electrochemical cells in which the redox reac
tions that happen in the cell are irreversible. The zinc-carbon dry cell and 
alkaline batteries are some examples of primary batteries. Thus, because 
the electrochemical reaction is irreversible in a primary battery, this results 
in the use-and-dispose nature of the cell, which poses many environmental 
problems due to the chemicals present in the cell.

Secondary batteries are just the opposite of primary batteries. The elec
trochemical reaction that generates electric current in secondary batter
ies can simply be reversed by electrical recharging. In the recharging pro
cess, electrical energy is converted to stored chemical energy, which can be 
released once again when the redox reaction occurs. Some examples of sec
ondary batteries include the lead-acid accumulator, which is made of a few 
lead-acid unit cells connected in series. Others include the nickel-cadmium 
(Ni-Cd), nickel-metal hydride (NiMH) and lithium-ion (Li-ion) cells, which 
are currently commonly used as energy storage for mobile phones and laptop 
computers. Secondary batteries cannot be recharged an infinite number of 
times. After each recharging, there is inevitably some irreversible changes to 
the cell, especially if there is overcharging. Some changes are accumulative 
in nature and shorten the lifespan of such batteries.
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—  Graphite rod (cathode)

—  Mn02 and graphite

—  Moist paste of 
ammonium chloride 
(electrolyte)

—  Outer casing of Zn (anode)
T

Metal bottom (-)

Fig. 8 .8 . A zinc-carbon dry cell.
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(a) Zinc-carbon dry cell (Leclanche Cell)

The zinc-carbon dry cell consists of a graphite rod and an outer casing of 
zinc, which act as electrodes for the following half-reactions to occur:

Anode : Zn(s) — ► Zn2+ (aq) -I- 2e“ ,

Cathode : 2Mn02 (s) +  2NH4+ (aq) +  2e“

— + Mn20 3(s) +  2NH3(aq) +  H20(1),

Overall cell reaction : Zn(s) +  2M n02(s) +  2NH4+ (aq)

— » Zn2+ (aq) +  Mn20 3(s) +  2NH3(aq) +  H20(1).

This cell is commonly used in flashlights, clocks, toy cars, etc. because of 
its low production cost. The battery has a very limited shelf life even with
out usage because of the possible reaction between the zinc metal and the 
acidic NH4+ ion. Once the zinc casing has been corroded, chemical leakages 
can occur.

(b) Alkaline dry cell
The electrodes that are involved in the electrochemical reaction of an alka
line dry cell are similar to the zinc-carbon dry cell, except that the acidic 
NH4C1 electrolyte is replaced by alkaline KOH:

Anode: Zn(s) +  20 H “ (aq) — ♦ ZnO(s) -I- H20(1) +  2e ,

Cathode: 2M n02(s) +  H20(1) -I- 2e~ — * Mn20 3(s) +  20H  (aq), 

Overall cell reaction: Zn(s) +  2M n02(s) ♦ ZnO(s) +  Mn20 3(s).

The alkaline dry cell is much more durable than the zinc-carbon dry cell 
because there is no corrosion of Zn.

(c) Ni-Cd Rechargeable Cell
As compared to the dry cell, the economic cost of the Ni-Cd rechargeable 
cell is higher. But the multiple recharges possible with this cell have ma e its 
usage worthwhile. The electrochemical reactions that occur are as о о

Anode: Cd(s) +  2 0H “ (aq) — * Cd(OH)2(s) +  2e , 

Cathode: NiO(OH) (s) +  H20(1) +  e '  — * Ni(OH)2(s) +  OH (aq),
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Overall cell reaction:

Cd(s) +  2NiO(OH)(s) +  2H20(1) — ► Cd(OH)2(s) +  2Ni(OH)2(s).

Other types of cells

As science and technology advances, new inventions in electrochemical cells 
have been made to meet the demand for smaller size, lower mass, higher 
voltage, longer lifespan, greater reliability, and quicker recharging. These 
new electrochemical cells are now used in various applications such as in 
electric vehicles, mobile phones, laptops, cardiac pacemakers, etc. Two such 
environmentally friendly inventions that have increased in popularity in 
recent years during the current era of energy conservation are fuel cells and 
solar cells.

(d) Fuel cells

The biggest difference between a fuel cell and other electrochemical cells 
that have been discussed so far is that the fuel cell does not deplete its 
supply of electrical energy as long as reactants are continuously being “fed” 
into the cell. The oxidising agent, oxygen gas, is supplied to the cathode 
compartment whereas the fuel, which can be hydrogen gas, hydrazine (H2N- 

NH2), methanol (CH3OH), sugar (СбН120б) and other organic compounds, 
is fed to the anode compartment:

Anode: 2H2 +  4 0H “ — > 4H20  +  4e“ ,

H2N-NH2 +  4 0H ” — ► 4H20  +  N2 +  4e~,

CH3OH +  60H “ — > 5H20  +  C 0 2 +  6e“ ,

C6Hi20 6 +  240H " — > 18H20  +  6 C 0 2 +  24e~,

Cathode : 0 2 +  2H20  +  4e~ — > 4 0H “ .

The greater the number of electrons generated in the anodic process, the 
greater the amount of electrical energy generated. Besides sodium hydroxide, 
sulfuric acid can also be used. Both electrolytes are known for causing high 
temperature corrosion to the steel materials used to construct fuel cells.

The fuel cell is popular due to the non-polluting products that are gener
ated and its high energy efficiency. The main drawbacks arise from expensive 
noble metals such as platinum and palladium being used as electrodes and 
the high temperature that must be maintained to increase the electrical 
mobility of the sodium hydroxide electrolyte.
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Resistor

Electrolyte: 
aqueous NaOH

Fig . 8 .9 . A hydrogen-oxygen fuel cell.

(e) Solar cell or photovoltaic cell

The solar cell is basically made of semiconductive materials that can convert 
solar energy into more useful electrical energy. When light falls on certain 
materials, such as specially treated silicon, it generates a flow of electricity 
which can do useful work. Solar powered cars are environmentally friendly 
and use a sustainable energy source. The main drawbacks are the cost of 
construction and the lack of functionality in the absence of sunlight.

8.6 Electrolysis
Electrochemical cells generate electricity from the spontaneous redox reac
tions that take place. We can also make a non-spontaneous electrochemical 
change occur, but for this, we need to input electricity. This process of pass
ing an electric current to force an otherwise non-spontaneous redox reaction 
to occur is known as electrolysis, and the set-up is termed the electrolytic 
cell (see Fig. 8.10).

The main component of an electrolytic cell is an electrolyte, which is 
usually an aqueous solution with dissolved ions or molten salts such as 
sodium chloride. Reduction takes place at the cathode, which is negatively 
charged, and oxidation occurs at the anode, which is positively charged.
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Voltaic cell
Cathode ГГТ 77 Anode 
reduction LL?_______LLI oxidation

_ ............ ....
+ -

2NaCI(l) -4  2Na(l) + Cl2(g)

Fig . 8 .10 .

When electricity is applied to the electrodes, the electrolyte provides ions 
that migrate to one of the two electrodes based on the concept of “opposites 
attract” . Positive ions (cations) are attracted to the negative electrode (cath
ode) and move towards it. Since the cathode is electron-rich, the cations 
accept these electrons and are reduced. Negative ions (anions) are attracted 
to the positive electrode (anode) and move towards it. At the anode, the 
anions lose electrons and are oxidised.

For both the voltaic cell and the electrolytic cell, the anode is always 
where oxidation occurs and the cathode is always where reduction occurs. 
The phrase “.An ox charges red” may help you to remember this. Electrons 
flow from the anode to the cathode. However, the polarities of the electrodes 
in each cell are different. In the voltaic cell, the anode is the negative elec
trode and the cathode is the positive electrode. The polarities are reversed 
in the electrolytic cell.

8.6.1 Faraday’s laws of electrolysis

Faraday’s laws of electrolysis provide the quantitative relationship between 
electricity and chemical change.
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Farad ay’s F irs t Law o f E lectro ly sis: The mass of the substance and/or 
the volume of gas liberated during electrolysis is directly proportional to 
the amount of charge that passes through the cell.

F arad ay’s Second Law o f E lectro lysis: The amount of charge required 
to discharge one mole of an element depends on the charge г on the ion.

The amount of charge Q in coulombs (C) is the product of current I  in 
amperes (A or Cs- 1 ) and time t in seconds (s), i.e.,

Q =  I  x t .

1 С of charge is the electric charge passed by a current of 1 A in 1 s.

One faraday F  is th e  charge (in С m ol-1 ) carried  by one m ole of 
electron s:

F  =  Le,

where

L =  Avogadro constant =  6.02 x 1023mol-1 , 
e =  charge on an electron =  —1.60 x 10“ 19 C,

F  =  96,500 С т о Г 1.

In other words,

Amount of e -  =  ^ .

The amount of charge required to discharge one mole of the following ions 
has been found experimentally to be:

lm ol Ag+ : 1 x 9 .6 5 x 1 0 “ C,

1 mol Cu2+ : 2 x 9.65 x 104 C,

1 mol Al3+ : 3 x 9.65 x 104 C,

since

Ag+ +  le -  ^  Ag,

Cu2+ +  2e“ ^  Cu,

Al3+ +  3e" -  Al.

Hence one mole of Ag+, Cu2+ and Al3+ requires 1, 2 and 3 faradays, respec- 
tively, to discharge at the cathode.
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E xam p le : How many grams of copper are deposited at the cathode of an 
electrolytic cell if an electric current of 2.00 A is run through an electrolytic 
cell comprising a solution of copper(II) sulfate, CuSO ^aq), for a period of
20.0 minutes?

So lu tion :

Amount of charge passed Q — I  • t

=  2.00 x 20.0 x 60

=  2400 C.
2400 .

The amount of electrons passed through =  mol.
yoouu

Prom the reduction half-equation Cu2+ (aq) +  2e~ — ♦ Cu(s), two moles of 
e” deposits one mole of Cu(s). Therefore,

2400 , r . (  2400 \ 0 , r r .  / \mol of e deposits I 4- 2 mol of Cu(s).
96500 r  \ 96500 ̂

/ 2400 \
Hence, mass of Cu(s) deposited =  I ——-г  t 2 x  63.5

\ 9 o 5 u U  )

=  0.790 g.

The electrolysis will deposit 0.790 g of copper at the cathode.

Exam p le: How much time will it take to deposit 1.00 g of chromium when 
an electric current of 0.120 A flows through an electrolytic cell containing a 
solution of chromium(III) sulfate, Cr2(S04)3(aq)?

Solution:

Cr3+ (aq) +  3e“ — ♦ Cr(s).

1 mol of Cr requires 3 mol of electrons.

1 mol of electrons carries 96,500 С of charges.

Therefore,

1.00 g of Cr requires x 3 x 96,500 С of charges.

1 .00
—  x 3 x 96,500 =  0.120 x t

Q =  I t  

) =  0.12 

t =  46,394 s «  12.9 hrs.
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8.6.2 Selective discharge o f ions

When an electrical potential is applied across the two electrodes in an elec
trolytic cell, not all species undergo simultaneous discharge, i.e., are oxidised 
or reduced. There is preferential discharge of certain species over others and 
this is influenced by

• the electrode potentials of the species,
• the relative concentrations of the species (refer to Sec. 8.6.3.4 on The 

Electrolysis of Brine),
• the nature of the electrolyte, and
• the nature of the electrode.

E xam ple: T h e  use o f m olten  versus aqueous electro lyte

• When molten sodium chloride is electrolysed using graphite electrodes, 
the following reactions occur:

At the cathode: Na+ (1) +  e * Na(l),

At the anode: 2C1“ (1) — * Cb(g) +  2e .

However, if the electrolyte is aqueous sodium chloride, there are three 
types of species, Na+ (aq), H+ (aq) and H20  molecules, competing or t e 
reaction at the cathode. The electrode potentials can be use to pre 
the result of the competition.

• Competing reactions:
Reduction can occur for both Na+ ions and H2O molecu es. owever, 
based on the E e data below, H2O has a greater tendency to e le uce 
and is thus preferentially discharged:

2H+ (aq) +  2e” ^  H2 (g), =  0.00 V,

Na+ (aq) +  e "  ^  Na(s), Е»  =  -2 .7 1  V,

2H20(1) +  2e - ^  H2(g) +  20H -(aq), E *  =  -0 .8 3  V.

T he first reaction will go forward more readily than the second (since its 
E °  is more positive). But it is unlikely to happen as the concentration of
H+ is extremely low (10_ 7 moldm 3)!

H20  is more easily discharged (accepts electrons more readily) than
Na+ . Hence, the cathode reaction is:

2HjO(l) +  2e" —  H2(g) + 20H-(aq).
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Likewise at the anode,

0 2(g) 4- 2H20(1) +  4e“ ^  4 0 H - (aq), E *  =  +0.40 V,

Cl2(g) +  2e“ ^  2С Г  (aq), E *  =  +1.36 V,

0 2(g) +  4H+ (aq) +  4e“ ^  2H20(1), E * =  +1.23 V.

OH-  is preferentially discharged, but it is unlikely to happen as the con
centration of OH-  is extremely low (10-7  mol dm- 3 )! Based on the E °  
data above, H20  has a greater tendency to be oxidised and is preferen
tially discharged. Hence, the anode reaction is:

2H20(1) — * 0 2(g) +  4H+ (aq) +  4e“

Overall, the electrolysis of NaCl(aq) results in the electrolysis of water!

E xam ple: T h e  use o f active versus in ert e lectro d es

• When aqueous copper(II) sulfate is electrolysed using active copper elec
trodes, there are competing reactions.

Reduction can occur for H+ , Cu2+, S 0 42 - ions and H20  molecules. But 
due to the low concentration of H+ (10-7  mol dm-3 ), it is not reduced. 
Now, based on the E *  data below, Cu2-1" has the greatest tendency to be 
reduced and is thus preferentially discharged:

Cu2+ (aq) +  2e-  ^  Cu(s), E *  =  + 0 .3 4  V,

2H20(1) +  2e-  ^  H2(g) +  2 0H “ (aq), E *  =  - 0 .8 3  V,

S 0 42_ (aq) +  4H+ (aq) +  2e" ^  S 0 2(g) +  2H20(1), E * =  +  0.17 V.

Therefore at the cathode:

Cu2+ (aq) +  2e-  — » Cu(s).

Oxidation can occur for Cu metal, S 0 42- ions and H20  molecules (the 
concentration of OH-  is too low for it to be oxidised). Based on the 
E 0 data below, Cu has the greatest tendency to be oxidised and is thus 
preferentially discharged:

Cu2+ (aq) +  2e“ ^  Cu(s), E e =  + 0.34 V,

0 2(g) +  4H+(aq) +  4e-  ^  2H20(1), E *  =  + 1.23 V,

S20 82- (aq) +  2e- ^  2 S 0 42-(a q ), E *  =  +2.01 V

Therefore, at the anode:

Cu(s) — * Cu2+(aq) +  2e- .
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• When aqueous copper(II) sulfate is electrolysed using inert graphite elec
trodes, the competing reduction processes are similar to the case when 
active electrodes are used. Cu2+ is preferentially discharged.

At the cathode: Cu2+ (aq) +  2e“ — * Cu(s).

As for oxidation, there are only S 0 42- ions and H2O molecules competing 
with each other. Based on the E e data below, H2O has a greater tendency 
to be oxidised and is thus preferentially discharged:

0 2(g) +  4H+(aq) +  4e“ ^  2H20(1), E °  =  +1.23 V, 

S20 82-(a q ) +  2e" ^  2 S 0 42'(a q ) , Е» =  + 2.01 V.

Therefore, at the anode:

2H20(1) — ♦ 0 2(g) +  4H+ (aq) +  4e“ .

8 .6 .3  Industrial uses o f electrolysis

8.6.3.1 Electroplating

1 г- ^ мй- 1

И
pr /

J8'
J

Silver Щ P Metal to be plated
(anode)

Ag+(aq)

(Cathode)

Fig. 8.11.

Electroplating is primarily used to coat a thin layer of material (of desir
able properties) onto another material (which lacks the desired property). 
For instance, a popular use is in the electroplating of jewellery. Inexpensive 
jewellery is often coated with a thin layer of a precious metal such as silver 
or gold.

The piece of metal to be coated with silver is made the cathode. This 
cathode is placed into an electrolytic solution that contains the ions of the 
coating material, i.e., Ag+ ions.

Q : Why do we make the metal to be plated be the cathode?
A: The objective is to have the metal ions be reduced and get deposited as 

a coat. This can only occur at the cathode as it is a reduction electrode.
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The coating material, i.e., Ag(s), is made the anode.
When electricity is passed through, the Ag+ ions in the solution will 

migrate to the cathode and undergo reduction to form Ag(s) on the surface 
of the cathode.

8.6.3.2 The anodising of aluminium

Anodising refers to the growing of an oxide film on certain metals, like
aluminium, using an electrolytic process. This layer of aluminium oxide is
of substantial commercial and technological importance as it prevents the
corrosion of automobile and aerospace structures and it provides electrical 
insulation.

Q. Why is aluminium highly corrosion resistant although it has a very neg
ative E *  value?

Al3+ (aq) +  3e~ ;=± Al(s), E e =  - 1.66 V.

A. The corrosion resistance of aluminium is due to the surface coating of 
aluminium oxide that is impervious and hence protects the underlying 
metal from further chemical attack by air and water.

Although such a protective coating can be formed naturally in air, the layer 
is not thick enough. Therefore, the process of anodisation is used to increase 
the protective surface coating on aluminium objects.

Anodisation of aluminium is usually carried out in a sulfuric acid elec
trolyte where the aluminium workpiece to be anodised is used as the 
anode. During the electrolytic process of anodisation, oxygen gas is dis
charged at the anode, which reacts with the unoxidised aluminium metal to 
form a thick aluminium(III) oxide layer. The freshly formed film can then 
further be dyed to give colour-anodised aluminium. The cathode can be 
graphite, stainless steel or other electrical conductors that are inert in the 
anodising bath.

Q. If the electrolyte is sulfuric acid, doesn’t the amphoteric AI2O3 react 
with it?

A. Yes indeed, it does react. But the rate of reaction is slower than its
formation. In addition, we are using dilute sulfuric acid, so the reaction

oes not pose a serious problem. In fact, we are interested in creating a
poious layer of aluminium oxide through the reaction of the oxide and
su uric acid so that we can adhere other chemicals such as dye to the 
surface later.
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Half-cell reactions:

At the anode (the aluminium object):

2H20(1) — > 0 2(g) +  4H+ (aq) +  4e~,

4Al(s) +  3 0 2(g) — > 2A120 3(s).

At the graphite cathode: 2H+ (aq) +  2e“ — * H2(g).

8.6.3.3 Purification of copper (refining of copper)

The purity of copper is about 99% when it is first obtained from its ore. The 
presence of main impurities such as silver, platinum, iron, gold and zinc, 
decreases the electrical conductivity of the metal. So to further enhance 
the electrical conductivity, impure copper must be purified before being 
used.

A piece of pure copper is made the cathode. The piece of impure copper to 
be refined is made the anode. Both electrodes are placed into the electrolytic 
solution of CuS04 (aq). When electricity is passed through, the following 
reactions will occur at the electrodes:

At the cathode: Cu2+ (aq) +  2e" — ♦ Cu(s),

At the anode: Cu(s) — ♦ Cu2+ (aq) +  2e .

Reddish-brown Cu(s) will be deposited at the cathode. As for the anode, it 
will dissolve over a period of time and its mass reduced.

Impure copper 
(anode)

C uS 04
solution

^  -

Pure copper 
(Cathode)

Impurities
(sludge)

Fig . 8 .12 . Purification of copper by electrolysis.
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A node sludge

At the anode, other than copper, metals such as zinc and iron, which are 
more easily oxidised than copper, are also oxidised to form the dissolved ions. 
Once formed, these ions do not undergo reduction at the cathode because 
they are less preferentially discharged than the Cu2+ ion. Metal impurities 
that are less reactive than copper, such as silver and gold, simply drop to the 
bottom of the electrolytic bath as anode sludge. The recovery of silver, gold 
and platinum from the anode sludge is an important revenue in carrying 
out the purification process.

8.6.3.4 The electrolysis of brine

Brine, which is simply saturated sodium chloride solution, is an important 
starting material for the production of hydrogen, chlorine gases and sodium 
hydroxide. The reaction of chlorine gas and sodium hydroxide is important 
for the production of sodium chlorate(I) (NaCIO) a powerful oxidising agent, 
which acts as the active ingredient in bleaching agents. A diaphragm cell is 
normally used in the electrolytic production of sodium hydroxide and chlo
rine, by introducing purified brine into the anode compartment. The anode 
compartment is separated from the cathode compartment by a permeable 
diaphragm made of asbestos fibre.

A t th e  cathode, reduction can occur for H+ , Na+ ions and H2O 
molecules. But due to the low concentration of H+ (10-7  mol dm- 3 ), it would

Chlorine

Brine — ►

Hydrogen

Sodium
hydroxide

Asbestos _ 
Titanium diaphragm Steel 

anode cathode

Electrolysis of brine

Fig . 8 .1 3 . A diaphragm cell.
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not be reduced. Thus, water is much more easily reduced than Na+ , forming 
hydrogen gas:

2H20(1) +  2e" — > H2(g) +  20 H -(a q ).

At the anode, OH-  is preferentially discharged but this is unlikely 
to happen as the concentration of OH-  is extremely low (10- 7 moldm-3 )! 
Based on the E e data, H20  has a greater tendency to be oxidised (as com
pared with Sec. 8.6.2) but it would not undergo oxidation because of the 
high concentration of Cl-  ions:

Cl2(g) +  2e" ^  2С Г  (aq), Е»  =  +1.36 V,

0 2(g) +  4H+(aq) +  4e“ ^  2H20(1), Е» =  +1.23 V.

Hence, under such non-standard conditions where the prediction using the 
E °  value does not work, the anode reaction involves Cl“ (aq) being dis
charged to form Cl2(g):

2 С Г (aq) — > Cl2(g) +  2e " .

Due to the corrosive nature of chlorine gas, the anode metal is made of 
titanium.

O verall reactio n :

2Na+(aq) +  2 С Г  (aq) +  2H2Q(1) — > H2(g) +  Cl2(g)

2NaCl(aq)
+  2Na+ (aq) +  20H "(aq).

4 ■ -  v'
2NaOH(aq)

Q: Why do the two gaseous products, hydrogen and chlorine, have to be
prevented from mixing?

A : Mixtures of H2 and Cl2 are highly reactive when they come into contact; 
thus they need to be separated. In addition, this allows for H2 and Cl2 

to be sold as separate chemicals.

The asbestos diaphragm also prevents the mixing of sodium hydroxide 
and chlorine gas, where the chlorine can disproportionate to form sodium 
chlorate(I) solution:

2NaOH(aq) +  Cl2(g) — ♦ NaClO(aq) +  NaCl(aq) +  H20(1).

In addition, the level of liquid in the anode compartment is kept at a highei 
level than that in the cathode compartment so that the brine will seep
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through the diaphragm in one direction. Back flow from the cathode com
partment to the anode compartment is prevented to avoid the mixing of 
products formed from the two compartments.

Since not all the chloride ions are oxidised in the anode compartment, 
some of it would seep through the asbestos into the cathode compartment. 
Thus, the solution of sodium hydroxide which is formed in the cathode 
compartment also contains about 15% sodium chloride. This is evaporated; 
solid NaCl crystallises and is removed leaving a solution containing 50% by 
mass sodium hydroxide and only 1% sodium chloride.

My Tutorial (Chapter 8)

1. (a) An aqueous solution of hydrogen peroxide, H2O2 , decomposes in the 
presence of a catalyst according to the equation:

2H20 2(aq) -> 2H20(1) +  0 2 (g).

(i) Calculate the number of moles of H2O2 required to produce 
10 dm3 of oxygen gas measured at room temperature and pres
sure.

(ii) The number of moles of ЩОг calculated in (a)(i) is present in
1 dm3 of H20 2 solution. Calculate the volume of this solution 
required to make 250 cm3 of a 0.200 mol dm“ 3 solution by dilu
tion with water.

(b) Calculate the mass of potassium manganate(VII), KM11O4 , 
required to make 200  cm3 of solution having a concentration of 
0.040 moldm~3.

(c) When 20.0 cm3 of the 0.200 mol dm- 3  solution of H2O2 is acidified 
with sulfuric(VI) acid and titrated against a 0.040 mol dm- 3  solution 
of potassium manganate(VII), 40.0 cm3 of the latter is required for 
a complete reaction.

(i) Calculate the number of moles of K M n04 in 40.0 cm3 of 
0.040 mol dm-3  solution.

(ii) Calculate the number of moles of H2O2 in 2 0 .0  cm3 of 
0.200  mol dm-3  solution.

(iii) Hence deduce the number of moles of H2O2 that react with
1 mole of KM n04.

(iv) Give a balanced equation for the reaction taking place in the 
titration.
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(v) Explain why dilute hydrochloric acid is not used for acidifica
tion.

(vi) Why is potassium manganate(VII) usually placed in a burette, 
despite the difficulties it presents in reading the burette?

(d) The solution at the end of this reaction contains potassium sul- 
fate(VI) and manganese(II) sulfate(VI) only.

(i) Write formulas for the cations present in this aqueous solution.
(ii) Treatment of the solution with dilute sodium hydroxide gives 

a precipitate that does not dissolve in excess sodium hydroxide 
solution. Identify the precipitate by name or formula.

2. (a) Explain the meaning of the term oxidation in terms of

(i) electron transfer, and
(ii) change in oxidation number (oxidation state).

(b) What is the oxidation number of nitrogen in hydroxylamine, 
NH2OH?

(c) (i) Write down the half-equations for the oxidation of iron(II) to
iron (III) ions and the reduction of manganate(VII) to man- 
ganese(II) ions under acidic conditions.

(ii) Deduce the ionic equation for the reaction between iron(II) ions 
and manganate(VII) ions under acidic conditions.

(d) The following experiment is used to determine the equation for the 
reaction between hydroxylamine and iron(III) ions. 0.074g of hydrox
ylamine is dissolved in water and made up to 50.0 cm3. The solution 
is reacted with ал excess solution of an acidified iron(III) salt. When 
the reaction is completed, the iron(II) produced requires 44.8 cm3 of
0.0200 mol dm-3 potassium manganate(VII) solution to oxidise the 
iron(II) back to iron(III).

(i) Calculate the amount of hydroxylamine used in the reaction.
(ii) Calculate the amount of iron(II) formed in the reaction.

(iii) Determine the molar ratio of iron(III) to hydroxylamine reacting 
together.

(iv) Using both parts (b) and (d)(iii), deduce the oxidation number 
of nitrogen in the product.

(v) Which of the possible nitrogen containing compounds, NO, 
N20 , N20 4, N2 and NH3, is the most likely product of the reac
tion.
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(vi) Write the equation for the reaction between hydroxylamine and 
iron(III) ions.

3. A possibility for the future is to use electric cars that generate their 
own electricity. Instead of burning methanol in an internal combustion 
engine, methanol could be used to power a fuel cell in the car. The fuel 
cell generates an electric current which drives an electric motor. The fuel 
and oxygen are fed continuously to two electrodes immersed in an acidic 
electrolyte solution. The electrodes are made of platinum dispersed onto 
a porous carbon support.

(a) Write half-equations for the reactions that take place at the anode 
and the cathode of the fuel cell, and combine these to give an overall 
equation for the cell reaction.

(b) Explain where the energy that powers the electric motor comes from.
(c) Explain why the fuel cell is much more environmentally sound than 

a conventional internal combustion engine.
(d) One refinement of the fuel cell design is to replace the acidic elec

trolyte solution with a film of solid H+ ion-conducting electrolyte. 
Explain why this would be an improvement.

4. Tin cans made of tin-plated iron are used to preserve food. Tin has the 
advantages that it corrodes much less readily than iron and that it forms 
a protective layer protecting the iron from rusting. When the coating is 
scratched, however, the iron rusts faster when it is in contact with tin. 
Fortunately, neither Fe2+ nor Sn2+ ions are toxic.

(a) State two substances that are necessaxy for iron to rust and from 
which iron is protected by the tin layer.

(b) Write a balanced equation for the reaction where the presence of tin 
ions encourages the iron to corrode.

(c) Write a balanced equation for the corrosion of iron.
(d) Rust is often given the formula РегОз.жНгО, where x takes variable 

non-integral values. Calculate the value of x for a sample of rust that 
loses 22% mass (as steam) when heated to constant mass.

(e) An underground iron pipe is less likely to corrode if bonded at inter
vals to magnesium stakes. Give a reason for this. Explain why alu
minium would be a poor substitute for magnesium.

5. This question concerns the lead-acid battery. The following data will be 
required:
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E~(V)

P b 0 2(s) +  4H+(aq) +  S 0 42"(aq ) +  2e" ^  P b S 04(s) +  2H20(1) +1.69  

P b S 04(s) +  2e~ ^  Pb(s) +  SO42"  (aq) -0 .3 6

(a) The lead-acid battery is one form of storage cell. What substance is 
used for:

(i) the negative pole,
(ii) the positive pole, and

(iii) the electrolyte.
(b) Give the equation for the overall cell reaction during discharge.
(c) Calculate the e.m.f. of the cell.
(d) A storage cell, as used in the lead-acid battery, is a simple cell in 

which the reactions are reversible, i.e., once the chemicals have been 
used up they can be re-formed. Write an equation for the chemical 
reaction that occurs on charging.

(e) Give one disadvantage of such batteries used in cars.



.

_



CHAPTER 9

The Periodic Table —  Chemical 
Periodicity

In previous chapters, we have seen how atoms participate in reactions, 
rearranging themselves to form new entities. We have studied these reactions 
from various angles. Thermodynamically and kinetically, we try to account 
for the spontaneity of such reactions in terms of structure and bonding. 
We have also attributed their chemical properties, such as equilibria and 
redox, in terms of the physical properties of substances.

In this chapter, and in fact the following two chapters, we will apply the 
theories we have learnt in the prior Physical Chemistry section to under 
stand both the physical and chemical properties of some of the elements in 
the periodic table. We will dwell on the basics of Inorganic Chemistry, which 
deals with the study of elements and compounds that are not carbon base 
with the exception of organometallic compounds [e.g., В(СНз)з], caibonates
and oxides. ,

There seem to be a lot of elements to cover in the periodic table. s as 
is made simpler by recognising the periodicity, in other woids, the patterns, 
that lie within the periodic table which allow us to study the piopeities о 
the elements, as collective groups, and even to predict the properties о a 
element that we are not familiar with just by analysing its location
Periodic Table. . . , .

First of all elements are placed in order of increasing atomic num
the Periodic Table. , ^ , Mnniber

An element’s position is defined by two numbers: the Period Nun
and the Group Number. frt .nr£ic

Period numbers, assigned to the horizontal rows, in ica e
for an atom of a specific element:

.  the valence (outermost) principal quantum shell that contains

.  the total number of principal quantum shells that contain electrons.

357
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An element in Period 3 will have a n =  3 valence principal quantum shell 
and correspondingly a total of three principal quantum shells that contain 
electrons.

Group numbers, assigned to the vertical columns, represent the number 
of valence electrons in the valence principal quantum shell.

The combination of these two numbers reflects the element’s elec
tronic configuration. It can therefore be inferred for an atom such as 15P, 
which is located in Period 3 and Group 5, that it has three principal 
quantum shells of electrons and the valence principal quantum shell con
tains five electrons. This means that the valence shell electronic configu
ration of P is 3s23p3 and the electronic configuration of P is written as 
ls 22s22p63s23p3.

Take note that the outermost principal quantum shell may not necessar
ily be completely filled with electrons.

Since chemical reactions involve the valence shell electrons, an ele
ment’s chemical properties are determined by its valence electrons. 
Elements with similar chemical properties are grouped into specific 
columns and also blocks, with each block denoting the type of valence 
subshell:

• s block: Consists of hydrogen, helium, elements in Group 1 (alkali met
als) and Group 2 (alkaline earth metals), all with the s subshell filled 
with electrons. With the exception of hydrogen and helium, these ele
ments axe highly reactive and are powerful reducing agents. Unlike the 
metals in the d block, Group 1 and 2  metals are soft with low melting 
points.

• p block: Consists of elements in Groups 3 to 8 , all with the p sub
shell as the highest energy subshell that is filled with electron(s). 
This group contains the non-metals, metalloids (semi-metals with prop
erties of both metals and non-metals) and certain metals such as 
lead.

• d block: Consists of elements that have partially or fully filled d subshell 
(d1 to d10). These elements are hard metals with high melting points. 
The chemistry behind these elements will be discussed in Chap. 11 on 
Transition Metal Chemistry.

• / block: Consists of the lanthanides (elements with atomic number 57-71) 
and the actinides (elements with atomic number 89-103). These elements 
have partially or fully filled / subshell.
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s block P block

H He

Li Be d block
В С N 0 F Ne

ArNa Mg А/ Si P S C l

К Ca Sc Ti V Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr

Rb Sr У Zr Nb Mo Tc Ru Rh Pd Ap Cd In Sn Sb Те 1 Xe

Cs Ba La* Hf Та W Re Os Ir Pt Au Hg Т/ Pb Bi Po At Rn

Fr Ra Ac* Rf Db Sg Bh Hs Mt Ds Rg Cn

f block
'Lanthanides Ce Pr Nd Pm Sm Eu Gd Tb Dy Ho Er Tm Vb Lu

** Actinides Th Pa U Np Pu Am Cm Bk Cf Es Fm Md No Lr

9.1 Atomic Structure and Period 3 Elements
In Chap. 1, we have learnt that the variations in physical properties, such 
ionisation energy, atomic size and electronegativity, of elements are pnma 
ily attributed to the degree of effective nuclear charge (ENC) experience
by the valence electrons. . . ..

These fundamental concepts are revisited in this chapter to exp ai 
trend in physical properties of elements in Period 3, excluding in some 
the noble gases. All noble gases have very stable electronic a r r a n g e m e , 
evidenced by their high ionisation energy, low affinity or a 
electrons, and general lack of reactivity.

Understanding the same set of concepts will allow you о ас 
trends among elements in other periods as well.

The properties covered in this section are:

(i) atomic radius,
(ii) ionic radius,

(iii) first ionisation energy, and
(iv) electronegativity.

9 .1 .1  Trend in atomic radius
Atomic radius generally decreases across a period because of greater effec

tive nuclear charge. Mue to the increas-
From Na to Ar, there is an mereasemn < ^ constant sinCe

ing number of protons) but the shielding  ̂period. Overall, the 
the number of inner core electrons is the sam
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effective nuclear charge increases across the period, resulting in electrons 
being pulled closer towards the nucleus.

This brings about two phenomena:

• a general decrease in atomic radius of elements, and
• a general increase in first ionisation energies of the elements across the 

period.

Q: Based on the above explanation, shouldn’t the Group 8 elements have 
smaller radii than those in Group 7? Why does the graph in Fig. 9.1 
indicate the contrary?

A: There are altogether three different types of measurement for atomic 
radius which depend on the nature of the elemental state of the sub
stance.

For elements that are metallic in nature, such as Na, Mg and Al, the atoms 
are packed together in a giant metallic lattice structure. Thus, when we 
measure the atomic radius, we are actually taking the distance from the 
centre of a nucleus of one atom to its immediate neighbour.

For elements that exist as either simple discrete molecules (such as CI2 , 
P 4 , Sg) or macromolecules (such as Si, B), the atomic radius is actually 
what we call the “covalent radius.” This is because when two atoms form a 
covalent bond, the electron clouds overlap, resulting in a smaller measure
ment of atomic radius as compared to if the atom exists alone in the metallic 
lattice.

F ig . 9 .1 . Trend in atomic radius.



The Periodic Table — Chemical Periodicity 361

As for Group 8 elements, they are all in the monatomic form. When we 
solidify them to measure the atomic radii, the weak van der Waals’ forces 
pull the atoms closer to one another. The proximity of the atoms is not as 
great as that in metals as there is actually a large space in between the 
atoms. The radius that is being determined is known as the van der Waals’ 
radius, which is a relatively large value, thus accounting for the plots in 
Fig. 9.1.

9.1.2 Trend in ionic radius

The ionic radius refers to the size of a spherical ion in a crystal lattice.

The cationic radius is smaller than the atomic radius.

О  О
calion neutral atom

When the valence electrons are removed, the resulting cation has fewer 
electrons than the neutral atom. The inter-electronic repulsion experienced 
by the electron cloud of the cation is less than in the neutral atom, and since 
both species have the same amount of nuclear charge, the net electrostatic 
attractive force on the electron cloud in the cation is greater than the neutral 
atom, resulting in smaller cationic size.

The cationic radius decreases from Na~*~ to Mg2+ to Al3+.

These three cations are iso-electronic, i.e., they have the same number of 
electrons. The inter-electronic repulsion experienced by the electron cloud 
of the three cations is the same but the amount of nuclear charge increases 
from Na+ to Mg2+ to Al3+. Thus, the net electrostatic attractive force on 
the electron cloud in the cation increases, resulting in smaller cationic size.

The anionic radius is greater than the atomic radius.

о о
neutral atom

When electrons are added to the valence shell, the resulting anion has more 
electrons than the neutral atom. The inter-electronic repulsion experienced 
by the electron cloud of the anion is greater than in the neutral atom, 
and since both species have the same amount of nucleai charge, the net
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electrostatic attractive force on the electron cloud in the anion is smaller 
than the neutral atom, resulting in greater anionic size.

The anionic radius decreases from P3~ to S2~ to Cl~.

These three anions are iso-electronic. The inter-electronic repulsion experi
enced by the electron cloud of the three anions is the same but the amount 
of nuclear charge increases from P3“ to S2- to Cl“ . Thus, the net electro
static attractive force on the electron cloud in the anion increases, resulting 
in smaller anionic size.

Atoms Na Mg A1 Si P S Cl
Atomic radii (pm) 186 160 143 117 110 104 99

О О О
Na Mg A1
186 160 143

• • •

Na+
95

Mg2+
65

<*« 
о

 
< 

^
О О О О

Ооо
Ions Na+ Mg2+ Al3+ Ps~ S2'  СГ
Ionic radii (pm) 95 65 50 212 184 181

In general, Group 4 elements do not have the tendency to form ions but 
rather share their electrons in forming covalent compounds.

9.1.3 Trend in first ionisation energy (1st I .E .)

1st ionisation energy generally increases across a period because of greater 
effective nuclear charge.

Prom Na to Ar, nuclear charge increases but the shielding effect is rel
atively constant. Overall, the effective nuclear charge increases, result
ing in electrons being pulled closer towards the nucleus. It becomes 
increasingly difficult to remove the valence electron, i.e., more energy is 
required, and thus 1st I.E. increases.

However, elements from the same period may have actual I.E. different 
from those predicted by the general trend. There are two possible attributes 
(more details in Chap. 1):

(i) removal of an electron from different subshells results in the 1st I.E. of 
A1 being lower than Mg;

(ii) removal of an electron facilitated by inter-electronic repulsion results in 
the 1st I.E. of S being lower than P.
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• Inter-electronic repulsion:

Example 1: Why does sulfur have a lower 1st I.E. than phosphorus?

P: ls 22s22p63s23p3 
S: ls 22s22p63s23p4
S has a lower 1st I.E. as less energy is required to remove one of the 
paired 3p electrons since there is inter-electronic repulsion between these 
electrons in the same orbital.

Example 2: Why does chlorine have a lower 2nd I.E. than sulfur?

Cl+: ls 22s22p63s23p4 
S+: ls 22s22p63s23p3
Cl has a lower 2nd I.E. as less energy is required to remove one of the 
paired 3p electrons since there is inter-electronic repulsion between these 
electrons in the same orbital.

• Removal of an electron further away from the nucleus

Example: Why does aluminium have a lower 1st I.E. than magnesium?

Mg: ls 22s22p63s2 
Al: ls 22s22p63s23p1
A1 has a lower 1st I.E. since less energy is needed to remove its 3p 
electron, which is at a higher energy level (i.e., further away rom 
nucleus) than the 3s electron of Mg.

1st I.E.

9 . 1 . 4  T ren d  in  electronegativity

Electronegativity refers to the ability of an atom in a m o le c u le  to 
shared electrons. The higher the effective nuclear charge, the higher

------------- —►
Atomic number
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electronegativity. Thus, we expect electronegativity to increase across a 
period (here again, with the exception of the noble gases).

Note the term “electronegativity” is used when considering a bonding 
atom’s ability to attract shared electrons. The term “electropositivity” has 
a directly opposite meaning to electronegativity; it refers to the ability of 
an atom to lose electrons.

9.2 Structure, Bonding and Period 3 Elements
In this section, we will see how structure and bonding influence the phys
ical properties of the elements. We will touch mainly on the following two 
properties:

• melting or boiling point, and
• electrical conductivity.

9.2.1 Variation in melting points and boiling points

Melting point refers to the temperature at which a pure solid is in equi
librium with its pure liquid at atmospheric pressure. It measures the 
amount of energy required to break down the regular arrangement of 
atoms/ions/molecules in a crystal lattice.

The variations in melting point of Period 3 elements are accounted for 
by the type of structure and the type of bonding or intermolecular forces 
that need to be overcome for the phase change to occur:

• Group 1-3: metals with giant metallic structures;
• Group 4: macromolecules with giant molecular structures;
• Group 5-7: discrete molecules with simple molecular structures.

Na, Mg and A1 are metals with giant m etallic structures. They have 
high melting points as a great amount of energy is needed to overcome the 
strong metallic bonds between the positively charged ions and the “sea of 
delocalised valence electrons.” The increasing melting point from Na to A1 
reflects the increasing strength of metallic bonds from Na to A1 due to the 
greater number of delocalised electrons available for metallic bonding.

Si has a macromolecular structure. Its melting point is very high as 
a large amount of heat energy is needed to overcome the strong S i-S i  
covalent bonds.



The Periodic Table — Chemical Periodicity 365

Elements P, S and Cl exist as discrete molecules with simple molec
ular structures, i.e., P 4 , S$ and Cb- Ar exists in the monatomic 
form. These elements have low melting points since less heat energy is 
required to overcome the weak instantaneous dipole—induced dipole 
(id—id) interactions between the molecules and, in the case of Ar, 
atoms.

The strength of id-id interactions depends on the polarisability of the 
electron cloud and hence on the number of electrons per molecule. Since 
the number of electrons decreases in the order Ss > P4 > Cfe > Ar, the 
strength of the id-id interactions and hence the melting point decreases in 
the same order. The greater Vie num

ber o f electrons present, 
the more polarisable the 
electron cloud._________

Similar arguments can be used to account for variations in boiling point 
of these elements.

9 .2 .2  Variation in electrical conductivity

Variation in electrical conductivity can also be explained in terms
structure and bonding involved for the elements.

Na, Mg and A1 are metals with giant metallic structures. T ey ar 
good conductors of electricity as there exist delocalised elections t c 
act as mobile charge carriers when a potential difference is app le . ®c n 
conductivity increases from Na to A1 due to the greater num er о 
calised electrons in the metallic structure.

Boiling
point
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Si has a giant molecular structure that comprises strong covalent S i-S i 
bonds. There are neither delocalised electrons nor ions that can act as 
charge carriers. Thus, Si does not conduct electricity.

Elements P, S and Cl exist as discrete molecules with simple molecular 
structures whereas Ar exists as atoms. For these four elements, there are 
neither delocalised electrons nor ions that can act as charge carriers. 
Thus, these elements do not conduct electricity.

The periodic trends of Period 3 are summarised as follows:

Group 1 2 3 4 5 6 7
Period 3 Na Mg A1 Si P S Cl
Type of 
element

Metal Metalloid Non-metal* 
Discrete molecules
(P 4, S8l Cl2)

Structure Giant metallic Giant molecular Simple molecular
Bonding Metallic bonding: 

Strong electrostatic 
forces of attraction 
between 
cation s and 
sea of delocalised  
valence electron s

Covalent bonding: 
Strong covalent 
bonds between 
atom s in the 
molecule. These 
bonds extend 
throughout the 
entire lattice.

Covalent bonding: 
Strong covalent 
bonds between 
a to m s in the 
molecule. Weak van 
der Waals’ forces of 
attraction between 
m olecu les.

Melting/ 
boiling points

High Very high Low

Conductivity Good Poor Nil

’ Group 8 elements, such as Ar and Ne, exist as atoms in all phases. Only weak id-id interactions 
exist between the atoms. We do not speak of molecules or covalent bonding for these elements.

9.3 Oxides and Chlorides of Period 3 Elements
When asked to describe what metals essentially are, you would most prob
ably list down characteristics that are typical of metals. Physical properties 
of metals include their good electrical conductivity, malleability and ductil
ity. Chemical properties of metals include their tendency to form cations, 
basic oxides, and act as strong reducing agents.

Why do metals behave this way in reactions? The underlying reason is 
due to the relative ease of removing electrons from metal atoms. This fact 
can be inferred from the low values of ionisation energy, electron affinity 
and electronegativity and also the negative standard reduction potentials. 
All these physical properties simply tell us that metals form cations with 
ease!
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When subjected to reaction with oxygen, metal atoms give up electrons, 
which are accepted by the oxygen atoms, forming oxide ions, e.g.,

2Na(s) +  i o 2(g) —  Na20(s).

On the other hand, as electronegativity values increase across the period, 
elements such as P, S, О and Cl have rather small differences in electronega
tivity values to the point that when they combine with each other, it is more 
energetically favourable to share electrons forming covalent bonds than to 
transfer electrons forming ionic bonds.

Thus, the reason ionic compounds are formed between a non-metal and 
a metal is primarily the large difference in their ability to accept electrons 
or to lose electrons.

As expected, non-metals readily accept electrons to form anions and 
acidic oxides, and behave as oxidising agents. They exhibit high values 
of ionisation energy, electron affinity, electronegativity, and also positive 
standard reduction potentials.

Of course, we may always quote counter examples, such as AICI3 being 
a covalent compound, that disagree with this general phenomenon. It is 
nonetheless useful in helping us to predict the type of compounds that are 
formed when elements come together in a reaction.

Thus, when the elements of Period 3 react with oxygen and chlorine 
(refer to subsequent sections), you will find that the metals form ionic com
pounds with these reactants (except AICI3), whereas non-metals form sim
ple molecules. Of interest in this chapter are the oxides of Na to S and the 
chlorides of Na to P.

E le m e n t R e actio n  w ith O xygen R eaction  with Chlorine

Possible
O xidation

S ta te

Na Reacts vigorously to form 
basic oxide Na20 :
2Na(s) +  5 0 2 (g) -»  Na20 (s )

Reacts vigorously to form 
NaCl:
2Na(s) +  Cl2 (g) -  2NaCl(s)

+ 1

Mg Reacts vigorously to form 
basic oxide MgO:
Mg(s) +  jO a(g) -  MgO(s)

Reacts vigorously to form 
MgCI2:
Mg(s) +  Cl2 (g) —► MgCl2 (s)

+ 2

A1 Vigorous reaction initially but 
the oxide layer formed soon 
prevents further reaction: 
2Al(s) +  § 0 2(g) -> Al20 3(s)

Reacts vigorously to form 
AICI3 :
Al(s) +  fC l2(g) -> AlCl3(s)

+ 3

( Continued)
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E le m e n t R e a c tio n  w ith  O xy gen

P o ss ib le
O x id a tio n

R e a c tio n  w ith  C h lo rin e  S ta te

Si Reacts slowly to form S i0 2: Reacts slowly to form SiCU: 
Si(s) +  0 2(g) -► S i0 2(s) Si(s) +  2C12(g) -> SiCl4(l)

Reacts vigorously to form 
P 4O6 and P 4O10 depending 
on reaction conditions:
4P (s) +  3 0 2(g) -*  P 40 6(s), 
4P(s) +  5 0 2(g) -► P40io(s)

Reacts slowly to form S 0 2> 
which oxidises very slowly to 
SO3 without a catalyst:
S(s) +  0 2 ( g ) - > S 0 2(g), 
2 S 0 2 (g) +  0 2(g) 2 S 0 3 (g)

Reacts slowly to form PCI3 
and PCI5 :
P(s) +  f  Cl2(g) -> PC13(1), 
P(s) +  |Cl2(g) -  PCl5(s)

+ 4  

+ 3 , + 5

+ 4, + 6

One important phenomenon to note is that the maximum oxidation state 
possible for an element is limited by the number of valence electrons the 
element has. The higher the oxidation state, the more likely the compound 
is covalent in nature.

When we talk about the degree of metallic character of an element, we 
are actually referring to the extent to which the element exhibits chemi
cal properties pertaining to metals. Thus, moving from left to right across 
Period 3, there is a decreasing degree of metallic character. This trend is 
a result of the increasing difficulty of removing valence electrons from the 
atoms since effective nuclear charge increases across the period. We then 
expect the strongest reducing agent to be francium (Fr), the bottommost 
member of Group 1 , and the strongest oxidising agent to be fluorine (F), 
the topmost member of Group 7.

Group

Period 3 Na Mg A1 Si Cl

Metallic
character

Decreases from left to right
Reactivity nature Reducing agents 
of elements

Oxidising agents



9.3.1 Oxides of Period 3 elements

9.3.1.1 Variation in melting points and boiling points
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Na20  and MgO have giant ionic structures with strong electrostatic forces 
of attraction between the oppositely charged ions in the ionic lattice. Mg2*  
has a greater charge and smaller ionic radius than Na+. These two factors 
result in a more exothermic lattice energy for MgO and consequently its 
higher melting point compared to Na20 . The presence of covalent character 
in А120 з diminishes the charge density of the Al3+ ion, resulting in a weaker 
ionic bond and hence a lower melting point than MgO.

Strength of ionic bond 
measured by Lattice 
energy oc ^ 7 7 .

Si0 2 has a giant covalent structure and its melting point is high as a 
large amount of heat energy is needed to overcome the strong S i-0  covalent 
bonds.

P4 O10 and SO3 have simple molecular structures. These elements have 
relatively low melting points since less energy is required to overcome the 
weak van der Waals’ forces of attraction that exist between the molecules. 
For these covalent oxides, the melting point is determined by the strength 
of the id-id interactions, which increases with an increase in the number 
of electrons per molecule. The melting point for P4O10 is thus higher than 
S 0 3.

Similar arguments can be made for the boiling points of the oxides, or 
any other groups of compounds. The general idea is to account for the 
data given using your knowledge about structure and bonding for the four 
types of compounds: metals, ionic compounds, macromolecules and simple 
covalent compounds.



370 Understanding Advanced Physical Inorganic Chemistry

9.3.1.2 Acid-base nature of the oxides

Generally, in crossing the period, we move from the ionic oxides of metals, 
which are basic, to the oxides of metalloids with giant covalent structure, 
which are weakly basic, weakly acidic or amphoteric, and finally to the 
simple molecular oxides of non-metals, which are acidic.

Basic oxides: Na20  and MgO 
Type of structure: Giant ionic structure
Type of bonding: Strong electrostatic forces between cations and anions

R eaction with H 2 O R eaction with Acid

Na20  Na20  reacts vigorously with H20 ,  
forming a strongly alkaline solution 
of pH 13-14:
Na20 (s )  +  H20(1) — 2Na+ (aq)

+  2 0 H “ (aq).

MgO MgO is only slightly soluble in H20 ,  
forming a weakly alkaline solution of 
pH 9.5-10.5:
MgO(s) +  H20(1) ^  Mg2+ (aq)

-f 20H ~(aq).
Its low solubility is attributed to the 
rather strong ionic bond, which holds 
ions more tightly.

Am photeric oxide: AI2O3
Type of structure: Giant ionic structure
Type of bonding: Strong electrostatic forces between cations and anions

Na20 (s )  +  2H+ (aq) — 2Na+ (aq) 
+  H20(1)

MgO(s) +  2H+ (aq) -> Mg2+(aq) 
+  H20(1)
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R ea ctio n  w ith  H 2O R eactio n  w ith A cid  and B ase

AI2O3 AI2O3 does not react with water Al20 3(s) +  6H+ (aq) — 2Al3+ (aq)
due to the extremely strong ionic +  3H20(1)
bond. The pH of solution remains Al20 3(s) +  2 0 H -(a q ) +  3H20(1)
neutral, i.e., pH =  7 at 25°C. -2 [A l(O H )4]“ (aq)

Acidic oxide: Si(>2
Type of structure: Giant molecular structure
Type of bonding: Strong covalent bonds between Si and 0  atoms throughout
the entire lattice

R e actio n  w ith  H 2O R eaction  w ith B ase

Si0 2  Si0 2  does not react with water due It only reacts with concentrated alkalis
to the extremely strong covalent forming silicate(IV) ions:
bond. The pH of solution remains S i0 2(s) +  2 0 H “ (aq) — S i032"  (aq)
neutral, i.e., pH =  7 at 25°C. +  H20(1)

Acidic oxides: P 4 O 1 0 , P 4 O 6 , SO3 and SO2
Type of structure: Simple molecular structure
Type of bonding: Strong covalent bonds between atoms within each discrete
molecule, and weak van der Waals’ forces of attraction between molecules

R eactio n  w ith  H 2 O R eaction  w ith B ase

P4O10 P4O10 reacts readily with water, PjOio(s) +  120H “ (aq) -  4 P 0 43-(aq )
forming a strongly acidic solution of +  6HaO(l)
pH 2 :
P 4Oio(s) +  6H20(1) -  4H3P 0 4 (aq)

phosphoric (V) acid

P4O6 P 4Og reacts readily with water, P40 6(s) +  120H -(aq ) -  4 P 0 33 - (aq)
forming a strongly acidic solution of +  6H20(1)
pH 2:
P 40 6(s) +  6H20(1) — 4 H3P 0 3 (aq)

phosphoric (III) acid

S O 3 S0 3 reacts readily with water, S 0 3(g) +  2 0 H -(a q ) - *  S 0 42'(a q )
forming a strongly acidic solution +  HsO(l)
of pH 2:
S 0 3 (g) +  HaO(l) -  H2S 0 4(aq)

Sulfuric acid
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R eaction  w ith H 2 O R e a ctio n  w ith  B a se

SO2 SO2 dissolves in water and an S 0 2(g) +  2 0 H -(a q ) -  S 0 32-(a q )
equilibrium is established: +  H20(1)
S 0 2(g) +  H20(1) ^  H2S 0 3(aq)

Sulfurous acid

Q: Why are metal oxides known as basic oxides whereas non-metal oxides 
are acidic oxides?

A: When one dissolves a metal oxide (provided it dissolves) such as Na20  
in water, there are two components in water, namely Na+ and O2 - . Na+ 
ions form ion-dipole interactions with water molecules but the charge 
density is not high enough for them to hydrolyse water molecules. On the 
other hand, the highly electron rich O2- ion has such a strong affinity 
for H+ that it actually abstracts a proton from an H20  molecule (i.e., 
O2- acts as the base and H20  is the acid, from the Br0 nsted-Lowry 
definition of acid and base):

0 2” + H 20 — >20H “ .

Unlike metal oxides, non-metal oxides contain the element covalently 
bonded to oxygen. The highly electronegative nature of the oxygen atom 
causes the non-metal element to be highly electron deficient. Since it 
carries a partial positive charge (<$+), it “welcomes” the attack by the 
lone pair of electrons from the water molecule. After the attack, H + is 
released, resulting in the formation of oxo-acids (molecular acids that 
contain oxygen).

Q: Why is А120 з  amphoteric, but Na20  and MgO are basic?
A: All three oxides are ionic, and the presence of the O2- ions make them 

basic, i.e., able to react with acid. However, Al3+ has a higher charge 
density than the other two cations and this allows the compound to 
react with a base (which is electron rich), hence giving rise to its acidic 
property. Other examples of amphoteric oxides include zinc oxide, tin 
oxide and water.

Q: Why is MgO partially soluble in water and both А120 з  and S i0 2 are 
insoluble in water?

A: If we want to know the reason as to why a particular ionic compound 
dissolves in water or why it does not dissolve, we need to consider two 
important energies: the amount of energy that is required to break up 
the lattice and the amount of energy that is released when the ions are
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hydrated. Thus, we can account for the low solubility of MgO and AI2O3 , 
simply because the energy that is released during hydration cannot com
pensate for the larger amount of energy that is required to break up the 
lattice (refer to Chap. 2 ). On the other hand, S i0 2 is a macromolecular 
compound and it is not energetically feasible to break its strong covalent 
bonds.

9.3.2 Chlorides of Period 3 elements

From Na to P, the chloride varies from ionic to covalent in character. This 
is because across the period, the electronegativity of the element increases, 
resulting in a reduced ability for the element to lose electrons. Therefore, 
forming a covalent compound is a more “preferred” choice!

9.3.2.1 Variation in melting points and boiling points

We will now see how the same principles regarding structure and bonding 
can be applied to account for the boiling point trend of the chlorides of 
Period 3 elements.

Both NaCl and MgCl2 have giant ionic structures with strong electro
static forces of attraction between the oppositely charged ions in the ionic 
lattice. The presence of covalent character in MgCl2 diminishes the charge 
density of the Mg2+ ion, resulting in a weaker ionic bond and hence a lower 
boiling point than NaCl.

On the other hand, A12C16, SiCl4 and PC15 are discrete molecules with 
simple molecular structures. These elements have low boiling points since 
less heat energy is required to overcome the weak van der Waals forces 
of attraction of the id-id type that exist between the molecules. For these 
covalent chlorides, the boiling point is determined by the strength of the id- 
id interactions, which increases with an increase in the number of electrons
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per molecule. Thus, AI2CI6 has the highest boiling point followed by PCI5 
and lastly SiCLj.

Take note that if AICI3 is used to plot the graph, then the boiling point is 
lower than SiCLt because the id-id interaction is weaker due to the smaller 
number of electrons for AICI3 . Similarly, if PCI3 is used, the boiling point 
of PCI3 should be lower than SiCLj for the same reason.

9.3.2.2 Acid-base nature of the chlorides

We have seen in the previous sec
tion that it is the O2- ions that 
render ionic oxides basic. When it 
comes to ionic chlorides, the Cl“ 
ion is unfortunately not electron- 
rich enough to abstract a H+ 
from a water molecule. Thus, when 
NaCl(s) is added to water, the Na+ 
and Cl ions merely get hydrated.

6H. 1 1
6+

,H

Na+C I “(s)
5+ 6- 8- 6+

5* < l  L > h*
H H

H

H ^ »  n 5+ 6+ n
o^H H-o -

P eriod  3 
Chloride

T y p e  of S tru ctu re  
and Bonding R e a ctio n  w ith  W a te r

NaCl Giant ionic structure:

Strong electrostatic 
forces of attraction 
between cations and

Dissolves readily in water, forming a neutral 
solution of pH 7:
NaCl(s) +  aq —► Na+ (aq) +  Cl_ (aq)

MgCl2
anions

Dissolves readily in water with a small extent of 
salt hydrolysis, forming a weakly acidic solution of 
pH 6.5:
MgCl2(s) +  6H20(1) -  [Mg(H20 ) 6]2+(aq)

+  2C1” (aq), 
(Mg(H20 ) 6]2+(aq) +  H20(1)

-  (M g(0H)(H20 ) 5]+ (aq) +  H3Q+ (aq)

( Continued)
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P erio d  3  
C h lo rid e

Type of Structure
and Bonding Reaction with W ater

AICI3 (or 
A12C16)

SiCL,

PCI3

PCI5

Simple molecular 
structure:
Strong covalent 
bonding between 
atoms in the 
discrete molecule.

Weak van der W aals’ 
forces of attraction  
between molecules.

Undergoes appreciable hydrolysis, producing HC1 
fumes; the resultant solution has pH =  3:
AlCl3 (s) +  6H20(1 ) -> [A1(H20 ) 6]3+ (aq) +  З С Г (а Ч), 
[Al(H20 ) 6]3+ (aq) +  H2 0(1 ) ^  [A1(0H )(H 2 0 ) 5]2+ (aq)

+  H3 0 + (a q )
with limited amount of water
AlCl3 (s) +  3H2 0 (1 ) —  Al(OH)3 (s) +  3HCl(g)

Readily hydrolyses in water, producing HC1 fumes; the 
resultant solution has pH =  2:
SiCl4(l) +  2H2 0(1 ) S i0 2 (s) +  4HCl(aq)

Readily hydrolyses in water, producing HC1 fumes; the 
resultant solution has pH =  2:
PC13 (1) +  3H2 0(1 ) -  H3P 0 3 (aq) +  3HCl(aq)

Readily hydrolyses in water, producing HC1 fumes; the 
resultant solution has pH =  2. The reaction of PCI5 is highly 
exothermic! Cold water or a  limited amount of water present 
can limit further hydrolysis of POCI3 . When the mole ratio  
of PC15 :H20  =  1:1 o r  when the water added is cold or in a 
limited am ount:
PC ls(s) +  H20(1 ) — PO Cl3 (aq) +  2HCl(aq). (i)
When more water is added:
PO Cl3 (aq) +  3H20(1 ) ->  H3 P 0 4 (aq) +  3 HCl(aq). (ii)
When excess water is added A N D  water is not cold:
PC l5 (s) +  4H20 (1 ) — H3 P 0 4 (aq) +  5HCl(aq)

(iii)= (i)+ (ii)

Q: Why is AICI3 regarded as a covalent and not an ionic compound?
A: We would expect aluminium chloride to be an ionic compound. However, 

the high charge density of the Al3+ ion and the highly polarisable Cl ion 
result in an accumulation of electron density in the inter-nuclei region, 
causing the formation of covalent bonds. For the compound AIF3 , the 
charge density of Al3+ is still high but the polarisability of F is not 
high. Thus, overall the compound is ionic in nature.

Q: Why is NaCl neutral in water but both MgCl2 and AICI3 give acidic 
solutions when dissolved in water?

A: Both Na+ and Cl“ ions are not able to break up the water molecule. 
But for Mg2+ and Al3+ ions, their charge densities are relatively high, 
with Al3+ much greater than Mg2+. These ions undergo hydrolysis in 
water, polarising the electron cloud of the surrounding water molecules 
to the extent that the HO-H bond in water is cleaved, and causing
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them to give up H+ ions which contribute to the acidity of the resultant
solution. The hydrolysis for the AICI3 solution is so appreciable that
when a carbonate or hydrogencarbonate is added to the solution, CO2
is evolved. Thus, it is not possible to isolate А12(СОз)з. There are other
cations such as Cr3+ and Fe3+ that behave similarly to Al3+.

Q. Why is Al3+(aq) not form when limited amount of water is added to 
AICI3?

A. With limited amount of water, the HC1 fumes form do not have a 
chance to dissolve and hence it escapes. Thus, acid-base reaction 

between А1(0Н)з and HCl(aq) does not take place, unlike when excess 
water is used.

The reaction of ionic compounds in water is mainly attributed to the reac
tivity of the ions that go into the aqueous phase. For non-metal chlorides, 
their effect on water is the same as that of non-metal oxides, i.e., producing 
acidic solutions. The acidity of both non-metal oxides and chlorides arises 
due to the electron-deficient non-metal centre.

The elements Si, P and S all have lower electronegativity values com
pared to Cl or 0 . Thus, when covalently bonded to Cl or О, each of these 
elements acquires a partial positive charge (<$+) and is electron deficient. 
These covalent molecules behave as Lewis acids, accepting the lone pair of 
electrons from an H2O molecule. The mechanism of the hydrolysis of SiCLi 
is believed to proceed as follows:

н

a \
Cl

/  Cl Cl

Cl\
Cl-----Si-----OH + HC1

С/

Subsequent attacks on the electron-deficient Si centre will eventually
yield Si(OH)4, which will spontaneously lose water to form hydrated Si0 2 -

Although carbon is in the same group as silicon, CCI4 does not hydrolyse
in water because of the much smaller size of the С atom relative to the large
Cl atoms which hinder the approach of the water molecule. In addition, С
cannot accommodate the lone pair of electrons from a water molecule since
it does not have vacant low-lying orbitals for expansion of the octet. See 
Fig. 9.2.
In summary:

An acidic solution may be accounted for by the presence of 
о a non-metal oxide or chloride,
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F ig . 9 .2 . Space filling models of ССЦ (left) and SiCLi (right), 

о a highly charged metal cation, or
о a salt containing the conjugate acid of a weak base (e.g., NH4+, 

CH3NH3+).

• A basic solution may be accounted for by the presence of 
о a soluble metal oxide, or
о a salt containing the conjugate base of a weak acid (e.g., CO32 - , 

CH3CO O -).

M y Tutorial (C hapter 9)
1. (a) Elements in the p block of the periodic table show great variation in

physical and chemical properties. Explain the reasons for this varia
tion, by reference to the properties of aluminium, silicon, phosphorus 
and chlorine.

(b) For any two of these elements explain how their large-scale uses are 
determined by their physical and chemical properties.

(c) Normal electric wiring consists of copper wire surrounded by 
polyvinyl chloride (PVC). In one type of electric wiring used in fire 
alarm systems, a copper wire is surrounded by solid magnesium oxide 
to act as an insulator, and then encased in a copper tube covered 
with PVC.
(i) What type of bonding is present in magnesium oxide? Hence 

explain how it can act as an insulator.
(ii) Suggest why magnesium oxide is preferred to PVC alone as an 

insulator in fire alarm systems.
2 . Aluminium chloride occurs in both the anhydrous state and in the 

hydrated state. The structure of the anhydrous state may be perceived 
as having the formula AICI3 . When water is added to solid anhydrous 
aluminium chloride, white acidic fumes are seen.
(a) Name the white acidic fumes.
(b) Write an equation for the reaction occurring.
(c) Explain by reference to the structure of AICI3 how the first step of 

this reaction occurs.
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(d) When water is added to hydrated aluminium chloride, no white fumes 
are observed. Explain this in terms of the bonding in hydrated alu
minium chloride.

(e) Hydrated aluminium chloride dissolves in water to give an acidic solu
tion. Explain why the solution is acidic with an appropriate equation.

3. NO2 reacts with aqueous sodium hydroxide according to the following 
equation:

20H " +  2N 02 — > N 02-  +  N 03“ +  H20 .

(a) What type of reaction is this? Justify your answer.
(b) Deduce the ionic half-equations for this reaction.

4. (a) Sodium hydroxide is manufactured by an electrolytic process using
a diaphragm cell.

(i) What is used as the electrolyte?
(ii) What material is each of the anode and cathode made of?

(iii) Give an equation for the reaction occurring at each of the elec
trodes.

(iv) Give one reason why it is necessary to separate the two elec
trodes in two compartments.

(v) Write an equation for the overall cell reaction.

(b) Give one large-scale industrial use for each of the following:
(i) chlorine;

(ii) hydrogen.

(c) Iron(III) oxide is a basic oxide. What type of oxide is:
(i) aluminium oxide?

(ii) silicon dioxide?

(d) Bauxite is an ore containing hydrated aluminium oxide, iron(III) 
oxide and silicon dioxide. In order to obtain a purer form of 
aluminium oxide, bauxite is heated with a 10% solution of sodium 
hydroxide in which the aluminium oxide dissolves.

(i) Write an equation for the reaction of aluminium oxide with 
sodium hydroxide.

(ii) Why does iron (III) oxide not dissolve in sodium hydroxide?
(iii) Why does silicon dioxide not dissolve in a 10% solution of 

sodium hydroxide?

5. (a) Give the formulas of the chlorides of the elements of Period 3.
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(b) Calculate the percentage by mass of chlorine in the chloride of silicon.
(c) (i) Draw a dot-and-cross diagram to show the bonding in the chlo

ride of silicon.
(ii) Draw the shape of this molecule. Explain your answer in terms 

of the Valence Shell Electron Pair Repulsion Theory.
(iii) State the shape of a molecule of AICI3 and explain why it is 

different from that of the chloride of silicon.
(iv) Give an equation for the reaction of the chloride of silicon with 

cold water.
(v) How does the behaviour of carbon tetrachloride with cold water 

compare with that in part (iv)? Explain any differences.
(a) Study the table of ionisation energies below and answer the questions 

that follow.

Ionisation  E n erg y  (k J mol *) 1st 2nd 3rd 4th

Sodium 494 4560 6940 9540
Magnesium 736 1450 7740 10500
Aluminium 577 1820 2740 11600

Explain the relative magnitudes of the following:
(i) the 1st ionisation energies of sodium and magnesium;

(ii) the 1st ionisation energies of magnesium and aluminium;
(iii) the 2nd ionisation energies of sodium and magnesium;
(iv) the 2nd ionisation energies of magnesium and aluminium;
(v) the 3rd and 4 th ionisation energies of aluminium.

(b) Consider the electron affinities for oxygen given below:

E le ctro n  Affinity (k J m ol- 1 ) 1st 2nd

-1 4 2  +844

(i) Write equations representing the changes to which the 1st and 
2nd electron affinities of oxygen relate.

(ii) Explain the relative magnitudes of the 1st and 2nd electron 
affinities of oxygen.

(iii) Given the endothermic nature of the 2nd electron affinity of 
oxygen, comment briefly on the thermodynamic stability of 
ionic metal oxides.
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CHAPTER 10

In this chapter, we will deal closely with Group 2 and Group 7 elements, 
looking at group trends with regard to their properties and the reactions of 
their compounds- We will find patterns and similarities for elements that fall 
within the group as they have the same valence shell electronic configuration. 
This is one of the most important attributes of the properties displayed, as 
the valence electrons are the actual “participants” in a chemical reaction.

Group 2 elements are commonly called alkaline earth metals. The term is 
derived from the fact that Group 2 oxides react with water to produce alkalis 
and most of the compounds are found in the earth s crust. The propei ties 
of magnesium and elements below it are discussed as a group with the 
exclusion of beryllium, which has distinctively different properties from the 
others. The chemistry of radioactive radium will not be discussed here.

Group 7 elements are commonly known as the halogens, which has its 
roots in the Greek for salt generators. As you might have guessed by now, 
halogens are known to form salts, when they react with metals. Group 7 
elements exist as discrete diatomic molecules molecules which comprise, 
as the prefix di- suggests, two atoms (e.g., F2 and Cl2). See Table 10.1.

10.1 Atomic Structure and Group Trends
10.1 .1  Trend in atomic radius
As we move down a group, nuclear charge increases but electrons are being 
added to a higher energy principal quantum shell which is further away rom 
the nucleus. This results in the valence electrons experiencing weaker attrac
tive forces from the nucleus, which gives rise to a greater atomic radius.

381
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Table 10 .1  E lem en ts in G roups 2 
and 7

G roup 2 G roup  7

Beryllium (Be) Fluorine (F 2)
Magnesium (Mg) Chlorine (Cl2)
Calcium (Ca) Bromine (B r2)
Strontium (Sr) Iodine (I2)
Barium (Ba) Astatine (At2)
Radium (Ra)

10.1.2 Trend in ionic radius

Cationic radius increases down a group. The cations of the elements in the 
same group have the same charge, e.g., +2 for cations of Group 2 elements 
and +1 for cations of Group 1 elements. As we move down a group, the 
nuclear charge of the cation increases but its valence electrons are further 
away from the nucleus. This results in the valence electrons experiencing 
weaker attractive forces, which gives rise to a greater cationic size. This is 
also the explanation for the increase in the ionic radius of the anions, of 
Group 7 elements, down the group.

10.1.3 Trend in 1st I.E .

In general, 1st I.E. decreases down a group. As we move down a group, 
nuclear charge increases but electrons are being added to a higher energy 
principal quantum shell which is further away from the nucleus. This results 
in the valence electrons experiencing weaker attractive forces, and they are 
consequently more easily removed. This is also the explanation for a decrease 
in the nth I.E. down the group of elements.

10.1.4 Trend in electron affinity

Electron affinity generally decreases (i.e., becomes less exothermic) down a 
group for similar reasons to those that applied to the trend in ionisation 
energy both group trends are attributed to the increase in the distance 
of the valence shell from the nucleus.

Overall, the distance of the valence shell from the nucleus increases down 
a group, resulting in weaker attractive forces that lead to the valence elec
trons being less tightly held by the nucleus. Since it becomes easier to remove 
a valence electron from atoms of increasing sizes, this also implies that it is 
more difficult for atoms of increasing atomic sizes to attract electrons from 
an external source.
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10.1.5 Trend in electronegativity

Just as in the case of electron affinity, the greater the atomic size, the smaller 
the electronegativity value. Thus, we expect electronegativity to decrease 
down a group.

10.1.6 Trend in metallic character

As we go down a group, it becomes easier to remove electrons from the 
atoms and thus metallic character increases down a group. In other words, 
electropositivity increases down the group.

Exam ple 10.1: State the equation that represents the first electron affinity 
of an atom. Account for the trend in electron affinity of Group 7 elements.

F  Cl B r I

1st electron affinity (kJ mol- 1 ) —333 —348 —340 —297

Solution:

X(g) +  e~ — > X "(g).

Prom Cl to I, the attraction of the nucleus for the valence electrons gets 
weaker because of the increased distance of the valence shell from the 
nucleus. Any added electron will be less strongly attracted by the nucleus 
and this is indicated by the less exothermic electron affinity from Cl to I. The 
electron affinity of fluorine is less exothermic than that of chlorine because 
of the very small size of the fluorine atom, which results in the added elec
tron being strongly repelled by the electrons that are already present in the 
valence shell.

Exam ple 10.2: Account for the decrease in the 1st I.E. down Group 2.

Solution: Moving down Group 2, electrons are added to a higher energy 
principal quantum shell. Nuclear charge increases but the valence electron is 
further away from the nucleus. This results in weaker electrostatic attractive 
forces experienced by the valence electrons. Removal of a valence electron 
is easier and this leads to a decrease in the 1st I.E. down the group.

Note: The same answer is used to account for the increase in reducing power 
of Group 2 elements down the group.
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Example 10.3: Account for the trend in electronegativity of Group 7 
elements.

Solution: Electronegativity refers to the ability of the atom to distort 
shared electron cloud and valence electrons are used in sharing. Moving 
down Group 7, nuclear charge increases but the valence electrons are fur
ther away from the nucleus. This results in weaker electrostatic attractive 
forces experienced by the shared electrons, and thus less distortion of the 
shared electron cloud.

10.2 Physical Properties of Group 2 Elements
Melting and boiling for Group 2 elements (Table 10.2) involve breaking of 
the metallic bond. Generally, metallic bond strength decreases down the 
group. Although the number of valence electrons available for delocalisa
tion is the same down the group, atomic size increases down the group. 
This results in weaker electrostatic attractive forces experienced by the 
valence electrons, and thus weaker metallic bond strength. Anomalies that 
are observed may arise from the specific packing of atoms in the giant metal
lic crystal lattice.

Table 10 .2  M elting and Boiling P oin ts  of G roup  
2 E lem en ts

B e M g C a S r B a

Melting point (°C) 1278 649 839 769 725
Boiling point (°C) 2970 1107 1484 1384 1643

10.3 Chemical Properties of Group 2 Elements
As implied by the group number “2”, the valence shell electronic configu
ration is ns2 for these elements. They are readily oxidised, losing the two 
valence electrons to form cations of +2 charge. Group 2 elements are there
fore strong reducing agents.

Since ionisation energy decreases down the group, it is expected that 
as we go down Group 2, the atom loses electrons more readily. In other 
words, the reducing power (the element itself is oxidised, i.e., loses elec
trons) of the Group 2 elements increases down the group. The strength of 
the reducing power is reflected by the increasing negative E & value down 
the group.
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The more negative E*  value indicates the increasing difficulty of reducing 
the metal cation back to the metal. This means that it is easier to oxi 
the metal atom and thus the reducing power of the metal is stronger, e 
more negative the E °  value:

M g2+ +  2e“ ^  Mg, E e =  -2 .38  V,
Ca2+ +  2 e - ^ C a ,  E* =  -2 .87  V,
Sr2+ +  2 e - ^ S r ,  =  -2 .89  V,

Ba2+ +  2e" ^  Ba, E* =  -2 .90  V.

Group 2 elements, with the exception of Be (see Sec. 10.6 on Be che y)> 
generally undergo similar reactions, although in varying con ltions, 
ionic compounds. When subjected to the same reactants sue as wa e 
oxygen, the reaction occurs more readily and the enthalpy с lange о 
is more exothermic down the group. This is due to the increasing
from Mg to Ba. , , . i _ OQeP

What best describes this reactivity? The reactivity depends on 
with which they lose electrons. The easier it is to lose e ec rons, 
the degree of spontaneity of a reaction occurring. There ore, m:rrors
o f Group 2 elem ents in forming other compounds actually m.rrors

th ”w , r ^ P̂  « Л »  with 2
are similar to Group 1 elements:

2K(s) +  2HCl(aq) — ♦ 2KCl(aq) + H2(g).

Ca(s) +  2HCl(aq) — > CaCl2(aq) + H2(g).

2K(s) +  2H20(1) — >• 2KOH(aq) + H2(g),

Ca(s) +  2H20(1) — » Ca(OH)2(aq) + H2(g)-

Q : Should one expect Group 2 elements to react more vigorously with
than Group 1 elements from the same peno . relative ease with

A: The relative reactivity of metals is re a reduction potential
which they lose electrons. A more negative standard eduction p
indicates that the oxidation of metal occurs more

Ca2+ +  2e_ ?=* Ca, -2-87 V,
K + + e - ^ K ,  = -2 .9 2  V.
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Hence, potassium metal is expected to react more vigorously with water 
than calcium metal. This stems from the fact that it is less energetically 
demanding to remove one electron from the potassium atom than to 
remove two electrons from the calcium atom.

Q: Since the enthalpy change of hydration of Ca2+ is more exothermic than 
that of K+, shouldn’t the oxidation of Ca, and hence its reaction with 
water, be more favourable?

A: The more exothermic enthalpy change of hydration of Ca2+ is due to the 
higher charge density of Ca2+ than that of K+ , which leads to stronger 
ion-dipole interactions formed between Ca2+ ions and water molecules. 
Unfortunately, the energy released from the hydration of Ca2+ is insuffi
cient to compensate for the large amount of energy needed to ionise Ca. 
The net result is a less negative standard reduction potential for Ca 
than K.

10.3.1 Reaction with water

Mg reacts very slowly with cold water since it is less reactive than Ca, Sr 
and Ba. The reaction becomes faster at high temperatures with Mg reacting 
rapidly with steam to form the metal oxide and hydrogen gas:

Mg(s) +  H20(g) — > MgO(s) +  H2(g). (Ю.1)

On the other hand, for Ca, Sr and Ba, their greater reducing strength renders 
their reaction with water spontaneous even at low temperatures. They need 
only react with cold water to readily form the metal oxide. The resultant 
solution is alkaline as the oxide formed further reacts with water to produce 
the respective hydroxide, e.g.,

CaO(s) + H20(1) — > Ca(OH)2(aq).

Thus, for Ca, Sr and Ba, the overall equation for the reaction with water is 
as follows:

M(s) + 2H20(1) — . M(OH)2(aq) +  H2(g), (Ю.2)

where M  =  Ca, Sr or Ba.
The different products in Eqs. (10.1) and (10.2) reflect the relative dif

ference in solubility of the Group 2 hydroxides. These hydroxides have low 
solubility in water with Mg(OH)2 being the least soluble (see Sec. 10.7 for 
more details).
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As with the Group 1 elements, the highly reactive nature of Group 2 ele
ments with oxygen and water prevents them from naturally existing in the 
free elemental form. Instead, these metals are extracted by electrolysis from 
their respective salts. Once formed, they quickly tarnish when exposed to air 
as the reaction with oxygen produces the metal oxide which coats the metal 
surface. That is why these metals are normally stored in liquid paraffin to 
prevent oxidation from occurring, e.g.,

2Ca(s) +  0 2(g) — > 2CaO(s).

However, storage in an oxygen-free environment is not crucial for Be and 
Mg as these metals, once produced, are coated with thin layer of fairly 
impermeable oxide which is difficult to remove. This so-called “protective” 
oxide layer prevents the element from further oxidation and accounts for its 
less reactive nature compared to the other Group 2 metals.

As expected, the reactivity with oxygen increases from Mg to Ba to 
the extent that finely divided Sr metal and Ba ignite spontaneously in air 
without heating being involved.

When Group 2 metals are subjected to combustion, they burn with dis
tinctive brilliant coloured light. This property is harnessed in pyrotechnics 
and in the manufacture of flares. For instance, magnesium metal gives off 
radiant white light and calcium metal produces intense red light.

10.4 Thermal Stability of Group 2 Compounds
In this section, we will discuss the thermal decomposition of some Group
2 salts, namely, the nitrates, carbonates and hydroxides. We will seek to 
understand the driving force behind these decompositions.

Group 2 carbonate decomposes to give the oxide and carbon dioxide, e.g.,

M gC03(s) MgO(s) -f

Group 2 nitrate decomposes to give the 
oxide, nitrogen dioxide and oxygen, e.g.,

C a(N 03)2(s) CaO(s) +  2N 02(g) + l/202(g).
A

Group 2 hydroxide decomposes to give the oxide and steam, e.g.,

10 .3.2 Reaction with oxygen

Ba(OH)2(s) BaO(s) + H20(g).

C 02(g).

Contrast with Group 1 nitrates: 

2I<N03(s) 2KN0j(s) +  0 2(g)
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Q: Why does the decomposition of Group 2 carbonate, nitrate and hydrox
ide all result in the formation of the same product, the oxide?

A: This shows that the oxide formed is relatively more stable than the 
corresponding Group 2 carbonate, nitrate or hydroxide compounds. This 
is the driving force for decomposition — the formation of a more stable 
compound.

Q: How can we know that the oxide is more stable than the other three 
types of compounds? How is stability measured?

A: Since Group 2 compounds (with the exception of Be compounds) are 
ionic, the stability of the solid compound is dependent on the strength 
of the ionic bonds which is indicated by the magnitude of the lattice 
energy. In general, the more exothermic the lattice energy, the stronger 
the ionic bonds, the more stable the compound, and the more difficult 
it is to decompose.

Lattice energy a  x (10.3)
7 +  +  Г _

where q is charge and r is ionic radius.
Equation (10.3) shows that an ionic compound comprising ions of a 

higher charge and a smaller ionic radius will tend to be more stable 
than a compound comprising ions of a smaller charge and a larger ionic
radius.

The underlying reason is that the greater the charges on the ions, the 
stronger the attraction between the oppositely charged ions will be, and 
this gives rise to a more stable ionic compound. With smaller sizes, oppo
sitely charged ions can be closer to one another in the solid lattice, forming 
stronger attractions, and this also leads to a more stable compound.

Example 10.4: Why does СаСОз decompose to CaO upon heating?

Solution:

CaC03 (s) CaO(s) +  C 0 2(g).

The driving force for the decomposition lies in the formation of an energeti
cally more stable compound CaO compared to СаСОз- The greater stability 
of CaO is attributed to the smaller anionic radius of O2- as compared to 
C 0 32 . This allows the O2- ions to be closer to the cations. The ionic bonds 
between the Ca2+ and O2- ions are thus much stronger and this makes CaO 
more stable than СаСОз. In addition, the decomposition reaction is also
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driven by an increase in the entropy of the system due to the formation of 
gaseous CO2, which has a higher degree of disorder.

Using similar arguments, the decomposition of nitrate and hydroxide to 
form the oxide can be explained as follows.

Exam ple 10.5: Why does Са(1ЧОз)2 decompose to CaO upon heating? 

Solution:

Ca(N 03)2(s) —-  CaO(s) +  2N 02(g) + l/ 202(g). 
л

The driving force for the decomposition lies in the formation of an ener
getically more stable compound CaO compared to Са(ГЮз)2- The greater 
stability of CaO is attributed to the higher charge and smaller anionic radius 
of the O2- ion that results in stronger ionic bonds between the Ca2+ and 
o 2-  ions, and this makes CaO more stable than Са(1МОз)2. In addition, the 
decomposition reaction is also driven by an increase in the entropy of the 
system due to the formation of gaseous NO2 and O2, which have a higher 
degree of disorder.

Since the stability of ionic compounds is dependent on the strength of 
ionic bonds, the thermal stability of the Group 2 carbonates also differs for 
the same reason and this is reflected in the temperature at which decompo
sition occurs.

Based on Table 10.3, MgC0 3  decomposes at a relatively low temperature 
of about 660°С and as we move down the group, an increasing amount of 
heat energy is needed to initiate decomposition of the same amount of car
bonates, i.e., the thermal stability of carbonates increases down the group.

Table 10.3  D eco m p o sitio n  T em p e ra tu re s  o f  G ro u p  2 C a rb o n ate s

M gCO a C aC O s SrCO s В аС О з

Decomposition temp. (°C) 660 900 1100 1300

As discussed in Chap. 2 on Chemical Bonding, ionic compounds do 
not have 100% pure ionic bonding with distinct separation of the opposite 
charges. If the cation has a sufficiently high charge density, it can actually 
attract the electron density of the anion. Using C 0 32 , N 03 and OH as 
examples, this distortion of the electron cloud of the anion actually weakens 
the intra-molecular bonds, i.e., C-O, N -0  and O-H bonds in the anions, 
respectively. The anion is said to be polarised by the cation. The greater the
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extent of distortion, the weaker the intra-molecular bonds in the anion and 
the easier it is to break these bonds. Thus, a lower temperature is needed
to decompose the compound.

The C-О bond will cleave with О 
bearing the negative charge

\ o- The electron cloud of the C 0 3  ̂ ion 
is greatly distorted by the smaller Mg2+ ion.

О The electron cloud of the C 0 32_ ion 
is less distorted by the larger Ba2+ ion.

The extent of the distortion of the electron 
cloud is dependent on both the polarising power Recal1- charSe density oc r+ .

of the cation and the polarisability of the anion (refer to Chap. 2). How 
strongly the cation can distort the electron cloud of the anion (i.e., its polar
ising power) is measured by its charge density. This makes plain sense: the 
more “concentrated” the positive charge, the more “powerful is its attractive 
power”.

Moving down Group 2, the size of the cation increases but the amount 
of charge is the same at +2. Therefore, charge density decreases from Mg2+ 
to Ba2+ and this translates to a decrease in polarising power of the cations 
down the group.

As for the anions, C 0 32_, N 03“ and OH- , they are easily polarised as 
they are large anions — the greater the anionic size, the further the electron 
cloud is from the nucleus, which means it will be less tightly attracted to 
the nucleus and hence more easily distorted.

Exam ple 10.6: Account for the trend in decomposition temperatures of 
Group 2 carbonates.

Solution: Moving down Group 2, the cationic size increases, resulting in 
a decrease in charge density and hence a decrease in the polarising power 
of the cations. The electron cloud of the C 0 32- ion is distorted to a lesser 
extent and thus a smaller weakening effect is acted upon the intra-molecular 
C -0  bonds by the cations as we move down Group 2. Thermal decomposi
tion becomes increasingly difficult, thus thermal stability increases down the 
group. This is observed by the increasing temperature needed for decompo
sition to occur.
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The decomposition temperatures of Group 2 nitrates and hydroxides are 
observed to follow a similar trend and thus we use the same arguments to 
account for this trend (in the description given above, just replace C 0 32- 
with N 03“ or OH“ and replace C -0  with N -0  or O-H).

10.5 Some Uses of Group 2 Elements 
and Their Compounds

• Magnesium is used in the manufacture of strong and lightweight alloys, 
which are widely used in industries such as automobiles and aerospace.

• Magnesium oxide, because of its high melting point and low reactivity, 
is mainly used as a refractory material in furnace linings needed in the 
production of materials such as iron and steel.

• Magnesium hydroxide is used in “milk of magnesia,” which is used to 
alleviate constipation and treat acid indigestion.

• Calcium oxide (known as lime or quicklime), when mixed with water, 
produces calcium hydroxide (slaked lime) whose uses include reducing 
soil acidity in agriculture and in the production of mortar and plaster.

• Calcium carbonate has primary uses in the construction industry: as 
building materials and in the building of roads, and in the making of 
lime and glass.

• Barium sulfate is used as a radiocontrast agent for the X-ray imaging 
of the gastro-intestinal tract. Given its very low solubility and ease of 
removal from the body, the patient is protected from absorbing harmful 
amounts of the heavy metal.

10.6 Properties of Beryllium
Beryllium is less reactive than the other Group 2 elements. The protective 
oxide layer that coats the Be metal surface prevents the element from further 
oxid ion, and at the same time, accounts for its less reactive nature. This 
exp I.-,ins why beryllium does not react with water or steam.

! >t her properties of beryllium which differ from the other Group 2 ele
ments include the following:

• Many beryllium compounds, such as BeCh, BeO and BeH2 are covalent
and not ionic in nature, 

he oxide and hydroxide of Be are amphoteric whereas those of the other
roup 2 elements are basic.
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Exam ple 10.7: Explain why BeCb (b.p. 547°C) is more volatile than 
MgCl2 (b.p. 1418°C).

Solution: Unlike MgCl2, which is an ionic compound, BeC^ exists as 
discrete non-polar covalent molecules. Less energy is needed to overcome 
the weak instantaneous dipole-induced dipole interactions between BeCb 
molecules than that needed to overcome the stronger ionic bonds in MgCh- 
Thus, the boiling point of BeCh is lower and it is more volatile.

The considerably lower boiling point of ВеСЬ compared to MgCb, and 
in fact to all ionic compounds, is evidence that BeC^ is not ionic in nature. 
But what could be the reasons for its lack of the ionic property?

For one, the idea of it being a covalent compound means that there is 
sharing of electrons between the metal beryllium atom and the chlorine 
atoms. We can infer from this that it is more energetically favourable to 
share electrons than for the beryllium atom to lose electrons to form Be2+. 
This supposition can be substantiated by the fact that the Be atom has 
a much higher ionisation energy compared to its Group 2 counterparts as 
the attraction between the nucleus and the valence electrons is substantially 
stronger due to their close proximity.

Instead of putting an end to the discussion, let us venture further. What 
if the formation of Be2+ were favourable; there would then be electron trans
fer from the metal atom to the chlorine atoms, resulting in ionic bonding 
between oppositely charged ions. However, if ionic BeCl2 were formed this 
way, the high charge and small size of Be2+ would cause it to have such high 
polarising power that it could distort the electron cloud of the anion and 
create a covalent bond. This is analogous to the explanation that is used to 
explain the nature of AICI3 in Chap. 9 on Periodicity.

The high charge density of the beryllium cation also accounts for its 
acidic properties. In aqueous solution, the Be2+ ion exists as an aqua- 
complex ion, [Be(H2 0 )4]2+. Due to its high charge and small size, the Be2+ 
ion has a high charge density and hence high polarising power. It distorts 
the electron cloud of the H2O molecules bonded to it, weakening the O-H 
bonds and enabling these bonded H20  molecules to become better proton 
donors. The free water molecules in the solution act as bases and the fol
lowing equilibrium is established:

[Be(H20)„)2+(aq) + H20(1) ^  (Be(0H)(H20 ) 3]+(aq) +  H30 + (aq).
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The Be2+ ion is consequently said to undergo appreciable hydrolysis in 
aqueous solution. The slight excess of НзО+ ions in the solution causes the 
solution to be acidic and enables it to react with strong bases. Again, such 
behaviour is extremely similar to that of Al3+ (refer to Chap. 9).

The acidic nature of BeO and Be(OH)2 can be concluded from obser 
vations made when separate solutions, each containing a Group 2 cation, 
are subjected to drop-wise addition of NaOH until the latter is added 
in excess (see Fig. 10.1).

Observations: white precipitate of Mg(OH)2 is insoluble in excess
white precipitate of Be(OH)2 is soluble in excess NaOH(aq)

Q: BeO and Be(OH)2 are amphoteric. We can use the reaction with 
NaOH(aq) to test for their acidic property. How do we test for their
basic property? .

A: One just needs to add a mineral acid to it. If it is a base, one gets sa
and water being formed.

If you study the properties of beryllium, you will find them somewhat sim 
ilar to those of aluminium. For instance, both are not reactive due to me 
formation of a protective oxide layer and they both form amphoteiic oxies 
(see Fig. 10.2). This is one pair of diagonally adjacent elements which exhibi 
similar properties to each other — a feature known as the diagon 
tionship” in the Periodic Table.

OH~(aq) 

H* (aq)

Mg2+(aq) Mg(OH)2(s)

/

OhT{aq) OH"(aq)

H* (aq) I
H+(aq)

\-J
l2

Be2+(aq) Be(OH)2(s) [Be(OH)4J (aq) 
beryllate anion

F ig . 1 0 .1 . Reaction of Mg2+(aq) and Be2+(aq) with NaOH(aq).
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r /  \ ( > /  > /

OH~(aq)
------------- ^

excess
OH“(aq)N H* (aq)

excess 
H* (aq)
----- >

v J ь w $v_/ w
Al**(aq) AI(OH)a(s) [AI(OH)4]"(aq) AI(OH)3(s) Al3*(aq)

colourless white PPl colourless
solution solution

Fig . 10 .2 . Reactions showing the amphoteric nature of А1(ОН)з.

Exam ple 10.8: Explain why beryllium oxide is amphoteric whereas the 
other Group 2 oxides are basic.

Solution: Due to the high charge density of the beryllium ion, there is 
covalent character in beryllium oxide. The Be atom is highly electron 
deficient, giving it an acidic characteristic, thereby enabling it to react 
with a stronger base such as NaOH or KOH. The presence of O2- allows 
BeO to be able to react with acid to form salt and water.

Q: Would you expect beryllium salts to be more or less thermally unstable 
compared to those of the other Group 2 elements?

A: Beryllium salts are more thermally unstable due to the higher charge 
density of Be2+, which gives rise to greater polarising power. This makes 
the electron clouds of the anions that are attracted to the Be2+ ion more 
distorted, causing the intra-molecular bonds to be weakened to a greater 
extent. Thus, it is easier to decompose beryllium salts.

10.7 Solubility of Group 2 Compounds
In general, solubility decreases down the group for Group 2 compounds that 
consist of large anions such as S 0 42" ,  C 0 32_ and N 03~ (see Table 10.4).

T ab le 10 .4  Solubility (m o l/g  w ater) a t 2 5 °C  of som e G roup 2 C o m p ou n d s

C atio n H ydroxide, O H " Sulfate, S 0 42 C a rb o n a te , C 0 32 N itra te , N O s

Mg2+ 0.2 x 10“6 1830 x 10"6 1.3 x  1 0 "6 4.9 x 10“ 3
Ca2+ 15 x 10"6 11 x 10"6 0.13 x П Г 6 6.2 x 1 0 '3
Sr2+ 33.7 x 10~6 0.71 x 10“ 6 0.07 x 10~G 1.86 x  10“ 3
Ba2+ 150 x 10“ 6 0.009 x 1 0 '° 0.09 x 10"6 0.39 x 10~3
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On the other hand, solubility increases down the group for Group 2 
compounds that consist of small anions such as OH-  and F “ .

Why is MgS0 4  soluble but not BaS0 4 ? Why does Mg2+ form the white 
precipitate Mg(OH)2 with NH3 (aq) but not Ba2+?

The opposing trends in solubility of the above compounds may be 
explained by considering the variations in hydration energy and the energy 
that is required to break-up the lattice (—L.E.) that arise from the differ
ences in ionic sizes.

Recall from Chap. 4 on Thermodynamics, the enthalpy change of solution 
can be represented by the formula

A tfsoin =  A t fhyd [cation] 4- A tfhyd[anion] -  L.E., (10.4)

where Ai/hyd stands for enthalpy change of hydration and L.E. stands for 
lattice energy. The relationship is illustrated in the energy cycle below:

y_
MX(s) ---------------------------->  M (aq) + X" (aq)

-L -E .444^  jjyd[cation] + Atfhyd[anion]

M 2+(g)+X*-(g)

M 2+ =  cation of Group 2 element 
X 2~ =  any anion of —2 charge

Let us now analyse the trend in solubility for Group 2 compounds.
Hydration is concerned with the strength of the ion-dipole interactions 

between ions and polar water molecules. AHhyd [cation] thus measures 
the amount of energy released upon hydration of the gaseous cation. The 
stronger the ion-dipole interactions, the more energy will be evolved.

Since we are making a comparison of Group 2 compounds involving the 
same kind of anion, AĤ yd [anion] is a fixed constant term that we do not 
need to consider.

Comparing the Group 2 cations of the same charges, the smaller the 
cation, the greater is its charge density and hence the stronger the attrac
tion it will have to water molecules. Therefore, going down Group 2, 
Aiifhyd [cation] becomes less exothermic as cationic size increases.

The next term to discuss is L.E., which is dependent on both the size 
and charge on the ions. We do not need to consider the anion since it is 
common. As the charges on the Group 2 cations are the same, L.E. varies 
with the size of the cations. Therefore, going down Group 2, L.E. becomes 
less exotherm ic as cationic size increases:

AHSoi„ a  (A #hyd[cation] -  L.E.). (10.5)
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To sum up, the A tfsoin term is dependent on A#hyd [cation] and L.E., both 
of which become less exothermic as cationic size increases down Group 2. 
In general, a less exothermic Д Я 80|П signifies a less soluble salt. Since both 
A/fhyd [cation] and L.E. are negative values, their combined effect on AHso\n 
depends on the relative extent of the influence the cationic size has on each 
of the following terms:

A less exothermic A#hyd decreases solubility but a less exothermic L.E. 
enhances solubility.

The carbonate ion has a large anionic radius. Even though r+ increases 
down Group 2, the increase in (r+ +  r_) is not very significant since 
r-  »  r+, i.e., the denominator in Eq. (10.7) does not change much so 
L.E. does not change appreciably. Hence, the effect of increasing ionic size 
on L.E. is less significant than its effect on A#hyd- A # hyd becomes less 
exothermic (which decreases solubility) but L .E . becom es less exother
mic to a much smaller extent (which increases solubility only slightly). 
Overall, the solubility of carbonate (or other large anions) decreases down 
Group 2.

Hydroxide (OH“ ) has a small ionic radius. As r+ increases down Group 2, 
the increase in (r+ + r_) is significant, i.e., the denominator in Eq. (10.7) 
increases significantly so L.E. becomes much less exothermic down Group 2. 
The effect of increasing ionic size on L.E. is even more significant than its 
effect on A#hyd- A#hyd becomes less exothermic (which decreases solubil
ity) but L.E. becomes less exotherm ic to a much greater exten t (which 
increases solubility more significantly). Overall, the solubility of hydroxide 
(or other small anions) increases down Group 2.

This trend is reflected in the increasing Ksp values at 25°С for the solu
bility equilibria shown below.

A # hyd [cation] oc q+/r+) (10.6)

(10.7)т Q+ x Q -Lattice energy oc-----------
r+  -I- T—

K sp (m ol3 dm  9)

Mg(OH)2(s) ^  Mg2+ (aq) +  20H "(aq) 
Ca(OH)2(s) ^  Ca2+(aq) -f 20H “ (aq) 
Sr(OH)2(s) ^  Sr2+(aq) +  20H “ (aq) 
Ba(OH)2(s) ^  Ba2+(aq) +  20H~(aq)

Recall that the larger the
1.8 x 10 11 equilibrium constant, the
5.5 x  10 6 greater the extent of
1.5 x 10 4 the forward reaction.
5.0 x 10“3
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Q: Why are Group 2 oxides and hydroxides less soluble in water compared 
to those of the Group 1 elements from the same period?

A: The ionic bond strength of a Group 2 oxide or hydroxide is stronger 
than that of Group 1 since a Group 2 cation has a higher charge than a 
Group 1 cation. In addition, the hydration energy of the Group 2 cation 
is more exothermic than that of the Group 1 cation. Now, that Group 2 
oxides and hydroxides are less soluble than their Group 1 counterparts 
is an indication that the hydration energy cannot really compensate for 
the energy required to break up the lattice.

Recall:

A//hydration r+

10.8 Physical Properties of Group 7 Elements
10.8.1 Melting point, boiling point and volatility

Group 7 elements exist as simple discrete diatomic molecules that are 
non-polar with only weak instantaneous dipole-induced dipole interactions 
between their molecules. The presence of such weak intermolecular forces о 
attraction accounts for the relatively low values of these elements physica 
properties such as melting point, boiling point and density.

Moving down the group from fluorine to iodine, there is a gradual increase 
in the magnitude of these properties. For example, observing that uorine 
and chlorine are gases, bromine is a Uquid, and iodine is a solid at 
temperature, we can easily deduce that down the group,

• both melting point and boiling point increase,
• AHVaP becomes more endothermic, and
• volatility decreases.

W hat is volatility? It refers to the changing of phase from a solid or Uqiud 
to a gas. Volatility and boiling point have a leciproc re a ions ip 
we say that ethanol is highly volatile, it goes without saying a

low boiling point. HS a measure of volatility. The
Enthalpy change of vaporisation (A#vaPj 1S , , to

more endothermic A tfvap, the greater the energy nee e or a ^  .g
be vapourised (converted to the gaseous state) and thus the 
said to have low volatility.
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Exam ple 10.9: Account for the trend in boiling points of the halogens.

Solution: The elements exist as simple discrete diatomic molecules that 
are non-polar with only weak instantaneous dipole-induced dipole (id- 
id) interactions between their molecules. The strength of id-id interac
tions depends on the number of electrons in the molecule. From F2 to I2, 
the number of electrons increases, resulting in a more polarisable electron 
cloud and leading to stronger id-id interactions. The boiling point therefore 
increases from F2 to I2 as more energy is required to overcome the stronger 
id-id interactions for a phase change to occur.

The above answer is used to account for trends in melting point and 
volatility as well.

10.8.2 Colour

Even when it comes to colour, there is an increase in colour intensity down 
the group. The various colours of the elements in their physical state at 
20°С are shown in Table 10.5.

Table 10 .5  Physical S ta te  of G roup  7 E lem en ts  a t  
20° С

G roup 7 E lem en t P h y sical S ta te  a t 20° С

Fluorine pale yellow gas
Chlorine yellowish-green gas
Bromine reddish-brown liquid
Iodine dark violet solid (looks black)

Due to the fact that the elements in Group 7 show similar characteristics 
and there is a steady progression for some of these as we go down the 
group, we can provide fairly accurate predictions about these properties for 
those elements that we are not familial* with. Take for example astatine, the 
element below iodine. Can you predict the physical state of astatine and its 
colour?

With reference to Table 10.5, it can be predicted that astatine will have a 
much darker colour than iodine; presumably, it is a black solid. In fact, until 
recently, most of the properties of radioactive astatine have been inferred 
from the properties of the other group members.
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Fluorine oxidises water vigorously to yield oxygen even at cold temperatures. 

2F2(g) +  2H20(1) — > 4HF(aq) +  0 2(g).

Chlorine disproportionates (it is reduced and oxidised at the same time) 
partially in water to form hydrochloric and chloric(I) acids:

Cl2(g) +  H20(1) HCl(aq) +  HClO(aq).

Chloric(I) acid is a weak acid and decomposes slowly to give 0 2.

2HC10(aq) — ♦ 2HCl(aq) +  0 2(g).

Note: This decomposition is accelerated by sunlight and catalysts such as 
platinum(Pt). HCIO is responsible for the bleaching and disinfecting action 
of chlorine water.

Bromine is moderately soluble in water and forms a light brown so ution 
containing mainly aqueous Вгг- The amount of HBrO formed is negligib e.

Iodine dissolves only slightly in water giving a pale yellow solution. 
However, its solubility is greatly enhanced in the presence of some io i e 
ions due to the formation of a complex ion. The complex ion forms 
ion-dipole interactions with the water molecules, accounting or itŝ  ig 
solubility. The resulting solution is brown in colour because of I3 (aq).

l2(s) + r(aq)^VH)-

10.8.3 Solubility in water

10.8 .4  Solubility in organic solvent

Due to their non-polar nature, the halogens are more soluble in n p 
organic solvents than in polar solvents, of which water is an exa p 
particular, when bromine and iodine are each dissolve in̂  an or  ̂
vent, they will produce distinct colours as shown in ig-

add hexane 
and shake

--------->

Br2(aq) 
light brown 

solution

add hexane 
and shak^

Br2 (in hexane)
orange-brown /  
reddish-brown 
organic layer

W
l2(aq)

pale yellow 
solution

^  1 
l2 (in hexane)

violet 
organic layer

F ig . 1 0 .3 . Colours of Bra and h  in water and in organic solvent.



400 Understanding Advanced Physical Inorganic Chemistry

noted that the actual colour of the solution is very much dependent on the 
concentration of the halogen present. Both fluorine and chlorine, on the 
other hand, are colourless in water and in organic solvent.

10.8.5 Trend in bond energy

F - F  C l-C l  B r - B r  I - I  

Bond energy (kj m ol"1) 158 244 193 151

The bond energy decreases from chlorine to iodine (with the exception of flu
orine) and this trend indicates that the bond strength decreases in the order: 
Cl-Cl > Br-Br > I-I. This is because as the size of the halogen increases from 
F to I, the valence orbital used for bonding is larger and more diffuse. As 
a result, the overlap of the orbitals is less effective. This accounts for the 
weaker bond strength that is reflected in the bond energies.

Q: Shouldn’t the F -F  bond be the strongest since the orbital F atom used 
for bonding is the smallest among all of the halogens?

A: Since the valence orbital of F  atom is the smallest, one would expect 
the overlap of this orbital with that of another F  atom to be very effec
tive, i.e., that there would be greater accumulation of electron density 
between the two bonding F atoms, resulting in stronger attraction to 
the positively charged nuclei. However, when the two F atoms come into 
close proximity to form a bond, their non-bonding lone pair of electrons 
repel each other and this tension weakens the F -F  bond. This effect is 
less prominent as the atomic size increases since the non-bonding elec
trons have a larger region of space to spread out into.

10.9 Chemical Properties of Group 7 Elements
Group 7 elements are strong oxidising agents. As a result of their high 
electronegativity, they tend to accept electrons readily from other substances 
and become reduced, forming halide ions that carry a charge of —1.

Since electronegativity decreases down the group, it is expected that the 
ability to accept electrons decreases. In other words, the oxidising power of 
Group 7 elements decreases down the group with fluorine being the strongest 
and iodine being the weakest oxidising agent in the group.
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The relative strength of these oxidising agents (i.e., the ability to gain 
electrons) is reflected by the decreasing positive E °  values down the group. 
The higher the positive E e value, the greater the extent of the reduction 
process and the stronger the oxidising power of the halogen:

F 2 +  2e ^  2F , 

Cl2 4- 2e” ^  2СГ 
Br2 +  2e“ ^  2Br' 
I2 +  2e“ ^  21",

E* = + 2.87 V, 
£ e =  +1.36V, 
£ °  =  +  1.07 V, 
E*  =  +0.54 V.

Q. How does one account for the decrease in oxidising power of the halogens 
down the group?

A. Consider the formation of X~(aq) from X2 (X= F, Cl, Br or I) as being 
made up of three steps:

Atff
ViX2 + e

AHat
\/

E.A.

АЯЬу(1

By Hess’ Law, AH( =  А Я ак + E.A .+ Д Я Ьуа. The enthalpy change of forma
tion (A #f) of X “ (aq) is calculated based on data given in the table below:

F Cl B r I

A tfa t  (kJ mol- 1 ) 79 121 112 107
E.A. (kJ mol- 1 ) -3 3 3 -3 6 4 -3 4 2 -2 9 5
A tfhyd (kJ mol- 1 ) -4 5 7 -3 8 1 -3 5 1 -3 0 7
A t f f  (kJ mol- 1 ) -7 1 1 -6 2 4 -5 8 1 -4 9 5

A tff  of F “ (aq) is the most exothermic, which is to say that F "  is most 
readily formed from F 2 , indicating that F 2 is the most powerful oxidising 
agent. The state symbol for X 2 depends on the halogen: Cl2 is a gas, Br2 is 
a liquid, and I2 is a solid under standard conditions.

The reduction process involves:

• breaking of the X -X  bond (reflected as the enthalpy change of atomisa
tion, A tfat),
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• adding an electron to X (electron affinity, E.A.), and
• hydrating the X “ gaseous ion (A#hyd)-

Hence, the reduction process is favoured by

• a less endothermic bond enthalpy, coupled with
• a more exothermic electron affinity, and
• a more exothermic hydration energy.

From chlorine to iodine, the bond enthalpy becomes less endothermic, but 
this change is not significant enough to compensate for the greater changes 
in both the electron affinity and hydration enthalpy. Thus, one can see that 
the decrease in oxidising power from chlorine to iodine is mainly due to the 
changes in both E.A. and A#hyd*

In short, to account for the decrease in oxidising power down Group 7, 
one simply needs to mention that it is due to the decrease in electronegativ
ity of the elements. The trend is also reflected by the less positive E \ 2jX- 
values.

The halogens generally undergo similar reactions, although under varying 
conditions, as these depend on their oxidising strengths. Thus, through the 
following reactions, we can observe the decrease in oxidising power in the 
order F 2 > CI2 > Br2 > Ь :

• reaction with water,
• displacement reaction of halogens,
• reaction with thiosulfate,
• reaction with alkali, and
• reaction with hydrogen.

10.9.1 Displacement reaction of halogens

In a displacement reaction, a halogen that is a stronger oxidising agent will 
be able to oxidise the halide ion of a weaker oxidising agent that is below it 
in the group. The halide ion is said to be displaced from the solution.

We can make use of this type of reaction to identify the presence of B r" 
and 1“ in solution. Just add aqueous CI2 followed by an organic solvent. 
Upon shaking the mixture, the presence of Br“ or 1“ can be confirmed as 
Br2 and I2 provide distinct colouration in the organic layer:

Cl2 (aq) +  2Br“ (aq) — ♦ 2Cl“ (aq) -I- Br2 (aq),
Cl2(aq) +  21" (aq) — ♦ 2Cl“ (aq) + l2(aq).



Chemistry of Groups 2 and 7  403

If we try to react I2 with C l", no reaction will occur. I -  and CI2 are not 
produced. We can use £ всец values to predict the spontaneity of a given 
reaction. Calculating the £ ecell of the reaction between I2 and Cl~, £^сец < 0 
indicates that the reaction is thermodynamically unfeasible under standard 
conditions; Е»сеП =  +0.54 -  (+1.36) =  -0 .82  V.

What happens when F 2 and Br“ are allowed to react? Does a dis
placement reaction occur with products F "  and Br2 formed? Calculating 
the i£eceu value, it is predicted that the reaction between F2 and Br“ is 
thermodynamically feasible under standard conditions since E»ceX[ > 0; 
E»ce]l =  +2.87 -  (+1.07) =  +1.8 V.

Being the strongest oxidising agent, F 2 is expected to displace the other 
halide ions, Cl- , Br~" or I- , from aqueous solution but in actual fact the 
displacement reaction does not occur. Why is this so?

Fluorine is strongly oxidising — and this is essentially the answer! It 
is so strongly oxidising that it readily oxidises water, which is present in 
greater amount than the halogens or halides introduced into the solvent. 
There is just not enough fluorine left to react with the minute amount of 
halide.

Thus, remember that using E»ceu to predict the feasibility of a reaction 
is, as mentioned, only a prediction. There are cases when the prediction fails 
and we should seek answers to account for the limitations of the prediction.

Exam ple 10.10: Describe and explain what is observed when chlorine gas 
is bubbled into aqueous potassium iodide solution.

Solution:

Cl2(g) +  2 Г  (aq) — » 2C r(aq) +  I2(aq).
Observations: The colourless solution turns brown with some black solid I2 
seen.

£*ceii =  + 1-36 -  ( + 0 -54) =  +0-82 v .

The positive E*cell indicates that the above 
redox reaction is energetically feasible under 
standard conditions.

10.9 .2  Reaction with thiosulfate

Confirmatory test for iodine: 
Add starch solution.
A blue-black colouration is 
observed due to the formation 
of the starch-iodine complex.

Having greater oxidising abilities than I2, both CI2 and Вгг are able to 
oxidise the thiosulfate (S2O32 - ) ion to the sulfate(VI) ion. The change in
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the average oxidation state of S is from + 2  to + 6 , an increase of 4 units: 

4Cl2 (aq) + S20 32-(aq) +  5H20(1) — * 8Cl"(aq) +  2 S 0 42-(aq) +  10H+(aq), 

4Br2 (aq) +  S20 32_ (aq) +  5H20(1) — > 8Br~(aq) +  2 S 0 42_ (aq) +  10H+ (aq).

On the other hand, the weaker oxidising agent I2 is only able to oxidise the 
thiosulfate to tetrathionate. The change in the average oxidation state of S 
in this case is only from +2 to +2.5:

b(aq) +  2S2O32- (aq) — > 2I~(aq) +  S40 62“ (aq).

The stronger the oxidising agent, the more readily it accepts electrons. This 
can be inferred from the greater magnitude of change in the oxidation state 
of the species oxidised.

Q. Why is the phrase “average oxidation state” used? Can the word “aver
age” be dropped?

A. Recall in Chap. 8 that there are two ways to calculate oxidation states: 
one method is to apply the set of rules and the other requires the use of 
the molecular structure.

Through the use of molecular structures, oxidation states are assigned to 
each of the S atoms based on the difference in electronegativity of the bond
ing atoms. Thus, when S2O32- is oxidised to S 0 42 - , the oxidation state of 
the terminal S actually increases from 0 to + 6  whereas that of the central 
S increases from +4 to + 6 .

Thiosulfate ion, S2Of~ Sulfate ion, SO ^  Tetrathionate ion, S40 62"

s° о о о
11+4 _  11+6 _  11+5 0 0 11+5о—s— О "О—S— О" о—s— s—s—s— о

Instead of giving such specific details for each S atom in the various 
compounds, we can give a clear yet succinct account for the changes in 
oxidation state by using the concept of “average oxidation state,” which is 
mathematically calculated based on the rules found in Chap. 8 .

Take the case of S2O32- for example. Let the oxidation state of S be x. 
The oxidation state of each О atom is —2. The overall charge of this poly
atomic ion is —2 .
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Thus, we have
4x +  3(—2) =  - 2  

x =  +2.
The oxidation state of +2 is calculated as an “average” value.

Apply a similar set of calculations for S4 0 62 , letting the oxidation state 
of S be у:

4 у +  6(—2) =  - 2  
у =  +2.5.

The “average” value calculated is +2.5.

Exam ple 10.11: Discuss the relative oxidising strengths of the halogens 
using the reaction with FeSO^aq). Substantiate your explanation using E 0 
values.

Approach: Since the halogens are oxidising agents, we are interested in 
their relative ability to oxidise Fe2+ to Fe3+. The oxidation of S 0 4 is 
ruled out since S is already in its highest oxidation state.

To determine if a redox reaction occurs between each halogen and Fe , 
we need to calculate E*ce]l and a positive value indicates a feasible reaction
under standard conditions.

The following reduction potentials are thus needed:

E^p

Fe3+ +  e“ ^  Fe2+ +0.'
F2 + 2 e - ^ 2 F -  +2.1
Cl2 +  2e“ ^  2 С Г  +1.1 
Br2 +  2e~ ^  2B r" +1-1 
! 2 +  2e~ ^  21" +0.1

Solution:
F 2(aq) +  2Fe2+ (aq) —  2F '(aq ) + 2Fe3+(aq), 

Cl2(aq) +  2Fe2+(aq) — * 2Cl~(aq) + 2Fe3+(aq), 

B r2(aq) +  2Fe2+(aq) —  2Br"(aq) + 2Fe3+(aq), 

I2(aq) +  2Fe2+ (aq) — > 21" (aq) +  2Fe3+(aq),

^ceU =  +2.87 - (+0.77)
=  +2.10 V,'

^cel. =  + 1 .3 6 - (+0.77)
=  +0.59 V,i

^caU =  +1.07 - (+0.77)
=  +0.30V, t

E \ eU =  +0.54 - (+0.77)
=  -0 .23  V.
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Based on the calculated negative value of £ 0сец, I2 is not able to oxidise 
Fe2+ to Fe3+.

Based on the respective calculated positive values of E *cell, F 2 , CI2 and 
Br2 are able to oxidise Fe2+ to Fe3+. More positive E &cell values indicate 
that reactions are more energetically spontaneous.

Thus, it can be concluded that oxidising strength decreases in the order 
F 2 > CI2 > Br2 > fe.

10.9.3 Reaction with alkali

Chlorine, bromine and iodine undergo disproportionation upon treatment 
with alkali. The composition and type of products formed are influenced by 
the reaction temperature and the oxidising strength of the halogen.

The following reaction occurs when the halogen is treated with a cold 
dilute alkali, such as NaOH or KOH, at about 15°C:

X2(aq) +  2 0  H-  (aq) — ► X "(aq) +  XO"(aq) +  H20(1), (10.8)
halide ion halate(I) ion

where X 2 =  CI2 , Br2 or I2 .
The mixture of halide and halate(I) salts obtained contains the halogen in 

different oxidation states. But the reaction does not stop here. Once formed, 
the halate(I) ions may undergo further disproportionation to produce both 
halide ions and halate(V) ions:

3 X 0 “ (aq) — ♦ 2X"(aq) +  X 0 3~ (aq). (10.9)
halate(I) ion halide ion halate(V) ion

The reaction represented by Eq. (10.9) occurs at different rates depending 
on the temperature and also the type of halogen.

When chlorine is treated with cold dilute NaOH(aq), the following reac
tion occurs:

Cl2(aq) +  20H “ (aq) -  Cl“ (aq)+  CKT(aq) + H 20(1). (10.10)
*5° С chlorate(I) ion

At 15°С and below, the disproportionation of CIO-  is too slow to generate 
substantial C103“ ions and thus the main reaction when chlorine reacts with 
cold dilute NaOH(aq) is shown by Eq. (10.10) with CIO-  as the major halate 
product formed. Under such conditions, one may still be able to detect the 
smell of the pungent chlorine gas!
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T a b le  1 0 .6  T y p e s  o f H a la te  P ro d u c t F o rm ed

W h en  Alkali R e a c ts  w ith:

M a jo r  H a la te  P ro d u c t O btained  a t:

0° C 1 5 °C 70° С

Ch C 10- CIO” с ю 3-
ВГ2 BrO~ B r 0 3- B r 0 3‘
I2 ------  mostly I0 3“ ■

When the reaction temperature is increased, to say around 70°C, the 
disproportionation of CIO-  proceeds rapidly [see Eq. (10.11)] and the major 
products generated are Cl-  and C103“ . The pungent smell of the chlorine 
gas would totally disappear under such conditions:

3C10~(aq) — * 2С Г  (aq) +  C103“ (aq). (10.11)

When chlorine reacts with hot aqueous NaOH, the overall reaction can be 
represented as:

3Cl2(aq) +  60H “ (aq) 5Cl"(aq) +  C103"(aq) +  3H20(1).
70° С

Table 10.6 provides a summary of the type of main halate product formed 
for each halogen when subjected to treatment with NaOH(aq) at various 
temperatures.

As shown in Table 10.6, the decreasing ease of disproportionation of 
halate(I) ions is in the order 10“ > BrO-  > CIO".

For the reaction with bromine, the disproportionation of BrO-  occurs 
readily at cold temperatures of around 15°C. For the case of iodine, dispro
portionation of 1 0 “ occurs readily even at 0°C. This makes it difficult to 
produce 1 0 “ without obtaining I 0 3“ .

Q: Why is it that when a more powerful oxidising agent (such as Cl2) reacts 
with NaOH, the more likely halate product formed is XO-  rather than 
X 0 3“ ? How does the formation of the halate(V) ion demonstrate the 
decrease in the strength of the oxidising power down Group 7?

A: Oxidising power decreases down the group, which means that it is less 
spontaneous for the halide ion to form from the halogen. The reverse 
is also true: it is more spontaneous for the halogen to act as reducing 
agent and be oxidised. So, the fact that I 0 3 is likely to form even at 
low temperature is an indication that I2 is a better reducing agent than
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Br2 and CI2 — a clear indication of an increase in reducing power down 
the group or a decrease in oxidising power!

10.9.4 Reaction with hydrogen

All the halogens, in the gaseous phase, react with hydrogen to produce 
hydrogen halides. The stronger the oxidising agent, the more vigorous the 
reaction is with hydrogen:

X 2(g) +  H2(g) — * 2HX(g),

where X =  F, Cl, Br.
Consequently, the reaction conditions become more stringent for a halo

gen with weaker oxidising strength to react effectively with hydrogen.
Fluorine is so highly oxidising that it reacts explosively with hydrogen 

in the dark at room temperature and pressure. Chlorine reacts explosively 
with hydrogen when in the presence of sunlight. For bromine to react with 
hydrogen, heating at 300°C with a Pt catalyst is required.

As for iodine, heating and a catalyst are required, but even with such 
drastic reaction conditions, the reaction with hydrogen does not go to 
completion:

H2( g ) + I 2(g)^2HI(g) .

Q: The breaking of the X -X  bond exerts an influence on the reaction ener
getic, right? If the bond strength is in the decreasing order Cl-Cl > B r- 
Br >1-1, do we not expect the formation of HX from H2 and X 2 to 
proceed more favourably for a halogen whose X -X  bond is easier to 
cleave?

A: A reaction is not merely affected by the breaking of bonds but is also 
affected by the formation of new bonds, giving rise to the products. 
Thus, if observations tell us that the reaction is vigorous for CI2 but 
becomes less so down Group 7, this tells us in fact that the dominant 
factor that influences the formation of the hydrogen halide is not the 
breaking of the X -X  bond but rather it is due to the formation of the 
H-X bond. The more stable the product, the greater the tendency for 
it to form.

Looking up the data on bond energy (BE) of the H-X bond, there is a 
decreasing trend as follows:

BE(H -C l) > B E (H -B r) > B E (H -I).
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The H-I bond is the weakest: its formation is least favoured and once it is 
formed, there is higher tendency for it to cleave. This results in the formation 
of a dynamic equilibrium.

This same explanation accounts for the relative thermal stability of the 
hydrogen halides and their reactions, which we will be discussing in greater 
detail in the next section.

10.10 Hydrogen Halides
The hydrogen halides (or hydrohalic acids), abbreviated here as HX, where 
X represents a halogen (F, Cl, Br or I), are colourless gases at room tem
perature and pressure.

There exists hydrogen bonding between the HF molecules. The hydrogen 
bonding is so extensive that the molecules associate with one another in 
both the liquid and gas phases, accounting for its relatively high melting 
and boiling points.

H yd rogen  H alide M elting P oin t (°C ) Boiling Point (°C )

HF - 8 3 20
HC1 -1 1 4 - 8 5
HBr - 8 7 - 6 6
HI - 5 1 - 3 4

For HC1, HBr and HI, only van der Waals’ forces of attraction (both 
pd-pd and id-id interactions) exist between these diatomic molecules. As 
seen from the table, the boiling point increases from HC1 to HI.

Q: Can we compare the strengths of the pd-pd interactions to account for 
the trend in boiling point?

A: We know that the greater the magnitude of the molecule’s net dipole 
moment, the stronger the pd-pd interactions. If we are to follow this 
line of argument, the strength of pd-pd interactions is highest for HC1 
followed by HBr and HI. This would translate to a similar trend in 
boiling point, which is contrary to experimental data.

Therefore, to account for the observed trend in boiling point, we have to 
look at the main attribute, which in this case revolves around the id-id 
interactions.
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From HC1 to HI, the number of electrons in the molecule increases, result
ing in a more polarisable electron cloud and leading to stronger id-id inter
actions. The boiling point therefore increases from HC1 to HI as more energy 
is required to overcome the stronger id-id interactions for a phase change 
to occur.

10.10.1 Thermal stability of hydrogen halides

HX decomposes, on heating, to form the constituent elements H2(g) and
X2(g):

2HX(g) — > H2(g) +  X 2(g), 

with bond energies decreasing in the order:

BE(H -C l) > B E (H -B r) > B E (H -I).

The bond strength also decreases in the same order:

H -C l > H -B r  > H -I.

Thermal stability thus decreases from HF to HI.

Q: What accounts for the decreasing bond strength and hence thermal sta
bility from H-F to H-I?

A: As the size of the halogens gets bigger, from F to I, the valence orbital 
used for bonding is larger and more diffuse. As a result, the overlap of the 
orbital with the Is orbital of the hydrogen atom becomes less effective 
and this accounts for the weaker bond strength that is reflected in the 
bond energies.

The following observations help to illustrate the trend in thermal stability: 
Thermal stability of HI is the weakest of all — when a red-hot needle is 
inserted into a jar filled with HI(g), violet fumes of I2 are observed. The 
heat from such a needle is not sufficient to decompose HBr. Instead, strong 
heating is required to obtain brown bromine vapour.

Q: How does the decrease in thermal stability of the hydrogen halide down 
Group 7 tie in with the fact that the oxidising power of the halogen 
decreases down the group?

A: If the halogen is less likely to be reduced to form the halide as we go 
down the group, then the halide is more likely to be oxidised back to 
form the halogen. In short, the oxidising power of the halogens decreases
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down the group, and the reducing power of the halides increases down 
the group.

10.10.2 Acidity of hydrogen halides

With the exception of HF, the hydrogen halides are strong acids that com
pletely dissociate in aqueous solution:

HX(g) +  H20(1) — > H30 + (aq) +  X -(aq).

For dissociation to occur, the H-X bond must be broken. The acidity of 
the hydrogen halides thus depends on the ease of cleavage of the H-X bond. 
Since it is easiest to cleave the weakest H-I bond followed by the Н-B r bond 
and subsequently the H-Cl bond, the acid strength decreases in the order:

HI > HBr > HC1.

Q: Heating is not required when HX is mixed with water. Where do we get 
the energy to cleave the H-X bond in water?

A: The energy that is required to break the bond comes mainly from the 
hydration of the proton (H+) and partially from that of X - .

Q: Why is HF a weak acid?
A: Before dissociation can occur, the strong hydrogen bonding among the 

HF molecules needs to be overcome. Add to that the need to break 
the very strong H-F bond. Another attribute of the weak extent of 
dissociation is the low electron affinity of the F atom. Once the H-F 
bond is cleaved, the bonding electrons are acquired by the F atom to 
form F “ . However, because of the very small size of fluorine, the added 
electron tends to be strongly repelled by the electrons in the valence 
shell. All these energetically demanding processes are not compensated 
for sufficiently, thus resulting in low dissociation of the HF acid.

10.10.3  Reaction of halides with concentrated acid

Hydrogen halides can be obtained from the reaction of concentrated H2SO4 
and solid halides in the form of salts such as sodium halide, NaX (where X 
represents Cl- , Br-  or I- ):

NaX(s) + H2S 04(1) — > NaHS04(s) + HX(g)
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The HX product formed may be further oxidised to X 2 by concentrated 
H2SO4 , which is oxidising in nature. The ease of oxidation (reducing 
strength) is in the order HI > HBr > HC1.

Q: Why is HI a stronger reducing agent than HC1 or HBr?
A: It is easier for I-  to lose an electron (be oxidised) than Br~ and Cl~ 

since the valence electron in I-  is less strongly bound due to its further 
distance from the nucleus.

The oxidising power of concentrated H2SO4 is not strong enough to oxidise 
HC1 to CI2 . Thus, the reaction of NaCl with concentrated H2SO4 yields only 
gaseous HC1:

NaCl(s) +  H2S 0 4(1) — > NaHS04 (s) +  HCl(g).

HBr is oxidised by concentrated H2SO4 to Br2. Thus, the reaction of NaBr 
with concentrated H2SO4 produces a mixture of products HBr and Вгг:

NaBr(s) +  H2S 0 4 (1) — ► NaHS04 (s) + HBr(g),

2HBr(g) +  H2S 0 4(1) —  S 0 2(g) +  Br2(l) +  2H20(1).

HI is easily oxidised by concentrated H2SO4 to I2. Thus, the reaction of Nal 
with concentrated H2SO4 produces a mixture of products, consisting mainly 
of I2 and to a lesser extent, HI. Apart from H2SO4 being reduced to SO2 , S 
or H2S may also be produced, depending on reaction conditions:

Nal(s) +  H2S 0 4 (1) — ► NaHS04 (s) +  HI(g),

2HI(g) +  H2S 0 4(1) — > S 0 2(g) +  I2(s) +  2H20(1),

6HI(g) +  H2S 0 4 (1) — > S(s) +  3I2(s) +  4H20(1),

8HI(g) +  H2S 0 4 (1) — > H2S(g) 4- 4I2(s) + 4H20(1).

Q: Why is S or even H2S formed when HI reacts with concentrated 
H2SO4 , whereas SO2 is formed when HBr reacts with concentrated 
H2S 0 4?

A: The oxidation state of the sulfur-containing product that is formed 
serves as an indication of the strength of the reducing power of the 
hydrogen halide. In the presence of the stronger reducing agent HI, the 
oxidation state of S decreases by 8 units (from H-б in S 0 42- to —2 in
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Ii2S). In the presence of HBr, the oxidation state of S decreases only by
2 units (from + 6  in S0 42- to +4 in SO2).

10.10.4 Distinguishing tests fo r  halide ions

If you are given three test tubes of colourless solutions, each containing one 
of the halide ions Cl“ (aq), B r“ (aq) and I“ (aq), how can you tell one apart 
from another?

This sums up the gist of “qualitative inorganic analysis,” which is devoted 
to establishing the identities of constituent ions present in samples through 
the use of various reagents. The identity of a specific constituent ion is 
deduced using reactions which produce results characteristic of that partic
ular species, be it a colour change, the formation of a precipitate, or some 
other type of visible change.

The usual method employed to distinguish between the halides involves 
reacting each of these with aqueous silver nitrate to form insoluble silver 
halide salts. Since the precipitates may be similar in colour, a further con
firmatory test is done. The second test usually involves either the use of 
dilute aqueous ammonia or concentrated ammonia to test the solubility of 
the silver halide in such solvents. The results, characteristic of each halide, 
are given in Table 10.7.

Table 10.7  Distinguishing Tests for Halide Ions

T ype of Halide Cl (aq) B r (aq)

Step 1
to a test tube 
containing the 
halide

Step 2a To the
precipitate in 
Step 1 , add 
dilute NH3(aq)

Precipitate 
soluble in 
dilute NHs(aq)

Precipitate 
insoluble in 
dilute NH3(aq)

Precipitate 
insoluble in 
dilute NH3(aq)

Step 2b To the
precipitate in 
Step 1, add 
concentrated 
NH3

Precipitate 
soluble in 
concentrated
NH3

Precipitate 
soluble in 
concentrated
NH3

Precipitate 
insoluble in 
concentrated
NH3
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Q: What is the reason behind the different solubility of the silver halides 
in aqueous ammonia?

A: Silver halides have very low solubility in water. If the ionic product of 
AgX exceeds its Ksp value, precipitation is observed:

AgX(s) ^  Ag+ (aq) +  X ’ (aq), K sp of AgX =  [Ag+][X"]. (1 0 .12 )

When dilute NHa(aq) is added, there is complex formation between Ag+ ions 
and NH3 giving rise to the diamminesilver(I) complex, [Ag(NH3)2]+ (aq). 
There needs to be a critical concentration of Ag+ in order for complex 
formation to take place:

Ag+ (aq) +  2NH3 (aq) — » [Ag(NH3)2]+(aq).

The removal of the Ag+ via complexation causes [Ag+] in the solution to 
decrease. Consequently, according to Le Chatelier’s Principle, the forward 
reaction [see Eq. (10 .12)] is favoured to produce more Ag+ and more AgX 
is expected to dissolve. However, this is not the case since we know that not 
all silver halides are soluble in NHs(aq). Why is this so?

Ksp Values at 25°C  (mol2 dm ”6)

AgCl 1 .8  x  1 СГ10

AgBr 5.3 x 1СГ13

Agl 8.3 x lO- 1 7

Prom the above I<sp data, AgCl is the most soluble silver halide com
pound. Thus, when AgCl dissolves in water, it can provide the critical 
amount of Ag+ for the [Ag(NH3)2]+(aq) complex to form. As a result, the 
solubility equilibrium for AgCl is affected. Hence, according to Le Chatelier’s 
Principle, more AgCl dissolves. Now, all this is not possible for AgBr and 
Agl, simply because their low solubilities do not provide the critical amount 
of Ag+ for complexation to take place. However, if concentrated ammonia 
is used, then the large amount of NH3 present causes AgBr to dissolve but 
not Agl!

Q: Why is AgBr insoluble in dilute NHs(aq) but soluble in concen
trated NH3?

A: Although the concentration of Ag+ is low due to the smaller Ksp 
value for AgBr, there is a higher concentration of NH3 in concentrated
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NH3 than the dilute one, which causes a substantial amount of 
[Ag(NH3)2]+ (aq) to be formed. Thus, according to Le Chatelier’s 
Principle, equilibrium [see Eq. (1 0 .12)] is affected, causing more AgBr 
to dissolve.

10.11 Industrial Uses and Environmental Impact 
of Group 7 Elements and Their Compounds

10.11.1 Fluorine and its compounds

Fluorine is used to make chlorofiuorocarbons (CFCs), such as CF2CI2 , which 
are widely used as refrigerants and aerosol propellants. But nowadays, their 
use has been greatly reduced as they are believed to have caused ozone 
depletion in the stratosphere.

Fluorine is used to manufacture tetrafluoroethene (CF2=C F2), which can 
be polymerised to give poly (tetrafluoroethene), PTFE. This resists attack 
by most chemicals and is used in the chemical industry for the manufacture 
of corrosion-proof valves and seals. In addition, it is also used as a non-stick 
coating for pans and skis.

Fluoride is added to toothpaste to prevent dental cavities. The source of 
fluoride includes NaF.

10.11.2 Chlorine and its compounds

Chlorine is used as a bleaching agent and in water treatment, e.g., as a 
disinfecting agent in swimming pools. Chlorine disproportionates in water to 
give chloric (I) acid (HCIO) and hydrochloric acid. HC10 is a strong oxidising 
agent and kills germs by oxidising them.

Chlorine is used in the manufacturing of antiseptic (NaCIO and NaC103); 
explosives, matches and fireworks; weed killer; HC1 and inorganic AICI3 , 
FeCl3, PCI3 , etc.; solvents such as chloroform (CHCI3); organochlorine prod
ucts such as chloroethene for the making of poly(vinyl chloride) or PVC 
plastic. PVC is non-biodegradable and poses disposal problems, while chlori
nated insecticides, pesticides and herbicides are toxic and may leave residual 
toxicity in the birds, fishes and humans who consume them.

10.11.3 Bromine and its compounds

Bromine is used in the production of silver bromide used in photographic 
film. 1 ,2-dibromoethane is added to petrol to remove lead by generating 
volatile lead bromide and so prevent it from fouling spark plugs.
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M y Tutorial (C h ap ter 10)

1 . (a) Outline one industrial process for the manufacture of chlorine, stating 
the starting materials and one other commercially important product 
of the process.

(b) Name any one commercially important compound that is made 
directly or indirectly from chlorine and state its use.

(c) Chlorine reacts slightly with water. The reversible reaction can be 
represented by the equation:

Cl2 +  H20  HC1 +  HC10.

(i) What is the oxidation state of chlorine in HC10?
(ii) Give a name for the reaction.

(iii) Write two ionic half-equations for this process.

(d) Chlorine is widely used to disinfect water. The non-ionised acid 
НСЮ, formed in the above reaction, is a much better disinfectant 
than the CIO-  ion. НСЮ is a weak acid:

HClO(aq) ^  H+(aq) +  C10"(aq).

(i) In which direction should the pH of the solution be adjusted so 
as to increase the disinfectant power? Give reasons.

(ii) Give one adverse effect that might follow if the pH were adjusted 
too far in this direction.

(e) Bromine occurs as bromide ions at low concentration in seawater. It 
is extracted commercially by the following series of steps.

(A) Chlorine is passed into acidified seawater and bromine is then 
removed in a stream of air. The concentration of bromine in the 
gas phase is too low at this stage for it to be condensed out 
efficiently.

(B) Therefore, it is converted to hydrogen bromide by reaction with 
added sulfur dioxide and a small excess of water vapour:

Br2(g) +  S 02(g) + 2H20(g) — > 2HBr(g) +  H2S 0 4(g).
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A moderately concentrated, aqueous mixture of hydrobromic 
and sulfuric acids is obtained when the vapour is cooled and 
condensed.

(C) The concentrated mixture of acids is treated with chlorine and 
steam, producing a vapour from which liquid bromine is con
densed on cooling. The sulfuric acid remains in the solution.

(D) The crude bromine is purified by fractional distillation.

(i) Explain in terms of the relevant standard electrode poten
tials the reactions taking place in steps A and B. (Assume 
S 0 2 +  H20  is H2S 0 3.)

(ii) Why does liquid bromine vapourise easily?
(iii) Explain why, in step B, a large volume of gaseous hydrogen 

bromide dissolves in a small volume of water, and give the 
chemical species present in aqueous hydrobromic acid.

(iv) Describe a test for the detection of bromide ions in aqueous 
solution.

2. (a) Explain why alkaline solutions result when the oxides of the s block
elements dissolve in water.

(b) Most of these oxides dissolve readily in water. Exceptionally, the 
oxide of beryllium and magnesium have very low solubility in water. 
Explain in terms of enthalpy changes why this should be so.

(c) An aqueous solution of beryllium sulfate is acidic whereas an aqueous 
solution of magnesium sulfate is almost neutral. Why is there this 
difference in behaviour of Be2+ (aq) and Mg2+(aq)?

(d) Given a sample of solid magnesium chloride, contaminated with mag
nesium carbonate, describe tests you would perform in order to con
firm the presence of:

(i) magnesium ions,
(ii) chloride ions, and

(iii) carbonate ions.

3. (a) (i) Write an equation for the reaction of barium with water.
(ii) Would the reaction in (a)(i) occur more vigorously or less vig

orously than the reaction of calcium with water? Identify one 
contributory factor and use it to justify your answer.

(iii) Write an equation for the action of heat on solid barium car
bonate.
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(iv) At a given high temperature, which of the two carbonates, bar
ium carbonate or calcium carbonate, would decompose more 
easily? Explain with reasoning.

(v) How would you distinguish between solutions of barium chloride 
and calcium chloride? State in each case what you would see as 
a result of the test on each solution.

(b) 1.71 g of barium reacts with oxygen to form 2.11 g of an oxide W.

(i) Calculate the formula of W.
(ii) Give the formula of the anion present in W.

(iii) What is the oxidation number of oxygen in this anion?
(iv) Sodium forms an oxide, Y, which contains this same anion. Give 

the formula of Y.
(c) Treatment of either W or Y  with dilute sulfuric acid leads to the for

mation of the sulfate of the metal, together with an aqueous solution 
of hydrogen peroxide, H2O2 .
(i) Write an equation for the reaction of Y  with dilute sulfuric acid.

(ii) The hydrogen peroxide solution produced may be separated from 
the other reaction product. Explain briefly why this is easier to 
achieve if W is used as the initial reagent rather than Y.

(d) (i) Write an expression for Kp for the following equilibrium, giving
the units:

ВаСОз(в) ^  BaO(s) +  C(>2 (g).

(ii) How would the numerical value of Kp change if СаСОз were 
used in place of ВаСОз m (d)(i)? Explain your answer.

(a) (i) Define the term lattice enthalpy, illustrating your answer by ref
erence to the oxide of a Group 2 metal.

(ii) What are the factors that affect the magnitude of lattice 
enthalpy?

(iii) Why is lattice enthalpy for a given compound found by use 
of a Born-Haber cycle rather than being measured by direct 
experiment?

(iv) Lattice enthalpies can be calculated from a formula based on a 
purely ionic model. Why do values calculated in this way often 
differ from those found from a Born-Haber cycle?

(b) (i) How does the solubility of hydroxides of the Group 2 metals
change with increasing atomic number?
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(ii) Suggest an explanation for this trend.
(c) 0) Explain why there is an increase in metallic character with

increase in atomic number in Group 4 .
(ii) Explain why compounds of lead in oxidation state + 4  are oxi

dising.
(d) Prom the position of radium in the periodic table, predict the fol

lowing:

(i) the formula of radium carbonate;
(ii) the equation for the thermal decomposition of solid radium car

bonate;
(iii) how the decomposition temperature required in (d)(ii) would 

compare with that required for magnesium carbonate.

5. (a) Concentrated sulfuric acid reacts with sodium chloride as follows:

H2S 0 4 +  С Г  ^  HCl +  H S04" .

(i) Identify the conjugate acid/base pairs in this reaction.
(ii) What would be the observable result of this reaction?

(iii) Explain why this reaction goes almost completely to the right 
despite the fact that both hydrochloric and sulfuric acids are 
strong.

(b) When concentrated sulfuric acid reacts with solid sodium iodide, 
hydrogen iodide, hydrogen sulfide, sodium hydrogensulfate and water 
are formed together with one other product.

(i) Identify this product and state how you would recognise it.
(ii) Write an ionic half-equation to show the conversion of sulfuric 

acid into hydrogen sulfide.
(iii) Hence write the full ionic equation for the reaction between con

centrated sulfuric acid and sodium iodide.
(iv) What is the function of the sulfuric acid in this reaction?

(c) Explain concisely why the type of reaction occurring in (b) does not 
occur with sodium chloride.





CHAPTER 11

Introduction to Transition Metals 
and Their Chemistry

By definition, d block elements refer to those atoms with electrons occu
pying the d subshell. The number of d electrons may vary from d1 to d10. 
For instance, the electronic configuration of the Br atom is [Ar)3d104s24p5. 
Although it has 10 d electrons, it is not a d block element because its p 
subshell is partially filled. It is considered a p block element instead.

In the periodic table, the d block elements are found in groups located 
between Group 2 and Group 3 as shown in Table 11.1.

A transition element (otherwise known as a transition metal) is a d block 
element that can form at least one stable ion with a partially filled d subshell 

Here, we will focus on the first row of transition elements, namely:

Ti V Cr Mn Fe Co Ni Cu
titanium vanadium chromium manganese iron cobalt nickel copper

Strictly speaking, both Sc and Zn are not considered transition elements 
as they do not form stable species with partially filled d subshells:

Sc [Ar]3d4s2 Zn [Ar]3d104s2 

Sc3+ [Ar] Zn2+ [Ar)3rf10

The common stable species for Sc is Sc3+, which has an empty d subshell. 
As for Zn, its only stable ion Zn2+ has a completely filled d subshell.

Q: What is so special about the element forming species with a partially 
filled d subshell?

A: We will see later that it is the very presence of a partially filled d subshell 
that gives rise to interesting properties such as the ability to exist in van 
able oxidation states, the ability to form complexes, catalytic activity, 
and colour — all of which are features of transition elements.

421
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Table 1 1 .1  T h e d B lock  E lem en ts
H He
Li Be

d block
В С N 0 F Ne

Na Mg А/ Si P s С/ Ar
К Ca Sc Ti V Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr
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11.1 Writing Electronic Configuration
Let us do a warm-up exercise by listing the electronic configurations for the 
first row transition elements and their ions shown below:

(a) 22Ti and Ti2+,
(b) 23V and V2+,
(c) 24 Cr and Cr2+,
(d) 25Mn and Mn2+,

(e) 26 Fe and Fe2+,
(f) 27C0  and Co2+,
(g) 2sNi and Ni2+,
(h) 29CU and Cu2+.

Solution:

(a) 22Ti:
(b) 23V:
(c) 24 Cr:
(d) 25M11:
(e) 26 Fe:
(f) 27C0 :
(g) 28Ni:
(h) 2gCu:

ls 22s22p63s23p63d24s2; 
ls 22s22p°3s23p63d34s2; 
ls 22s22p63s23p63d54 s1; 
ls 22s22p63s23p63d54s2; 
ls22s22p63s23p63d64s2; 
ls 22s22p63s23p63d74s2; 
ls 22s22p63s23p63d84s2; 
ls 22s22p63s23p63d104s1;

Ti2+
V2+

Cr2+
Mn2+

Fe2+
Co2+
Ni2+

Cu2+

ls 22s22p63s23p63d2, 
ls 22s22p63s23p63d3, 
1s2 2s2 2p6 3s2 3p6 3d4, 
1s2 2s2 2p6 3s2 3p6 3d5, 
ls 22s22p63s23p63d6, 
1s2 2 s2 2p6 3s2 3pe 3d7, 
Is2 2s22pe3s2 3pG 3d8, 
ls 22s22p63s23p63d9.

Approach: Remember the following points, which tend to be overlooked:

The 4s subshell is filled first with electrons before the 3d subshell. This 
is because the empty 4s subshell has a lower energy than the 3d subshell 
at that particular atomic number 19.
However, as the 3d subshell is closer to the nucleus (since n =  3 principal 
quantum shell is closer to the nucleus than n =  4 ), once it is occupied 
by electrons, the 3d electrons repel the 4s electrons further away from 
the nucleus and cause the latter to be at a higher energy level. Thus, the 
electronic configuration of the element is written in the form of increasing 
principal quantum number.
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• When writing the electronic configuration of the cation, write the elec
tronic configuration of the neutral atom first and then remove electrons 
from the subshell with the highest energy, i.e., remove electrons from the 
4s subshell before the 3c? subshell.

• The anomalous cases of Cr and Cu: Apparently, electronic configurations 
with half-filled or fully filled 3d subshells are unusually stable due to sym
metrical distribution of charge around the nucleus. The electronic config
uration of Cr is [Ar]3d54sx and that of Cu is [Arj3rf10451.

Q: Why is the energy of the 4s subshell lower than that of the 3d subshell? 
Isn’t the n =  3 principal quantum shell nearer to the nucleus than that 
of n =  4?

A: Indeed, on average, the n =  3 principal quantum shell is closer to the 
nucleus than the n =  4. But within a particular principal quantum shell, 
different subshells have different energy due to their slightly different dis
tance from the nucleus. We term them as having different “penetrating 
power”. The more penetrating the subshell, the lower the energy it has 
because of the stronger attractive force experienced due to the closer 
proximity to the nucleus.

The penetrating power of the subshells in the same principal quantum shell 
decreases in the order s > p > d > f .  The corresponding energy of the 
subshells increases in the order s < p < d < f . Across different principal 
quantum numbers, the relative penetrating power for the same type of sub
shell decreases in the order Is > 2s > 3s > 4s > 5s, etc. In addition, the 
number of protons cause each particular subshell of a particular principal 
quantum number to change to a different extent. All these complex factors 
combine in a non-linear relationship, which coincidentally results in the 
3d subshell’s energy being higher than that of the 4s subshell at atomic 
number =  19 (Fig. 11.1).

Q: If 3d electrons repel 4s electrons and raise the energy of the latter, why 
do the 4s electrons not subsequently “come down” to the lower energy 
3d subshell?

A : This is a case of “chicken or the egg”. One needs to recognise that the 
presence of d electrons does increase the energy of the 4s electrons, and 
if for this reason the 4s electrons “drop down” to the lower energy 3d 
subshell, leaving the 4s subshell empty, then the scenario is similar to 
filling up the 3d subshell first instead of filling up the 4s subshell. But
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Fig . 1 1 . 1 . Variation in potential energy of subshells against atomic number Z.

do not forget that at atomic number = 1 9 , the 4s subshell has a lower 
energy than the 3d subshell.

Q: Why is a half-filled or completely filled d subshell more preferred than 
a partially filled d subshell?

A: The five d orbitals when combined, make a complete sphere. Thus, if the 
d subshell is half-filled or completely filled, the distribution of electron 
density is symmetrical as compared to an asymmetrical distribution of 
electron density for a partially filled d subshell. For the latter asymmet
rical distribution of electron density, there is a potential difference built 
up, which means that there is a driving force to decrease this tension 
to achieve a “tension free” state, which has lower energy. The latter 
corresponds to a symmetrical distribution of electron density.

Q: If a more symmetrical distribution of electron density around the nucleus 
results in a more stable atom, then why is the electronic configuration 
of 23V not ls 22522p63s23p63d44s1? Doesn’t it constitute a more sym
metrical distribution than ls 22s22p63$23p63d34 s2?

A: Yes, there is indeed an increase in the degree of symmetrical 
distribution of electron density if the electronic configuration is 
ls 22s22p63s23p63d44s1. But meanwhile, do not forget that the 3d
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subshell occupies a smaller region of space than the 4s subshell. Bringing 
the electron into the 3d subshell increases inter-electronic repulsion at 
the expense of a slight increase in the degree of electron density sym
metry, which might not be thermodynamically feasible. So it seems that 
nature knows when to strike a good balance — it is at Cr and Cu.

11.2 Physical Properties of Transition Metals

As with all metals, transition elements are good conductors of heat and 
electricity. Yet they also show properties different from the metals of Groups 
1 and 2. Unlike the latter, transition metals are hard, have higher densities, 
and higher melting and boiling points.

Recall that variations in physical properties, across a period, are 
attributed primarily to the degree of effective nuclear charge experienced 
by valence electrons.

If we move across the first row of transition elements, we expect the 
effective nuclear charge felt by the valence electrons to increase and con
sequently lead to a decrease in atomic radii from Ti to Cu. Likewise, we 
expect an increase in the first ionisation energies as we cross from Ti to Cu. 
Actual experimental data paints a different picture: the transition elements 
actually show remarkably similar properties without much variance across 
the d block.

11.2.1 Trend in atomic radius

As we move from Ti to Cu, there is an increase in nuclear charge. Each 
additional electron enters the penultimate (i.e., second to last) 3d subshell.
As such, there is an increase in shielding effect caused by the increasing 
number of d electrons. Overall, the effective nuclear charge increases very 
gradually, accounting for the relatively constant atomic radii without much 
variation observed across the d block (Fig. 11.2).

Q: Since electrons are being added to the penultimate d subshell, the 
increase in shielding effect should be able to nullify, to a substantial 
degree, the increase in nuclear charge that the 4s electrons experience.
But if one compares the atomic radii of the s block elements (such as 
К and Ca) with the d block elements, one sees a very drastic difference. 
How does one account for the much smaller atomic radii of the d block 
elements compared to the s block elements?
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Fig . 1 1 .2 . Trend in atomic radius.

A: The d electron in the penultimate subshell does not provide an effective 
shielding effect compared to the s electrons or p electrons. This is easy 
to rationalise. Remember we have said that the five d orbitals, when 
combined together, form a sphere? This means that each d orbital, on 
average, only occupies about 20% of the space; hence, this drastically 
decreases the amount of shielding effect it can provide. This results in 
a sharp increase in the effective nuclear charge, which causes a drastic 
decrease in atomic size.

In short, the smaller atomic radii of the d block elements compared to the s 
block elements arises from the greater effective nuclear charge in the former 
because of higher nuclear charge, but poor shielding effect, provided by the 
d electrons.

11.2.2 Trend in ionic radius

In comparing cations of the same charge, there is generally a gradual 
decrease in ionic radius across the d block (Fig. 11.3). The phenomenon 
is similar to the trend for atomic radii. This is attributed to the small yet 
gradual increase in effective nuclear charge from Sc to Ni.

On the whole, transition metal ions are considered to have higher charge 
density than their s block counterparts owing to their smaller ionic radii and 
higher charges. With such higher charge density, the transition metal cations
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undergo appreciable hydrolysis in aqueous solution, causing the solution to 
be relatively acidic (refer to Chap. 7).

11.2.3 Trend in first ionisation energy

Moving across from Sc to Zn, the first ionisation energies are approxi 
mately constant, i.e., there is only a very small increase across t ie  oc 
(Fig. 11.4). This can be ascribed to the relatively constant effective nuc ear
charge across the d block.
• Comparison between d block and s block elements in the same peri 

Exam ple 11.1: Why do compounds containing Cr exist but no
of Ca3+?

Solution: Useful 
First three ionisat 
First three ionisat 
Electronic configurations or:

K + C a 2+ S c 3+ T j2+ v *  Cr34" Mn2+ Fe3+ Co2+ Ni2+ Cu2+ Zn2+ 

F ig . 1 1 .3 . Trend in ionic radius.

The 3d eh 
d electron 
of Cr2+ t c ___
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F ig . 1 1 .4 . Trend in first ionisation energy.

to remove the 3p electron from Ca2+ to form Ca3+ as shown by the much 
higher 3rd ionisation energy of Ca compared to that of Cr.

11.2.4 Trend in melting and boiling points

In general, the d block elements have high melting and boiling points 
(Fig. 11.5). These data suggests strong metallic bonding in these elements.

• Comparison between d block and s block elements in the same period

Exam ple 11.2: Why do first row d block elements have higher melting 
points than s block elements?

F ig . 1 1 .5 . Trends in melting and boiling points.
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Solution: The higher melting point of the d block elements compared to 
the s block elements indicates stronger metallic bonding in the former. The 
greater strength of the metallic bond is due to the greater number of elec
trons available for delocalisation. This is possible as both the 3d and 4s 
electrons are similar in energy.

The same argument applies when comparing the boiling points between 
the d block and s block elements.

11.2.5 Trend in electrical conductivity

The transition elements are metals with giant metallic lattice structures. 
They are good conductors of electricity as there exist delocalised elec
trons that can act as mobile charge carriers when a potential difference is 
applied.

• Comparison between d block and s block elements in the same period

Exam ple 11.3 : How do you expect the electrical conductivity of the first 
row d block elements to differ from those of the s block elements?

Solution: Transition metals are better electrical conductors than the s block 
elements. The better electrical conductivity is due to the greater number of 
delocalised electrons in the metallic structure, i.e., both the 3d and 4s elec
trons are available since these have similar energies. In the s block elements, 
only the 4s delocalised electrons can act as mobile charge carriers.

11.2.6 Trend in density

Moving from Sc to Cu, there is a gradual increase in density, which can be 
accounted for by the small decrease in atomic size coupled with the increase 
in relative atomic mass. In general, more atoms of the d block elements are 
packed in a unit volume compared to the s block elements within the same 
period.

• Comparison between d block and s block elements in the same period

E xam p le  11.4 : How do we account for the higher density of the first row 
d block elements compared to that of the s block elements?

Solution: Comparing one unit volume of a d block and s block metal, the 
higher density of the former is attributed to the smaller atomic size and 
greater relative atomic mass of the d block metal atom compared to that of 
the s block metal atom.



430 Understanding Advanced Physical Inorganic Chemistry

11.3 Chemical Properties of Transition Metals

This section discusses some typical chemical properties unique to transition 
metals but not the s block elements, including:

• displaying variable oxidation states,
• exhibiting catalytic properties,
• forming stable complexes, and
• forming coloured compounds and ions.

11.3.1 Variable oxidation states

Exercise: State the oxidation state of Cr in the following compounds:

(a) CrCl2, (b) CrCl3, (c) C r02, and (d) K2Cr20 7.

Solution:

(a) +2, (b) +3, (c) +4, and (d) +6.

As shown in the above example, Cr, like the other transition elements, 
exhibits a variety of different oxidation states in its compounds. This is not 
true for К, Ca, A1 or any other metals whose oxidation number corresponds 
solely to its group number.

The ability to display many different oxidation numbers is made possible 
by the fact that the 4s and 3d electrons have similar energies (Fig. 11.1) and 
different numbers of these electrons are available for use in bond formation.

There is a general relationship between the oxidation states and the type 
of bond formed (be it ionic or covalent):

• the elements exhibit higher oxidation states when they form covalently 
bonded oxo-anions with oxygen, e.g., Cr20 72“ , V 0 3“ , C r0 42 - ;

• they exhibit lower oxidation states when they exist as cations.

Q: Is it possible for a transition element to use all its 3d and 4s electrons 
in bond formation?

A: Yes and no. It is observed for Sc to Mn. These elements exhibit the 
maximum oxidation number, which is equivalent to the total number 
of 3d and 4s electrons. For example in M n04" ,  the Mn atom has the 
maximum oxidation state of +7. However, this is not the case for Fe and 
elements to the right of it in the periodic table. One reason for this is 
the limitation of size and space. Cu has a total of 11 electrons in both 
the 3d and 4s subshells. If you can, for a moment, picture Cu being 
surrounded by six О atoms (pretending that it is C u 06” ), do you see it



is a tight squeeze? In addition, since the d subshell of Cu is completely 
filled, the formation of a compound such as C u06-  would require the 
utilisation of the higher energy 4p subshell. This becomes thermody
namically unfeasible as far as “investment” is concerned. Anyway, the 
common oxidation states of Cu are +1 and +2 in its compounds.

The reduction of V 0 2+ (aq) using the reducing agents FeSO^aq) and Zn(s) 
is a good example to demonstrate the ability of the transition elements in 
exhibiting various oxidation states. The feasibility of the redox reaction can 
be verified by calculating the £ ece]1 value of the reaction. A positive value 
indicates that the reaction is thermodynamically spontaneous.

Table 11.2 shows vanadium in various oxidation states, the corresponding 
ions and their colours.

We will take a look at what happens when FeSC>4 (aq) and Zn(s) are 
each added, until in excess, to a solution of NHjVC^aq) acidified with 
dilute sulfuric acid.

Firstly, we must note the acid-base reaction that occurs between 
V 0 3_ (aq) and the acid as shown by Eq. (11.1). Hence, the subsequent reac
tion with FeSO^aq) or Zn(s) actually involves the V 0 2+(aq) ion and not 
the V 0 3“ (aq) ion:

V 0 3-(aq) + 2H+ (aq) — ► V 0 2+(aq) +  H20(1). (11.1)
Relevant E °  values are used to compute £^.eU to show the spontaneity 

of a particular reaction:
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Еет (V)

V 02+ +  2H+ +  e” ^  V 02+ +  H20 + 1.00

V02+ +  2H+ -b e" ^  V3+ + H20 +0.34
V3+ +  e~ — v 2+ -0 .2 6

V2+ +  2e“ ^  V - 1.20

Fe3+ +  e "  ^  Fe2+ +0.77

Zn2+ +  2e_ ?=± Zn -0 .7 6

Table 11.2 Vanadium and Its Various Ions

O xid ation  S ta te  of V + 5 + 4 + 3 + 2

Formula of ion V 0 2+ (aq) V 0 2+(aq) V3+ (aq) V2+(aq)

Colour of ion yellow blue green purple
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• Addition of aqueous iron(II) sulfate

V 0 2+(aq) +  Fe2+(aq) + 2H+(aq) — > V 0 2+(aq) +  Fe3+(aq) +  H20(1)
yellow pale green blue y e llo w -b ro w n

E*cell =  1.00 -  (+0.77) =  +0.23 V.

Since E » cen > 0 V, the reaction is considered to be thermodynamically 
feasible under standard conditions. Fe2+(aq) is able to reduce V 0 2+ (aq) to 
V 0 2+(aq).

The original yellow colour of V 0 2+ (aq) will turn green. The green colour 
arises from the mixing of colours of the products — blue V 0 2+(aq) and 
yellow-brown Fe3+(aq).

Q: Since there is excess Fe2+(aq), can it further reduce the V 0 2+(aq) that 
is formed?

A: For this, let us calculate ^ сец if the following reaction is to occur:

V 0 2+ (aq) +  Fe2+ (aq) +  2H+ (aq) — ♦ V3+ (aq) + Fe3+ (aq) + H2 0 (l). 

^ceii =  0-34 -  (+0.77) =  -0 .43  V.

Since Е»еП < 0 V, the reaction is thermodynamically unfeasible under stan
dard conditions. Fe2+(aq) is not able to reduce V 0 2+(aq).

Thus, when FeSO^aq) is added in excess to a solution containing 
V 0 2+ (aq), the reducing power of Fe2+(aq) is only strong enough to reduce 
V 0 2+ (aq) to V 0 2+(aq).

• Addition of zinc

2V 02+(aq) +  Zn(s) +  4H+(aq) — > 2V 02+(aq)
yellow blue

+  Zn2+(aq)+  2H20(1). (11.2)
colourless

E%m =  1 .0 0 - ( -0 .7 6 )  = + 1 .7 6  V.

Since > 0 V, the reaction is thermodynamically feasible under stan
dard conditions. Zn(s) is able to reduce V 0 2+ (aq) to V 0 2+(aq). However, 
the reaction does not stop here. Zn(s) can further reduce the V 0 2+(aq) 
formed:

2V 02+(aq) +  Zn(s) + 4H+(aq) — ♦ 2V3+(aq)
blue green

+  Zn2+(aq) +  2H20(1). (11-3) 

E°cM =  0.34 -  (-0 .76) =  + !.1 0  V.
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Since E 0ceи > OV, the reaction is thermodynamically feasible under stan
dard conditions. Zn(s) is able to reduce V 0 2+ (aq) to V3+(aq).

In fact, Zn(s) is able to further reduce the V3+(aq) that is formed:

2V3+ (aq) +Zn(s) — ► 2V2+ (aq) +  Zn2+(aq). (11-4)
green purple 

£ eceii =  - 0 - 2 6  -  ( - 0 .7 6 )  =  + 0 .5 0  V .

Since E 9,ell > 0 V, the reaction is thermodynamically feasible under stan
dard conditions.

Q: Can Zn(s) further reduce the V2+ (aq) that is formed?
A: For this, let us calculate E * ceii if the following reaction is to occur:

V 2+ (aq) +  Zn(s) — > V(s) +  Zn2+(aq).

E * eU =  - 1 .2 0  -  ( - 0 .7 6 )  =  - 0 .4 4  V.

Since £ eceii < 0 V, the reaction is thermodynamically unfeasible under stan
dard conditions. Zn(s) is not able to reduce V2+(aq).

Thus, when Zn(s) is added in excess to a solution containing V 0 2+(aq), 
Zn(s) is such a strong reducing agent that it can reduce V 0 2+(aq) to 
V2+ (aq). The original yellow colour of the V 0 2+(aq) will turn purple.

The overall equation for the reaction between V 0 2+(aq) and Zn(s) is the 
summation of Eqs. (11.2), (11.3) and (11.4), i.e.,

2V 0 2+(aq) +  3Zn(s) +  8H+ (aq) —-  2V2+ (aq) + 3Zn2+(aq) +  4H20(1).
yellow purple

Based on the examples given, for as long as the intended reducing agent 
has a more negative E*  value than that of the species to be reduced, the 
reduction is considered to be thermodynamically feasible.

E xam p le 11.5: With reference to E *  values, propose a reducing agent that 
can reduce manganese(IV) oxide to Mn2+(aq) in an acidic solution.

Solution: The reduction of M n02 can be represented by

M n02 +  4H+ + 2e" ^  Mn2+ +  2H20 , E * =  +1.23 V.

The intended reducing agent has to have a more negative E* value than 
that of the species to be reduced, i.e., the E °  value has to be more negative 
than +1.23 V.
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Glancing through the list of standard electrode potentials in the Data 
Booklet, there are many possibilities. Just pick one but it is recommended to 
know, at the back of your mind, common reducing agents such as FeSO^aq), 
Zn(s), I<I(aq) and S 0 2(g).

In this case, the proposed reducing agent is FeSO^aq):

Fe3+ +  e" ^  Fe2+, =  +0.77 V.

The reaction between Fe2+ and M n02 is given as

M n02(s) +  2Fe2+ (aq) + 4H+ (aq) — > Mn2+ (aq) +  2Fe3+ (aq) +  2H20(l).

£*cell =  1.23 -  (+0.77) =  +0.46 V.

Since Е*сеП > 0 V, the reaction is thermodynamically feasible under stan
dard conditions. Fe2+ (aq) is able to reduce M n02(s) to Mn2+ (aq).

11.3.2 Catalytic properties

Transition elements and their compounds are useful catalysts. The two types 
of catalysts are:

• heterogeneous catalysts, and
• homogeneous catalysts.

• Heterogeneous catalysts
In heterogeneous catalysis, the catalyst is in a different phase from the 
reactants. How does this catalyst function in its role?

The reactants are usually liquids or gases and the catalyst is normally 
a solid that provides active sites at which reaction can occur. Reactant 
molecules are adsorbed onto the surface of the catalyst by forming weak 
bonds with the atoms on the active sites. For such bond formation to occur, 
the metal catalyst must possess partially filled d orbitals for the fol
lowing two possible mechanisms to take place:

о the d electrons can be used to form bonds with the reactant molecules, 
and

о low-lying vacant orbitals can be used to accommodate lone pairs of elec
trons from reactant molecules, resulting in bond formation.

The increase in reaction rate is achieved through the following:

о The weak bonds that are formed between reactant molecules and the 
metal atoms at the active sites weaken the intra-molecular bonds in the
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reactant molecules. This reduces the activation energy for the reaction to 
occur.

о In addition, there will be a high concentration of reactants on the catalyst 
surface. Thus, the reactants are brought in close proximity to one another 
and with the correct orientation for effective reactions to take place.

In essence, the catalyst acts as a “reactant”! The reaction pathway with the 
involvement of the catalyst has a lower activation energy than the uncatal
ysed pathway. As a result, at the same temperature that the uncatalysed 
reaction is carried out, the catalysed reaction has more reactant particles 
possessing kinetic energy greater than the lower activation energy. This leads 
to a higher reaction rate.

Examples of heterogeneous catalysts include:

о finely divided Fe powder and Fe2C>3 used in the Haber process to manu
facture ammonia: N2(g) -I- 3 H2 (g) т=ь 2NHa(g); 

о Ni(s) used in the hydrogenation of unsaturated fats to the saturated 
form in the manufacture of margarine: R-CH=CH-R/(1) +  H2(g) — » 
R-CH 2-CH2-R'(1).

Refer to Chap. 5 on Reaction Kinetics for details of the above examples.

• Homogeneous catalysts

In homogeneous catalysis, the catalyst is in the same phase as the reactants. 
How does this catalyst function in its role?

The involvement of the catalyst in the reaction creates an alternative 
reaction pathway that has lower activation energy (Fig. 11.6). It does so by 
reacting with one reactant to form an intermediate species that subsequently 
reacts with the other reactant to form the desired products. The catalyst is 
regenerated at the end of the reaction.

Therefore, for transition elements to serve the role of a homogeneous 
catalyst:

о they must be able to exist in different oxidation states, and 
о it should be relatively easy to convert from one oxidation state to another.

Transition metal ions are particularly effective at acting as homogeneous 
catalysts because they can exist in different oxidation states and they can 
change their oxidation states easily, facilitating the formation and break
down of intermediate compounds between the ions and the reactants.
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The following section provides examples of transition elements and their 
ions functioning as homogeneous catalysts. In addition, we will use £ ecell 
calculations to show the feasibility of their usage.

Fig . 1 1 .6 . Energy profiles for a catalysed and an uncatalysed reaction.

Exam ple 11.6: Account for the use of either Fe2+ or Fe3+ as catalysts in 
the reaction between peroxodisulfate ions and iodide ions.

Solution: E*  values needed:
S20 82-  +  2e- ^  2 S 0 42 - , E °  =  +2.01 V, 
Fe3+ + e~ Fe2+, =  +0.77 V, 
I2 +  2 e - ^ 2 I - ,  iJ® =  +0.54 V.

The uncatalysed reaction is

S2 0 82- (aq) +  21“ (aq) — ► 2 S 0 42- (aq) +  I2 (aq).

E * ce]l =  + 2 .0 1  -  (+ 0 .5 4 )  =  + 1 .4 7  V .

Since ^ceii > 0, it is predicted that the uncatalysed reaction is thermody
namically feasible under standard conditions. However, kinetically, the elec
trostatic repulsion between the two negatively charged ions partly causes
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the reaction to have high activation energy. As a result, the rate of reaction 
is slow.

• When the reaction is catalysed by Fe2+

Step 1 : 2Fe2+(aq) +  S20 82~(aq) — . 2 S 0 42-(aq) +  2Fe3+(aq).
catalyst intermediate

£ e ceii =  + 2 -0 1  -  (+ 0 .7 7 )  =  + 1 .2 4  V .

Step 2 : 2I-(aq) +  2Fe3+(a q )— * I2 (aq) +  2Fe2+ (aq) .
intermediate catalyst regenerated

£ ecen =  + 0 .7 7  -  (+ 0 .5 4 )  =  + 0 .2 3  V .

When the reaction is catalysed by Fe2+, it proceeds via a two-step path
way that is thermodynamically feasible under standard conditions ( ^ ец for 
both steps > 0 ). These steps are expected to take place more readily than 
the uncatalysed reaction since they involve the collision between two oppo
sitely charged ions. The activation energy for each of the steps is lower than 
that of the uncatalysed reaction and as a result, the reaction rate increases. 
The catalyst Fe2+ is regenerated at the end of the reaction.

• When the reaction is catalysed by Fe3+

Step 1 : 2Fe3+ (aq) +  21“ (aq) — > b(aq) +  2Fe2+(aq).

E % n =  + 0 .7 7  -  (+ 0 .5 4 )  =  + 0 .2 3  V .

Step 2: S20 82-(aq) +  2Fe2+(aq) — ♦ 2S 0 42"(aq) + 2Fe3+(aq).

E% m  =  + 2 .0 1  -  (+ 0 .7 7 )  =  + 1 .2 4  V .

As shown by the positive i^ celj values for the two steps, Fe3+ is also an 
effective catalyst for the same reasons why Fe2+ is a good one.

To select a suitable metal ion as a homogeneous catalyst, E°  values 
can provide us with a good starting point. The intended catalyst should 
have a standard reduction potential between those of the reactants, that 
is in this case, it should be between 0.54 V and 2.01 V for the reaction of 
peroxodisulfate and iodide ions.

11.3.3 Formation of complexes

A complex consists of a central metal atom or ion surrounded by other 
ions or molecules called ligands bonded to the central atom/ion by dative 
covalent bonds. We can have neutral complexes such as Ni(CO)4 and also 
complex ions, which depending on their overall charge, can be either a cation 
or an anion, e.g., ре(Н2 0 )б]3+ and [Fe(CN)6]3 - .
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NH3

HjNj L

H3N:
'Co\  /  

... :NH3

NH3

3+

Fig . 11 .7 . A diagram depicting the complex [Со(ННз)б]з+

In complex formation, there is dative covalent bond formation between 
the central atom/ion and each of the ligands. A ligand must contain at least 
one donor atom with a lone pair of electrons to be used in forming a dative 
covalent bond with the central metal atom or ion. The central atom or ion 
must possess low-lying vacant orbitals to receive these lone pairs of electrons 
from the ligands.

As shown in Fig. 11.7, the dative covalent bond is represented by an 
arrow “— >” showing the direction of electron flow from each of the six NH3 
ligands to the central Co3+ ion.

The total number of dative covalent bonds that are associated with 
the central atom or ion is called the co-ordination number. Thus, for 
[Со(1ЧНз)б]3+, the co-ordination number is 6 .

Exam ple 11.7: State the co-ordination number for the following metal 
complexes:

(a) [CuCl4]2- ,  (b) [Fe(CN)6]4- ,  (c) Ni(CO)4, and (d) [Ag(NH3)2]+ . 

Solution:

(a) 4, (b) 6 , (c) 4, and (d) 2.

11.3.3.1 Nature of ligands

A ligand can be either a molecule or an ion, as long as it contains at least 
one atom bearing a lone pair of electrons to be used in dative covalent bond 
formation. Examples of ligands include the neutral molecules H20 ,  NH3 or 
CO and the anions С Г , OH- , CN“ or SCN".

There are ligands that can donate more than one pair of electrons and 
hence form more than one dative covalent bond to the same central atom
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or ion. These ligands axe classified as polydentate ligands. More specifically, 
a 6zdentate ligand forms two bonds, a £rodentate ligand forms three bonds, 
and so forth. A monodentate ligand is capable of forming, as its prefix 
implies, only one dative covalent bond with the central metal atom or ion. 
Polydentate ligands typically have a relatively long skeletal chain length, 
usually comprising of carbon atoms, which allows the ligand molecule to 
coil round the metal centre.

Another term for polydentate ligand is chelating agent, derived from the 
Greek word meaning “claw.” The resultant complex ion formed is commonly 
called a chelate or chelated compound. Comparing complexes of the same 
central metal ion and the same co-ordination number, one with a poly
dentate ligand is generally more stable than one with many monodentate 
ligands. This is because in order to dissociate the polydentate ligand from 
the metal centre, all the dative covalent bonds need to break off simultane
ously at one go — a feat statistically less probable than breaking off a single 
covalent bond formed with a monodentate ligand.

There are many polydentate molecules present naturally in the biological 
system. They include saccharides, amino acids, proteins, polypeptides, and 
fatty acids.

Exam ple 1 1 .8 : State the oxidation number of the metal in the following 
complex ions.

(a) [V(H20 ) 6]3+, (b) [Cr(NH3 )6JCl3, (c) [Fe(CN)6]4- ,  and (d) [Fe(SCN) 
(H20)5]2+.

Solution:

(a) +3, (b) +3, (c) +2, and (d) +3.
The overall charge of a complex ion is the sum of the charges on the metal 
centre and individual ligands.

Take for example, [Fe(SCN)(H20 )5]2+.
Let the oxidation state of Fe be x. SCN“ has a net charge of —1. The 

charge on the neutral H20  molecule is 0. The overall charge of this complex 
ion is -1-2 .

Thus, we have

x +  (—1) +  5(0) =  + 2  

x =  +3.

Hence, the oxidation state of Fe is +3.
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Example 11.9: Identify the donor atoms, which can form dative covalent 
bonds, in the following ligands:

(a) CN~ (b)CO (c)SCN- (d) H2N -C H 2-C H 2-N H 2

jh— ®  "О-C —CH2 < 2 H2—C—O"
n- ch2- ch2- n 

- 0 - c- ch2 сн2 С 0“
o о

Solution:

-O 0"

(a) and (b) For these monodentate ligands, the donor atom is the С atom. 
For “ C=N, the negative charge resides on the carbon atom, which makes 
it more electron-rich than the nitrogen atom. As for CO, the negative end 
of the dipole also resides on the С atom (refer to Chap. 2 on Chemical 
Bonding!). In addition, the С atom is less electronegative than the other 
bonding atom, i.e., it is more willing to donate its lone pair of electrons.

(c) For the monodentate thiocyanate ion, either the S or N atom can be 
considered donor atoms due to the resonance that exists within the ion:

S=C=N “ «— > "S-C =N .

(d) For the bidentate ligand ethane-1,2-diamine, the donor atoms are the 
two N atoms — the only atoms in the molecule with a lone pair of 
electrons.

3+

ethane-1,2-diamine (en) as a 
bidentate ligand in (Со(еп)з]3*

ethanedioate ion as a 
bidentate ligand in [Сг(С20 4)з]3“
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(e) The ethanedioate ion serves as a bidentate ligand. Its donor atoms are 
the О atoms bearing the negative charge. These are more electron rich 
than the О atoms that are doubly bonded to the С atoms.

(f) The ethylenediaminetetraacetate ion, abbreviated as edta4 - , is an 
example of a Ziexadentate ligand which can form six dative covalent 
bonds with the metal centre. Its donor atoms are the two N atoms and 
the four О atoms bearing the negative charge:

О
:0 - C - C H 2 7CH2-

•N—CH2—CH2—N: 
ю -с -с н 2 CH2—

о edta4"

Q: Can Zn2+ function as a ligand since it has five pairs of electrons in its 
3d subshell?

A : No, it cannot. Remember, in bond formation, there must be electro
static attraction between two particles. Zn2+ is a positively charged 
species that is unlikely to use its lone pair of electrons for dative cova
lent bonding. In addition, if the metal centre is a cation, both species 
exhibit electrostatic repulsion between each other.

11.3 .3 .2  Shapes of complex ions

Ligands can be a monatomic ion or a large molecule. The difference in sizes 
of these ligands, coupled with the various sizes of the transition metal ions, 
means that the number of possible ligands that can fit around the central 
metal ion varies.

Nonetheless, some generalisations can be made, such as the following:

• Some transition metal ions have the same co-ordination number for vari
ous types of ligands. For instance, Ag+ tends to form complexes with the 
co-ordination number of 2 and these are linear in shape, e.g., [Ag(CN)2] 
and [Ag(NH3)2]+:

[H3N : — >Ag’<—  : NH3J+ [Ag(NH3)2]+
linear
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• Since H2O is a relatively small ligand, aqua complexes are generally 
octahedral in shape with the co-ordination number of 6, i.e., 6 H2O 
molecules surround the central metal ion, e.g., [V(H20)g]3+, [Fe(H20)e]3+ 
and [Cu(H20 )6]2+.

• NH3 and CN-  are also considered relatively small ligands, and complexes 
containing these ligands are generally octahedral in shape with the co
ordination number of 6, e.g., [№(КНз)б]2+ and [Fe(CN)e]3 - .

2+

[Cu(H20 ) 6]
o ctah ed ral

2+

3 -

octah ed ral

However, there are exceptions such as [Cu(CN)4]3 - , which is tetrahe
dral in shape with the co-ordination number of 4. It is thus important 
to take note that the co-ordination number around the metal species 
is highly dependent on the nature of the metal species and the ligand 
involved.
Compared to the above ligands, Cl” is relatively larger and only four Cl-  
ligands can fit around, for instance, cobalt and copper ions. For example, 
both [C0CI4]2- and [СиСЦ]2- are tetrahedral.

Cl

Cl:

I
Cu11

Cl

[СиСЦ]2'
tetrah ed ral

2-



Introduction to Transition Metals and Their Chemistry 443

11.3.3.3 Understanding the nomenclature of complexes

It is both important to know the chemical formula of the complex and how 
to name it. There is a systematic approach to naming complexes and this 
makes identifying them easier, but firstly, you need to learn about the rules 
involved.

For cationic complexes, the name of the metal is used. For example,

[C u(NH3)4]2+.

N .  паше of metal ion and its
oxidation slate shown in Roman 
numerals in parentheses

Ti titanate
V vanadate
C r chromate
Mn manganate
Fe ferrate

Co cobaltate
Ni niccolate
Cu cuprate
Zn zincate

For anionic complexes, the name of the metal is modified to end in -ate. 
For example, tetracyanocuprate(I): [Cu(CN)4]3“ .

For complexes with more than one type of ligand: the ligands are listed 
in alphabetical order and the number of each is stated immediately before 
its name. For example,

pentaaquahydroxoaluminium(III): [А1(0Н)(Н20)б]2+.

5H20  1 0 H - 
ligands ligand

There are three main points to note when writing the chemical formulae of 
complex ions:

• The chemical formula of the complex ion is enclosed in square brackets 
with the charge written as a superscript.

no. of ligands

tetraamminecopper(II)

di- 2
tri- 3
teira- 4
penta- 5
hexa- 6

I
type of ligands

H20 aqua
NHj ammine
CO carbonyl
cr chloro
CN~ cyano
о ь г hydroxo
SCN~ ihiocyanato
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• When there is more than one polyatomic ligand of the same kind, the 
chemical formula of the ligand is enclosed in curved brackets with the 
number of such ligands written as a subscript, e.g., 5 H2O ligands repre
sented in bold in the formula [Al(0H)(H2O )5]2+.

• Regardless of the type of complex, one always lists the chemical symbol 
of the metal, followed by the ligands in the order: anion and then neutral 
ligand. For example, [Al(0H)(H20)s]2+.

Exam ple 11.10: Write the chemical formulae for the following metal com
plexes:

(a) tetracarbonylnickel(O), (b) tetraamminediaquacopper(II),
(c) hexacyanoferrate(III), and (d) potassium hexacyanoferrate(II).

Solution: (a) Ni(CO)4, (b) (Си(МНз)4(Н20)2]2+, (с) [Fe(CN)6]3- ,  and
(d) I<4[Fe(CN)6].

1 1 .3 .4  The property of colour

Many transition metal compounds are coloured. Common examples include
the following:

C r0 42~ yellow (Fe(H20 ) 6]3+ yellow
Cr20 72- orange |Fe(H20 )e ]2+ pale green
(Cr(H20 ) 6]3+ green [Fe(SCN)(H20 ) 5]2+ blood-red
(Сг(НгО)б]2+ blue (C0CI4]2- blue
M n 04“ purple [Co(H20 )e )2+ pink
[Mn(H20 )e)2+ faint pink |Cu(H20 ) 6]2+ blue

11.3.4.1 Why are transition metal compounds coloured?

White light is composed of the various colours that make up the visible 
region of the spectrum. These, in order from short to long wavelength (from 
around 400-700 nm), are: violet, blue, green, yellow, orange and red.

ultraviolet violet blue green yellow orange red infrared
(uv) (IR)

400 500 600 700 
Wavelength (nm)

F ig . 11 .8 . The visible region of the spectrum.
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When light strikes an opaque object, some wavelengths may be absorbed 
and others reflected. We see an apple as “red” because it absorbs all the 
frequencies of visible light shining on it except for those that it reflects, 
which, in this case, correspond to wavelengths richer in the colour red.

Transparent objects appear coloured because they transmit a certain 
range of wavelengths. If they transmit all the wavelengths of white light, 
they will appear colourless.

An object appears white when all the incident white light is reflected. 
When all the wavelengths of white light are absorbed, the object will appear 
black.

In general, the observed colour of an object is the reflected wavelengths 
that are not absorbed by the object. We say that its colour is complementary 
to the colour of light (wavelengths) absorbed.

Going back to the example of the apple, because it absorbs green light, we 
see the complementary colour of green — which is red. A similar explanation 
is used for a green apple.

A colour wheel helps us to determine the observed colour of light that 
arises from the removal of certain colours from white light (i.e., those 
absorbed by the object). Complementary colours are those opposite each 
other in the colour wheel such as the pair: blue and orange. The use of 
mnemonics, consisting of an acronym or short phrase, can help us to remem
ber the list of colours. For instance, the first letters of the words in the phrase 
“Richard Of York Gets Big Van” correspond to the colour sequence in the 
colour wheel:

shortest longest
wavelength wavelength

Mnemonics:

J?ichard 
O f 

York 
Gets 
B ig  
Van

In addition, to remember the relative wavelengths of the colours, we just 
have to note those at both ends of the visible region of the spectrum 
the colour red is of the longest wavelength and violet is of the shortest 
wavelength and this information can be inferred from the length of the 
words “Richard” and “Van”, i.e., long and short, respectively.
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Q: Transition elements form compounds that are coloured. A solution of 
V3+ is green in colour. What brings about the absorption of particular 
colours and hence the colours observed?

A: The resultant colour of the solution observed is due to the interaction 
between the complex species and the visible spectrum.

In the gaseous state, all the d orbitals of the isolated V3+ ion have the same 
energy, i.e., they are degenerate.

But in aqueous solution, since V3+ exists as [У(Н20)б]3+, there is a non- 
homogeneous electrostatic field surrounding the V3+ ion. The electrostatic 
field is especially strong along the x , y, and г axis (refer to Sec. 11.3.4.2 on 
Crystal Field Theory).

Consequently, the d orbitals experience different magnitudes of electro
static interaction with the ligands, which causes the set of d orbitals to lose 
their degeneracy and split into two groups of slightly different energy levels 
with a difference of AE  (see Fig. 11.9).

When visible light passes through this solution containing [У(Н20)б]3+, 
the light energy with frequency corresponding to the energy gap, i.e., A E  =  
h f , is absorbed by the electron in the lower energy level. This electron 
transits to the higher energy level. Such electronic transition is termed d-d 
transition.

We observe the colour that is not absorbed and it is complementary to 
the colour that is absorbed.

Energy

<*>A

The five degenerate 
d orbitals of an 
isolated V** ion

/ >
i i J AE light

In the presence of H20  
ligands, the d orbitals of V3* 
ion are no longer degenerate 

but split into two sets of energy 
levels with a difference of ДE

1 .
Д E = A/

Electron absorbs frequencies 
corresponding to AE and is 

promoted from the ground state 
d orbital to one of higher energy

AE =  hf, where h = Planck’s constant and
/  = frequency of electromagnetic wave.

F ig . 1 1 .9 . The splitting of d orbitals by ligands and d-d transition.
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Q. After the electron has absorbed the energy and been promoted to the 
higher energy level, does it stay there forever?

A: After the absorption of energy, the complex ion is no longer in the ground 
state but it is in an excited state. The excited state is not a stable state. 
The ion will revert back to the ground state but it does not re-emit the 
absorbed radiation as a photon that it absorbed originally. Instead, it 
loses this extra energy in the form of kinetic energy through vibration 
or collisions. We term such a process “relaxation”.

Q: Why is a solution containing Na+ (aq) colourless? Isn’t it possible for an 
electron in the 2p orbital to absorb radiation and be promoted to the 
higher energy 3s orbital?

Na+ Na+
(ground state) — * (excited state) 

ls 22s22p6 ls22s22p53s1

A: Yes, it is possible for an electron in the 2p orbital to be promoted to 
the 3s orbital. However, because A E  between these two energy levels 
is very large, the 2p electron needs to absorb a photon of high energy 
radiation, which is beyond what is available in the visible region of the 
spectrum. The energy required falls in the ultraviolet region. Since there 
is no absorption of wavelengths from the visible region of the spectrum, 
all the wavelengths of white light are transmitted and the solution of 
Na+ (aq) appears colourless.

Note that in solution you also have other ions such as the anions, i.e., a 
solution of NaCl(aq). For the same reason as in the case of Na+, the Cl“ 
ion does not absorb any of the wavelengths of white light and thus appears 
colourless.

Q: Why is a solution of Zn2+(aq) colourless even though it has electrons in 
the d orbitals?

A: This is because all the d orbitals are completely filled with electrons. 
Even if splitting of the five d orbitals occurs, d-d transition is not pos
sible as the higher energy d orbitals are not vacant and hence cannot 
accept incoming electrons. As a result, none of the wavelengths corre
sponding to the visible spectrum are absorbed.

In conclusion, for colour to be observed as a result of d-d transition, the 
transition metal ion must contain a partially filled d subshell such that an 
electron from a lower energy level can be promoted to a higher energy level
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by absorbing the appropriate electromagnetic radiation in the visible region 
of the spectrum.

Can you reason why compounds containing the transition metal ions 
Sc3+, Ti4+ and Cu+ are colourless?

11.3.4.2 Crystal field theory

Crystal field theory uses simple electrostatic considerations to explain how 
the energies of the 3d orbitals are affected by the presence of surrounding 
ligands. According to the theory, the interaction between the transition 
metal ion and the ligands is essentially the attraction between oppositely 
charged species — the cation and the negative charge (lone pair of electrons) 
on the donor atom of the ligand.

We will first consider the case of octahedral complexes. For an isolated 
transition metal ion in the gaseous phase, the five d orbitals are degenerate. 
In forming an octahedral complex, six ligands (L), which are regarded as 
point charges, will have to approach the cation (M) along the three axes 
(a;-, y- and z-axes) to facilitate dative covalent bond formation in these 
orientations (see Fig. 11.10).

When the ligands approach the cation, there will be inter-electronic 
repulsion between the electrons in the d orbitals of the cation and the lone 
pair of electrons from the donor atom of the ligands. As a result, the energies 
of these d electrons increase but to different extents.

Q. If the energies of the d electrons increase to different extents, does this 
mean that they experience repulsion of different magnitudes?

A. Yes, and we can explain this by considering the relative proximity of the 
d orbitals to the approaching ligands.

z-axis

F ig . 1 1 .1 0 . Orientations of ligands in forming an octahedral complex.
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Recall the shapes and orientation of the five d orbitals? We can group these 
orbitals according to the distribution of maximum electron density:

• dx2 _ y2 and dz2 orbitals have maximum electron density along the axes;
• dyz and dxz orbitals have maximum electron density between the axes.

The electrons in these two sets of orbitals will experience different extents of 
repulsion with the lone pair of electrons from the donor atom of the ligands. 
When the ligands approach along the three axes, you will expect electrons 
in the dx2 _y2 , and dz2 orbitals to experience greater repulsion than those in 
the dxy, dyz and dxz orbitals (Fig. 11.11).

The five d orbitals are no longer degenerate. They are split into two 
different energy levels: the dx2_y2 and dz2 orbitals will have higher energy 
than the other three d orbitals (Fig. 11.12).

The type of ligands and numbers of d electrons that the metal centre 
possesses will bring about different magnitudes of the splitting, AE. This 
will in turn lead to different colours observed, e.g., [Ni(H2 0 )6]2+(aq) is green 
whereas [Ni(NH3)e]2+(aq) is blue. For a given central metal ion, the relative 
splitting effect of various ligands is presented in the spectrochemical series

"  I " 4

1

F ig . 1 1 .1 1 . d electrons repelled, to different extents, by the charges of the ligands.
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Energy
(E)

The five degenerate 
d orbitals o f an 

isolated metal ion

d orbitals o f the metal ion in 
an octahedral com plex

Fig . 1 1 .1 2 . The splitting of the d orbitals.

that is partially listed here:

CO >  CN " >  N 0 2“ >  NH3 >  edta4"  >  H20  >  C20 42_ >  OH" >  F "  >  С Г  >  B r“ >  I 

stronger field ligands that cause weaker field ligands that cause
large splitting (large A E )  small splitting (small A E )

The relationship between AE  and wavelength (Л) of the radiation 
absorbed is given by Planck’s equation:

Д  E = h f =  y ,

where h =  Planck constant =  6.63 x 10-34 Js ,  f  =  frequency (s-1 ), and 
с =  speed of light =  3.00 x 108 m s-1 .

If we are to compare two octahedral complexes of a given metal ion, the 
one with the weaker field ligands will absorb light of longer wavelength (or 
lower frequency) since AE  is smaller, and vice versa. Can you now account 
for the respective colours of [Ni(H2 0 )e]2+(aq) and [Ni(NH3 )e]2+(aq)?

Crystal field theory can also be used to account for other geometries 
of complexes, such as tetrahedral and square planar complexes. In each of 
these cases, the different spatial orientation of the approaching ligands and 
its relative repulsion effect on the d orbitals will cause different splitting 
patterns from that seen in the case of octahedral complexes.

The size of the splitting, A E , determines the type of wavelengths 
absorbed, and hence the resultant transmission of the wavelength of the 
radiation affects the colour of complexes. Therefore, d orbital splitting, and
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ultimately colour, is affected by the various factors:

• nature of the transition metal ion;
• oxidation state of the metal ion, e.g., [Fe(H20)e]3+ is yellow and 

[Fe(H20)6]2+ is pale green;
• orientation of the ligands around the central metal ion, i.e., type of geom

etry;
• type of ligands.

Take note that the colours of transition elements and their compounds are 
not solely attributed to d-d  transitions. Other possible reasons for the phe
nomenon of colour include the charge transfer mechanism, which accounts 
for the purple colour of Mn0 4- . However, these are beyond the scope of this 
book.

Exam ple 11 .11 : Why is a solution of Al3+ colourless whereas an aqueous 
solution of Cr3+ is coloured?

Solution: In aqueous solutions, Al3+ and Cr3+ exists as [А1(Н20 )б]3+ and 
[Сг(Н20)б]3+, respectively.

In the case of Cr3+, the presence of H2O ligands causes its five degen
erate 3d orbitals to split into two sets of orbitals with slightly different 
energy levels. When white light passes through a solution of [Сг(Н20 )б]3+, 
the electrons from the lower energy level absorb certain wavelengths from 
the visible region of the spectrum and are promoted to the higher energy 
level. The colour of the complex observed is the complement of the colour 
absorbed.

As for Al3+, it does not have any d electrons and thus d-d transition 
does not occur. To promote its electrons (2p electrons) to vacant orbitals (3s 
orbital) of a higher energy level requires absorption of wavelengths beyond 
the visible region of the spectrum. Therefore, when light passes through a 
solution of [А1(Н20)б]3+, none of it is absorbed and as all the wavelengths 
of white light are transmitted, the solution of Al3+(aq) appears colourless.

11.3.5 Ligand exchange reactions

When you add excess aqueous ammonia to a solution containing 
[Ni(H20 )6]2+ ions (e.g., nickel(II) sulfate solution), you will notice that the 
solution changes from its original green colour to blue. What causes the 
colour change?
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A ligand exchange reaction has occurred, whereby a ligand in the complex 
ion is replaced by a different ligand. In this example, the б H2O molecules 
are replaced by 6 NH3 molecules to form the complex ion [№(ННз)б]2+:

[№(H20 )6]2+(aq) +  6NH3(aq) ^  [Ni(NH3)e]2+(aq) +  6H20 (1).
green blue

Q: How do we know if a ligand is able to replace another? Can NH3 
molecules be replaced by H20  molecules and re-form [Ni(H20)6]2+ (aq)? 

A: Ligand exchange can be viewed as a competition, with different ligands 
vying for the same metal ion. As to which ligands will emerge the win
ners, we can make use of the concept of the com plexation stability  
constant. In general, ligands that can form a complex of higher stability 
constant will replace ligands that are only capable of forming a complex 
of lower stability constant.

How do we calculate the complexation stability constant? The stability con
stant of a complex (K stab) is essentially the equilibrium constant К  for its 
formation. K stab for the [Ni(NH3)6]2+ complex is given as

tfstab =  7— ^  2+ , . m ol-6 dm18.
[Ni(NH3)62+1 

[Ni(H20 )62+][NH3]e

The concentration of water is taken to be a constant as the water molecules 
are present in large excess. Take note that the square brackets used in the 
equation represent the concentration of the species, including the complex 
ions, enclosed within them.

The calculated value for K stab of [№(ННз)б]2+ is 5 x 107 mol-6  dm18. 
Take note that the K stab values are measured against the relative stability 
of the aqua complexes.

The large value of K sta.b indicates that

• the position of the equilibrium lies to the right,
• [Ni(NH3)e]2+ is a more stable complex ion than [№(Н20)б]2+,
• NH3 is a stronger ligand than H2O, and
• NH3 forms a stronger dative covalent bond with the central cation 

than H2O.

Since the molecules of H2O and NH3 are quite similar in size, there is 
no change in co-ordination number, i.e., it remains as 6 upon the ligand 
exchange. You will find this is not always the case, especially when dealing 
with larger ligands such as Cl“ .
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The A'stab for some common complexes are given below. Sometimes 
logA'stab >s used for easier comparison, as big numbers can be dispensed 
with. Basically, the greater the value of Kstab, the more stable the complex is.

E le m e n t C o m p le x  Ion Kstab logK stab

Monodentate ligands
Fe [Fe(CN)G]4~ 1 x  1024 24

(Fe(CN)e]3 - 1 x  1031 31
Ni [Ni(CN)4]2- 1 x  1031 31

[Ni(NH3)6)2+ 5 x  107 7.7
Cu [Cu(CN)4]3- 1 x  1027 27

[Cu(NH3)4 (H20 ) 2]2+ 1.2 x  1013 13.1
Bidentate ligands
Ni [Ni(en)3]2+ 6 x  1018 18.8
Cu [Cu(en)2 (H20 ) 2]2+ 4 x  1019 19.6

Hexadentate ligands
Fe [Fe(edta)]2- 2 x  1014 14.3

(Fe(edta)j- 1.3 x 1025 25.1
Ni [Ni(edta)]2 - 4 x 1018 18.6
Cu (Cu(edta)]2- 6 x 1018 18.8

Q: Why must NH3 (aq) be added in excess? What happens when it is added 
in small amounts?

A: Recall that in aqueous solution the weak base NH3 undergoes partial 
ionisation, producing OH-  ions:

NH3 (aq) +  H20(1) ^  NH4+(aq) +  OIT(aq).

When a small amount of NH3 (aq) is added, the OH (aq) reacts with the 
[Ni(H20 ) 6]2+(aq) and a green precipitate of nickel(II) hydroxide is formed. 
Its chemical formula is [Ni(0 H)2 (H20 )4] but it is commonly written as 
Ni(OH)2 without including the water ligands:

(Ni(H20 ) 6]2+(aq) + 20H "(aq) ^  [Ni(QH)2(H2Q)4](s) + 2H20(I),

commonly written 
as Ni(OH)2

i.e.,
[Ni(H20 ) e]2+(aq) +  20H ’ (aq) ^  Ni(OH)2(s) + 6H20(1). (11-5)

green ppt

Precipitation of green Ni(OH)2 occurs once the ionic product exceeds its 
I<sp value. But one can actually view the formation of the precipitate as a 
form of ligand exchange reaction.
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When a substantial amount of NHa(aq) is added, ligand exchange occurs 
and the more stable [№(1ЧНз)б]2+ ion is formed, as shown in the following 
equilibrium:

[Ni(H20 ) 6]2+(aq) +  6NH3 (aq) ^  [Ni(NH3 )6]2+ (aq) +  6H20(1). (11.6)
green blue

There are now two competing reactions as shown by Eqs. (11.5) and (11 .6 ). 
Both NH3 and OH~ are competing for the same cation, [Ni(H2 0 )e]2+- 
However, when a large excess of NH3 is added, [NH3] is high enough such 
that the ligand exchange reaction is favoured over precipitation, i.e., the 
formation of [Ni(NH3 )6]2+ (aq) is favoured over the formation of Ni(OH)2 
(see Fig. 11.13).

What actually happened? The increasing addition of NHs(aq) shifts the 
equilibrium position in Eq. (11 .6 ) to the right. As the concentration of 
[Ni(H20)6]2+ (aq) decreases, the equilibrium position in Eq. (11.5) is shifted 
to the left. All of these are in accordance with Le Chatelier’s Principle. 
What we see is the dissolving of the green precipitate of Ni(OH)2 in excess 
NHs(aq) and the formation of a blue solution of [Ni(NH3)e]2+ (aq).

excess
NH3(aq) _

ligand '
exchange ^  ,

[N i(H ,0)6l2*(aq) Ni(OH)2(s) [Ni(NH3)6r +(aq)
green solution green ppt blue solution

F ig . 1 1 .1 3 . Reaction of Ni2+ (aq) with NHa(aq).

Exam ple 1 1 .1 2 : Describe and explain what happens when gradual 
amounts of NHs(aq) are added, until in excess, to a solution of CuSO^aq).

Solution: In aqueous solution, Cu2+ (aq) exists as [Cu(H20)6]2+ (aq), which 
gives the solution its blue colour.

In aqueous solution, the weak base NH3 undergoes partial ionisation, 
producing OH“ ions:

NH3 (aq) +  H20(1) ^  NH4+(aq) +  OH"(aq).

When a small amount of NHs(aq) is added, the OH“ (aq) reacts with the 
[Cu(H2 0 )e]2+ (aq) and a blue precipitate of Си(ОН)г is formed:

[Cu(H20 ) 6]2+(aq) +  20H “ (aq) ^  Cu(OH)2(s) +  6H20(1). (11.7)
blue blue ppt

NH3(aq) ^  

precipitation *
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Precipitation of Cu(0 H)2 occurs when the ionic product exceeds its K*n 
value.

When a substantial amount of NH3 (aq) has been added, ligand exchange 
occurs and the more stable [Cu(NH3)4 (H2 0 )2]2+ ion is formed as shown in 
the following equilibrium:

[Cu(H20 ) 6J2+ (aq) +  4NH3 (aq) ^  [Cu(NH3)4 (H20 ) 2]2+(aq) +  4H2 0(1).
blue deep blue

(11.8)

There are now two competing reactions as shown by Eqs. (11.7) and (1 1 .8 ). 
Both NH3 and OH-  are competing for the same cation [Си(Н2 0 )б)2+. 
However, when a large excess of NH3 is added, the [NH3] is high enough 
such that the ligand exchange reaction is favoured over precipitation, i.e., 
the formation of [Cu(NH3)4 (H2 0 )2]2+ (aq) is favoured over the formation of 
Cu(OH)2 (see Fig. 11.14).

The increasing addition of NHs(aq) shifts the equilibrium position in 
Eq. (11.8) to the right. As the concentration of (Cu(H2 0 )e]2+(aq) decreases, 
the equilibrium position in Eq. (11.7) is shifted to the left. All of these are 
in accordance with Le Chatelier’s Principle. What we see is the dissolving 
of the blue precipitate of Си(ОН)г in excess NHa(aq) and the formation of 
a deep blue solution of [Cu(NH3)4 (H2 0 )2]2+(aq).

NH3(aq)

precipitation V-/

excess
NHj(aq)

ligand 
exchange

[Cu(H20 ) 6] (aq) Cu(OH)2(s)
blue solution blue ppi deep blue soiuuon

Fig . 11 .1 4 . Reaction of Cu2+ (aq) with NH3(aq).

• Ligand exchange in haemoglobin
Haemoglobin is a macro-biological molecule in the red blood cell that is 
responsible for transporting oxygen molecules to the other cells during res
piration. The structure of haemoglobin is as follows:

• The metal centre consists of an iron (II) ion coordinated to six groups of 
molecules.

• Four of the co-ordination sites are taken up by nitrogen atoms from a 
ring system called a porphyrin which acts as a tetradentate ligand. This 
complex is called “haem.”
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• The fifth co-ordination site is taken up by the nitrogen atom of a complex 
protein called “globin.”

• The sixth co-ordination site is reversibly bonded to an oxygen molecule. 
This allows haemoglobin to carry oxygen from one part of the body to 
another.

• The better ligands such as carbon monoxide and cyanide ions can 
be bonded less reversibly to the metal centre, which thus inhibits 
haemoglobin from carrying oxygen. This accounts for the toxic nature 
of such strong ligands.

Schematic representation of the haem showing the reversible uptake of the
oxygen molecule:

нз9 0 2

• Effect of ligand exchange on E ecellvalues

Two complexes with the same metal centre but different types of ligands 
bonded to it exhibit a differential ability to undergo reduction. For example, 
replacement of H20  ligands in an aqua-complex by other ligands can cause 
large changes in electrode potential values.

Exam ple 11 .13 :

[Fe(H20 ) 6]3+(aq) +  e~ ^  [Fe(H20 ) 6]2+(aq), E ° =  +0.77V, 

[Fe(CN)6]3-(aq) + e~  ^  [Fe(CN)6]4-(aq), E e =  +0.36 V, 

i l 2(aq) +  e~ ^  I_ (aq), E* =  +0.54 V.
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Replacing the H2O ligand by the CN“ ligand causes the Е»  value for the 
Fe(III)/Fe(II) system to become less positive, i.e., the Fe(III) metal centre 
becomes less oxidising. It is not difficult to understand this as the positively 
charged [Fe(H20 ) 6]3+(aq) is more likely to take up an electron than the 
negatively charged [Fe(CN)6]3-(aq).

Thus, the CN“ ligand, through the formation of the [Fe(CN)6]3"(aq) 
complex, helps to stabilise the +3 oxidation state of Fe relative to the +  2 
oxidation state of Fe.

The differences in the oxidising power of both the [Fe(CN)e]3 - (aq) and 
[Fe(H2 0 )6]3+(aq) can be demonstrated by calculating the Е»сеП values of 
the redox reactions as follows:

[Fe(H20 ) 6]3+(aq) +  Г  (aq) -  [Fe(H20 ) 6]2+(aq) +  |l2(aq),

=  +0.23 V (> 0 V),

[Fe(CN)6]3- (aq) +  Г  (aq) [Fe(CN)6J4-(aq) +  j l 2(aq),

£ eceU =  -0 .1 8  V(< 0 V).

The more positive for the reaction between [Fe(H2 0 )6]3+(aq) and
I (aq) indicates that the redox reaction is more thermodynamically spon
taneous under standard conditions.

Example 11.14:

[Co(H20 ) 6]3+(aq) -he” ^  [Co(H20 ) 6]2+(aq), E« =  +1.82V, 
[Co(NH3)6]3+ (aq) +  e" ^  [Co(NH3)6]2+(aq), E* =  +0.10 V, 
[Co(CN)6]3"(aq) +  e" ^  [Co(CN)6]4-(aq), E« =  -0 .80  V.

The E e values show that there is stabilisation of Co(III) with respect 
to Co(II) by the NH3 and the CN-  ligands. Since the lone pair of elec
trons of NH3 is more likely to be donated for dative covalent bonding 
than the lone pair of H20  (because the effective nuclear charge of N is 
lower than that of the О atom), we expect the cobalt metal centre of 
[Co(NH3)e]3+(aq) to be more electron rich than [Co(H20)6]3+(aq). As 
a result, the cobalt centre of [Co(NH3)6]3+(aq) is less likely to take up 
an electron. In addition, since [Co(CN)e]3~(aq) is negatively charged, it 
is less likely to take up an electron to undergo reduction. The differ
ential oxidising power of cobalt complexes is indicated by the following
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observations:

• [Co(H2 0 )e]3+ ions are so strongly oxidising that they react with water to 
produce oxygen.

• [Co(NH3)6]2+(aq) and [Co(CN)6]4“ (aq) are so strongly reducing that they 
are oxidised by air.

11.3.6 Selected reactions of some transition metals and their 
compounds

• Chromium and its compounds

NH?(a q ^  Cr(OH)3(s)
grey-green ppt insoluble 

in excess NH3(aq)

[Cr(H20 ) 6]3*(aq) C r(OH)3(s) + C 0 2(g)
green grey-green ppt
acidic

/4

acidified
F e S 0 4(aq)/

KJ(aq)
reduction

H+(aq) NaOH(aq)
excess

Cr(OH)j(s) NaOH(aq)^ [C rfO H M ^ aq) 
grey-green ppt ^ H+, v—  dark grejen 

amphoteric 4

Cr20 72_(aq) OH~(aq ^  CЮ42■(aq) 
orange 4  H+(aq) yellow add H20 2(aq) 

and heat 
oxidation

• M anganese and its compounds

reduction in
M n 04“(aq) neutral/basic \  M n 02(s) 
pink/purple medium dark brown ppt 

reduction 
'in acidic medium

[Mn(H20 ) 6]2+(aq) Na2C 0 3(aq) M nC 03(s) 
pale pink white or buff ppt

I NaOH(aq)/
Ф  NH3(aq)

Mn(OH)2(s) on standing^ Mn(OH)3(s)
off-white ppt insoluble in 7  brown ppt

excess NaOH(aq)/NH3(aq)

M n 02(s)

oxidation
dark brown ppt



Introduction to Transition Metals and Their Chemistry 459

• Iron and its compounds

NH3(aq)/ 

Fe(O H ),(s) ^  NaOH(aq)
dirty green ppt 

insoluble in excess 
NH3(aq)/NaOH(aq)

on standing 
oxidation

[F e (H ,0 )6]2+(aq)_ 
pale green

\y 
Fe(OH)3(s) 

red-brown ppt

NH3(aq)/ Fe(OH)3(s)
NaOH(aq) \  red-brown ppt insoluble 

x  in excess NH3(aq)/ 
NaOH(aq)

H20 2(aq), Fc(O H )3(s)
_ i a a a t 4 [ F e ( H : 0 ) 6J5*(aq) 2 ? f £ £ ^ « | - b r o w n  ppl 
K M n 04(aqJ; yellow/brown ^

H+(aq) acidic
oxidation

Na2CQ3(aq)^ F e C 0 3(s)
green ppt

K3[Fe(CN)6](aq)

Fe4[Fc(C N )6]3(s)*  
(Prussian blue ppt)

C 0 2(g)

NH4SCN(aq4 [Fe(SCN)(H20 ) 5]2+(aq) 
^  “blood” red solution

l!C,[Fe(CN)6](aq)

Fe4fFe(CN)6]3(s)*
(Prussian blue ppt)

*The reaction is: Fe2+(aq) +  [Fe(CN)6]3 (aq)

Fe3+(aq) +  [Fe(CN)6]4-(aq),

4Fe3+ (aq) +  3[Fe(CN)6]4"(aq) -> Fe4[Fe(CN)6]3(s). 

^The reaction is: 4Fe3+(aq) +  3[Fe(CN)6]4 - (aq) —♦ Fe4[Fe(CN)6]3(s)-

Note: K4[Fe(CN)6] — potassium hexacyanoferrate(II)
NH4SCN — ammonium thiocyanate 
K3 [Fe(CN)e] — potassium hexacyanoferrate(III)

• Copper and its compounds

NaOH(aq)^ Cu(OH)2(s) on heating^ C u 0(S) 
7  blue ppt insoluble 7  black ppt

in excess NaOH(aq)

Cu(OH): (s)

[Cu(H20 ) 6] (aq) —  
blue

conc.
HC1

\J/
[C uC U J^aq)

yellow*

NH3(aq)v ы и еоо 'Г  NH3(aq^ [Cu(NH3)4(H20 ) 2J2+(aq) 
“7  7  HeeD Ыdeep blue

Na2CQ3(ac^ C u C 03(s)
blue ppt excess

Cul(s) Na.S,Q,(aq) \  Cul(s) Na2S2Q3(afl^ [ З Д Э Д Ы * М  
cream ppt 7 cream ppt. cream ppt

. in brown b(aq) brown solution dissolved
( q>  solution decolourised
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*The reaction is: [Cu(H20)e]2+(aq) + 4C1 (aq)
blue

^  [СиСЦ]2 - (aq) +  6H20(1).
yellow

As this is a reversible reaction, the presence of both blue 

[Си(Н20)б]2+ and yellow [СиСЦ]2- ions causes the 
resultant solution to be green in colour.

#The reaction is: 2Cu2+(aq) + 41“ (aq) —► 2CuI(s) +  I2(aq),
cream brown

I2(aq) 4- 2S20 32 - (aq) —► 21“ (aq) +  S40 62“ (aq),
Cul(s) +  2S20 32-(aq) -  [Cu(S20 3)2]3“ (aq) +  I"(aq).

My Tutorial (Chapter 11)
1. (a) Discuss, in relation to their electronic structures, the variation in

the number of oxidation states shown by the elements along the first 
transition series.

(b) (i) What is the oxidation number of nickel in each of the following
compounds?

(A) I<2Ni(CN)4,
(B) Ni(H20 ) 6(N 03)2,
(C) Ni(CO)4.

(ii) Suggest the likely stereochemical arrangement of ligands around 
the nickel atom in compounds (A) and (B).

(iii) Nickel carbonyl, (C), has a tetrahedral arrangement of the CO 
ligands around the nickel atom. What would you expect the 
stereochemical arrangement around the nickel atom to be in the 
compound K4Ni(CN)4? Give your reasoning.

(c) A green aqueous solution of a nickel(II) salt is converted to a blue 
solution containing [Ni(NH3)e]2+ ions by the addition of an excess of 
aqueous ammonia. The green solution is converted to a yellow solu
tion containing [Ni(CN)4]2- ions by addition of an excess of aqueous 
potassium cyanide. Explain why the colours of the solutions should 
be different.

2. In addition to its widespread use as a structural material, iron is often 
employed as a heterogeneous catalyst for industrial reactions.
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(a) What is meant by the term heterogeneous catalysis?
(b) Explain how iron may function as a heterogeneous catalyst in the 

Haber process for the synthesis of ammonia.
(c) What chemical properties of iron make it effective both as a hetero

geneous and as a homogeneous catalyst?
(d) Explain, by means of an example, why iron complexes are essential 

to human life.

3. Replacement of water molecules by other ligands generally changes the 
redox potentials of transition metal ions. Use the following information 
in your answer to this question.

E *  (V )

[Co(H20 ) 6]3+ (aq) +  e -  ^  [Co(H20 ) 6]2+ (aq) +1.81
± 0 2(g) +  2H+ (aq) +  2e~ ^  H20(1) + 1.23
H+ (aq) + e _ ^  |H2(g) 0.00
[Co(CN)6]3-(a q ) +  e -  ^  [Co(CN)6]4-(a q ) -0 .8 3

(a) What products are likely to be formed when cobalt(III) sulfate is 
dissolved in water? Give an equation for the reaction.

(b) If an aqueous solution of cobalt(II) chloride is mixed with an excess 
of aqueous potassium cyanide, the ion (Co(CN)6)4 - (aq) is formed. 
Explain why this mixture absorbs oxygen from the air.

(c) Suggest another reaction which might take place in the cyanide mix
ture if air were excluded.

4. One difference between the chemistries of calcium and manganese is that 
manganese can undergo disproportionation reactions whereas calcium 
cannot.
(a) Explain in terms of the electronic structures of calcium and man

ganese why disproportionation is a feature of the chemistry of many 
of the elements of the d block but none of those in the s block.

(b) Derive the half-equation for the reduction of manganate(VII) ions in 
acidic solution to M n02- Given that E e for this reduction is +1.67 V, 
show that manganese(IV) oxide will not disproportionate to Mn04 
and Mn2+ in acid solution.

M n02(s) + 4H+(aq) +  2e“ ^  Mn2+(aq) + 2H20(1), £ *  =  +1-23 V.
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5. (a) Give the electronic configuration of a V3+ ion.
(b) Vanadium is a transition element. Give two characteristic proper

ties of such a transition element other than the ability to form 
coloured ions.

(c) Ammonium vanadate(V) dissolves in sulfuric acid to give a yellow 
solution, the colour being due to the V 0 2+ ion.
(i) What is the oxidation number of vanadium in the V 0 2+ ion?

(ii) Give the systematic name of the V 0 2+ ion.
(d) Treatment of the yellow solution from (c) with zinc causes the colour 

to change to green, then to blue, followed by green again, and finally 
violet. Give the formula of the ions responsible for each of these 
colours.

(e) In the sequence of changes in (d), zinc acts as a reducing agent.
(i) State the meaning of the term reducing agent

(ii) Write a half-equation showing how zinc acts as a reducing agent.
(iii) Write the half-equation for the conversion of V 0 2+ to V 0 2+ in 

acid solution.
(iv) Hence write the equation for the reduction of V 0 2+ to V 0 2+ 

by zinc.
6. Coins are made from an alloy, nickel-brass, which consists essentially of 

the metals copper, nickel and zinc. A one pound coin weighing 9.50 g is 
completely dissolved in concentrated nitric acid, in which all three metals 
dissolve, to give solution A.

Dilute sodium hydroxide solution is then added carefully with stirring, 
until present in excess. Zinc hydroxide is amphoteric. The precipitate 
formed, B, is filtered off from the supernatant liquid, C. Precipitate В is 
quantitatively transferred to a graduated flask of 500 cm3 capacity. Dilute 
sulfuric acid is then added dropwise to dissolve the whole of precipitate 
В and the solution made up to 500 cm3 with distilled water.

25.0 cm3 portions of this solution are pipetted into a conical flask 
and an excess of potassium iodide solution added. The liberated iodine 
is then titrated against a sodium thiosulfate solution of concentration 
0.100 mol dm-3 . 18.7 cm3 of the sodium thiosulfate solution is required 
for a complete reaction.
(a) (i) With reference to the Data Booklet, using the appropriate half

equations, write an equation for the reaction of any one of the 
metals in nickel-brass with concentrated nitric acid.

(ii) What type of reaction is taking place?
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(b) Identify by giving full formulas:

(i) the complex cations present in A,
(ii) the precipitates in B, and

(iii) any metal-containing anion in C.

(c) (i) Write an equation for the precipitate of any one of the metal ions
in A with sodium hydroxide.

(ii) What type of reaction is occurring in c(i)?
(d) Suggest an explanation why it is necessary to add sodium hydroxide, 

followed by dilute sulfuric acid, before performing the titration.
(e) On addition of the potassium iodide solution, the only reaction that 

occurs is:

2Cu2_,"(aq) +  41“ (aq) — * 2CuI(s) -I- ^(aq).

(i) Write an equation for the reaction between sodium thiosulfate 
and the liberated iodine. What indicator would you use in this 
titration? At what stage would you add it? Give a reason for 
your answer.

(ii) Calculate the percentage of copper in the alloy.
(iii) Suggest why this reaction occurs in light of the E B values from 

the Data Booklet.
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temperature dependent, 81 
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thermal decomposition, 387
thermal stability, 387, 410
thermodynamic stability, 113
thermodynamically feasible, 142, 425, 432
thermodynamics, 109
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transition element, 421
transition metal, 337, 421
Transition State Theory, 184, 186
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361, 362, 382-384, 425
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weighted average, 5

zero-order kinetics, 161 
zero-order reaction, 160


