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1.0 Introduction

CHM 122 isa second semester course in introductory physical chemistry. It is a continuation of
CHM 115.Inthis course, there are several theoretical concepts and their practical applications.In
fact, one expects that most of the fundamentalsin the introduction to physical chemistry would
have been covered.Some relevant concepts are however not covered in this course, especially in
chemical thermodynamics,equilibrium,electrochemistry,photochemistry,and nuclear chemistry.
These will be addressed later in other physical chemistry courses, as you proceed in your
programme. Meanwhile, note that for you to effectively and successfully study CHM 122, you
require such fundamental courses as Atoms and Molecules, Pure Mathematics, Mechanics (in
Physics), and so on. This implies that when you are selecting electives, consideration should be
given tosome of those suggested, or more relevant courses that will facilitate your understanding
of physical chemistry courses.

As pointed out in CHM 115, physical chemistry is one of the fundamental courses for a Bach-
elor's degree programme in Science (B Sc) and Science Ed ucation (B Sc.Ed) in any university in the
world. This course is compulsory for students studying for degrees in Chemistry and Chemistry
Educa tion. It is a suitable elective for anyone who is undergoing a science or science-related pro-
fessional programme. Just like CHM 115, it is a two-credit unit course and contains four modules,
consisting of 20 units in all. The first module covers the terminology and first law of thermody-
namics. The second and third laws of thermodynamics will be ta ught later in the programme. The
second module focuses on thermochemistry. Here, enthalpy changes in different processes are
dealt with. The third modules examines the introductory aspects of the concepts of kinetics and
equ ilibrium. In the fourth mod ule, the concepts of ionic equilibria and some minor aspects of
electrochemistry are discussed.

Thiscourse, though adapted from IGNOU course materia ls went through serious surgery to fit
into the systems we are familiar with. You will be required to possess a scientific calculator, instru-
mental and problem-solving skills acquired thruut;h consistent practice, for you to successfully
learn this course. Definitely, there are some implied practical works that you will be required to
carry out in the laboratory, though they are not in some cases specified.



This Course Guide provides you with additional information on the course aims, objectives
and learning procedures, to enable you to derive maximum benefit from the four modules pre-
pared for the course.

2.0 Course aims

The aims of this course are to create that in-depth awareness that will enable students to have full
understanding of the concepof energy, as the capacity for change in any chemical reaction;and to
appreciate that strong relationship between energy and structure of matter, as the foundation of
physical chemistry. Thus, the aims of this physical chemistry course are to:

1. discuss the mathematical viabilities and standard procedures required in effective study of

- . physical chemistry;

- xplain the basic theories that elucidate various properties of matter;

3. discuss some aspects of physical phase equlibria;

4. build cases for the feasibilities of chemical reactions;
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. demonstrate the various energy relationships in chemical reactions;
. give you an appreciation of systems at equilibrium and factors affecting such systems.

30 Course objectives
Inordel to achieve the course aims, there are some overall objectives set for the course. Moreover,
each module and each unit has their respective objectives, which you and your course tutor must
constantly refer to, so that no objective is skipped or unachieved. It is, therefore, important that
you outline what you have been able to achieve after completing a unit and compare the list with
the unit objectives. This will help you to ascer tain whether you have accomplished what is required
vfyou.

All the module and unit objectives are specifics of the coti:>t:1 ubjectl\us. The course objectives
are stated as follows:
At the end of the course, you should be able to:
i) familiarise yourself with basic instruments for physical chemistry laboratory work;
ii) write and apply correctly 51 units;
iii). measure in and convert to other units using 51 units;
iv) explain and compare the main features of gas, liquid and solids states;
V) appreciate the reasons why real gases deviate from gas laws;
vi) analyse the properties of completely, partially and immiscible liquids;
vii) discuss the essence of types of solutions;
viii)analyse phase changes in matter;
ix) describe the conditions regulating the solubility of liquid solutions.

4.0 Working through this course

This course contains some packages that you will be given at the beginning of the semester, having
satisfied the conditions for admission and registration.One of the packages is the course materials.
The details of wh.tt constitute course materials will be discussed nex:. There are two areas you are
expected to fulfi' at the end of this course. These are your full participation in the continuous
assessment and the final written examinations.

Though there is a practical course developed for this level, however it is advisable that some of
the sections can be practicalised, with the assistance of the course tutor. Your tutor will be readily
accessible to issue out the exercise you are to do and submit according to specified rules and
regulations from the university authority.

For you to have been counted as successful in this course, you will be expected to pass at an
average level, both in continuous assessment and the final written examination. Thus, certain
materials have been packaged for you, to enable you to prepare adequately for both continuous
assessment and the final written examinations. First and foremost is the study unit material, which
consists of 20 units in all. However, the units have been packaged for you in modules, as shown
below:

-



Study units

Module Module Unit Title
number
1 Introduction 1 Units and dimensions
2 S| prefixes
3 Separations techniques
2 Gaseous state of matter 4 Gases
5 Ideal gas
6 Kinetic theory of gases
7 Real gases
8 Liquefaction of gases
3 Solid and liquid states 9 Solids states and solid types
of matter 10 Nature of bonds in solids
11 Structure of bonds in solids
12 Liquids
13 Other properties of liquids
4 Solutionsand phase equilibria 14 Types of solutions
15 Solutions of solids and gases in liquids
16 Binary liquidssolutions-1
17 Binary liquidssolutions-2
18 Partially miscible liquids
19 Some colligative properties
20 Phase rule

By and large, you should be able to complete this two-<:redit unit course for about 30-35 weeks in
a semester. Well spread out in each of the units are the introduction to the unit, specific objectives,
reading materials on sub-topics,self-assessment questions (SAQ}, exercises,a conclusion, summary,
tutor-marked assignments (TMA}and references.

5.0 Course materials

Major course materials of the course are as follows:

1. Course guide:This looks like a blueprint that spells out what constitutes the course itself. It
also extends to the basic information you require on how best to study this course.

2. Study units: These present an overview of what will be covered in the course and in how
many units. The contents are spelt out under seven major headings: the introduction,objectives
to guide, what to focus on, detailed content, conclusion, summary of the content, references
(and other materials that will facilitate understanding} and tutor-marked assignments. In
the body of content are exercises that should always attractyour attention after every reading.

3. Assignment files: These files contain challenging and tutorial questions known as Tutor
Marked Assignments (TMAs}, which will enable you to assess yourself at the end of every
assignment given by your tutor.Since we are operating a course unit system, your scores in
these assignments will be added up, recorded and used for computing your cumulative grade
score at the end of the course.



4. Presentation schedule: This will feature information on a recommended study time-table,
suggested number of hours of study per unit/ module, and assignment-submission procedure
for effective self-teachingand progress-monitoring.

6.0 Study units

Details of the study units have earlier been presented. It is spelt out in modules with corresponding
units and titles. You will be expected to spend 3-4 hours studying a unit. The exercise items are
provided to enable you to test your understanding of the areas covered and to help you monitor
the progress made per sub-topic in the unit. There is also the TMA packages for you, but these will
be given as assignments.

7.0 Referencesand other resources

Apart from this study unit, some reference materials are provided as additional reading materials
to support your study.lItis not the responsibility of NOUN to provide them, but you may be lucky
to spot them in the designated library.

8.0 Instructional media

As a distance learning university, several and relevant multimedia that can make learning more
meaningful are available. Other instructional media will be disclosed and made accessible to you
from time to time.

9.0 Assignment file
This has been discussed earlier. It is mandatory to always tum in your assignments to the tutor
assigned.

10.0 Assessment

You will be expected to have completed at least ten assignments by the end of the course. Some of
these will be in the form of a project, continuous assessment or written tests. Each of these ten
assignments will carry ten marks, making a total of 100 marks. You will also be expected to write
a final examination at the end of the course. Your overall (percentage) score at the end of the
course will be the sum of your scores on continuous assessment and the written examination.The
minimum pass score for the course will be 50% in continous assessment and 50% in the written
examination.






Unit 1: Energy relationships in chemical reactions

Contents

1.1 Introduction

1.2 Objectives

13 Thermodynamics terminology

1.4 The zeroth law of thermodynamics
1.5 Extensive and intensive variables
1.6 Conclusion

1.7 Summary

1.8 Tutor-marked assignment

1.9 Reter nces

1.1  Introduction

There is no chemical reaction in which energy is not involved.In the process of reacting substances,
you either supply energy to the system or the reaction occurs on its own. But then, why and how
do chemical reactions occur? What exactly is thermodynamics? Why do some chemical reactions
occur without the supply of external energy? All these questions will be answered in this module.
You will also be introduced to some of the terms used in thermodynamics.

1.2  Objectives

By the end of this unit, you should be able to:

i) define the term thermodynamics;

ii) explain the terms- system, surroundings and thermodynamic variables;

iii) state the zeroth law of thermodynamics;

iv) differentiate between extensive and intensive variables, providing two examplr:s each.

1.3  Thermodynamics terminology
In this section,a number of commonly used terms in thermodynamics are defined and explained.
These terms should be understood clearly before you proceed further.

Thermodynamics
In respect of chemical reactions, we are not only concerned about how and why reactions take
place but also why some substances are even more reactive than others. There is no doubt that
before a chemical reaction can occur, energy is required. The energy required may be related to the
substances undergoing the reaction. However, where the quantities of energy possessed by the
reacting species are not adequate to initia te the reaction or take the reaction to compiPtion, energy
may be supplied. In short, chemical reaction in a system requires some level of energy
transformation. We have learnt before that heat isa form of energy.

Thermodynamics is a compound word. Tlrermo means -of-heat' or:concerned with heat and
dynamics means -of physical power and forces producing motion'. Thermodynamics can thus be
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defined as the science of heat motion. In fact, you should consider it as the science of heat flow or

transfer or disappearance of work attending Chemical and physical processes.
Let us consider some examples of thermodynamics,as follows:

1 Natural process:Water flowing down from a hilltop.An exampleis Erin -ljesha water fall in
OsunState.

2 Controlled chemical reactions: You can determine the dissociation constant (pKa),e.g. for acetic
acid.

3 Performance of engines: Any engine can be considered here, for instance, when you are deter-
mining the efficiency of a blender engine. We should draw our attention to one fact that ther-
modynamics cannot answer all questions due to its wide applicability. For instance, it carmot:
i) answer how fast a reaction occurs;

ii) give the character of the process of change.
However, it can tell us whether a reaction will occur or not.

In brief, the term thermodynamics is defined as the study of energy transformation in a system.
In fact, thermodynamics deals with systems. The system under consideration in this unit is a
chemical one, hence, our consideration of the concept of chemical thermodynamics. What then is
asystem?

System

Any part of the universe that is under study is called a system. Systems can be in different states.
A system can be as simple as a gas contained in a closed vessel, or as complicated as a rocket
shooting towardsthe moon.

A system may be homogenous or heterogenous, dependingon its contentsand conditions. A
system is homogenousif physical propertiesand chemical composition are identical throughout
the system.Such a system is alsocalled a single phase system.A heterogenoussystem consistsof
two or more phases separated by mechanical boundaries. Now, let us consider the surroundings
of the reaction.

Surroundings
The rest of the universe around the system is considered as its surroundings. A system and its
surroundings are always separated by boundaries across which matter and energy may be
exchanged. The boundariescan be real (fixed or movable) or imaginary.

Based on the exchange of matter and energy between the system and thesUFToundings,a system
can be classified into the following three types:
i) -isolated;
ii) closed;
iii) open.

An isolated system is one that exchanges neither energy nor matter with its surroundings.
There is no perfectly isolated system, but, a system that is thermally well-insulated (i.e. does not
allow heat flow) and is sealed to inflow or outflow of matter can be considered as an isolated
system. A sealed thermos flask having some matter may be regarded as an isolated system.

A closed system allows for exchange of energy (heat or work) with the surroundings, but
matter is not allowed to enter or leave it. A properly sealed system (to prevent the passage of
matter across its boundary) can be considered as a closed system.

An open system allows exchange of both matter and energy with its surroundings. This is the
most common system encountered in our daily life. All living things are examples of an open
system, since they are capable of exchanging energy and matter freely with their surroundings.
Also, reaction vessels with permeable membranes are open systems.



State variables

Any thermodynamic system must be macroscopic, i.e. must have sufficiently large size. This
facilitates the measurement of its properties such as pressure, volume, temperature, composition
and derisity.Such properties are, therefore,called macroscopic or bulk properties. These are also
called state or thermodynamic variables.1llese do not depend on the past history of the system.
A state variable which depends on other variables is called a dependant variable. Others, on
which it is dependent are called independent variables.For example, if you write the ideal gas
equation as:

\Y
—=nRT
P

Then, Vis the dependent variable, whereasn, T and Pare independent variables. We know that R
is the gas constant. On the other hand, if you write this equation as,

nRT

V
then, Pis the dependent variable,whereas n, T and V are independenvariables.The choice of
dependent and independent variablesis a malter of convenience.

State of a system

The state of a system can be defined in thermodynamics once you establish a small set of measurable
parameters. For example,when you have a gasconfined in a container, the measurable parameters
there will include pressure, volume, temperature and composition.

In essence, the state of a system is defined when the state variables have definite values. It is
not necessary to specify all the state variables since these are interdependent. For example, if the
system is an ideal gas, then its pressure, volume, temperature and amount of the gas (number of
moles) are related by the gru. equation. Thus, if we specify three of these, the fourth variable is
automatically fixed.Similarly, many of its other properties, such as density, heat capacity, etc.,are
also fixed, although through more complicated relations.

We can change the state of a system by alteringeither the pressure or the volume.

Exercise 1.1

Identify the type of system in each of the foUowing cases:
i) abeaker covered with a lid.

ii) aclosed thermos flask.

iii) a beaker without lid.

1.4 The zeroth law of thermodynamics
The zeroth law of thermodynamics is based on the concept of thermal equilibrium.It helps us in
defining temperature. If twoclosed systems are brought together so that they are in thermal contact,
changes take place in the properties of both systems. But,eventually a state is reached when there
is no further change in either of the systems. This is the state of thermal equilibrium. Both systems
are at the same temperature. In order to find if two systems are at the same temperature, the two
can be brought into thermal contact, and then the changes in their properties observed. If no
changes occur, they are at the same temperature.

The zeroth law of thermodynamics states that if a system A is in thermal equilibrium with system
C, aud sy!>tem B is 'llso in thennal equilibrium with C, then A and B are also in thermal equilibrium with
each other This is an experimental fact, which may be illustrated by assuming that systems A and
Bare two vessels containing different liquids,and C is an ordinary mercury thermometer. If Ais in
thermal equilibrium with C, then the mercury level in the thermometer willshow a constant reading.
This indicates the temperature of system A as well as that of C. Now, if A is also in thermal
equilibrium with B, then the height of mercury level in the thermometer (in contact with B)is the
same as before; Balso has thesame temperature as A.There is thermal equilibrium in both Aand
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B, or these are at the same temperature. Here we have only explained the concept of temperature,
the temperature scale will be discussed later in thls course.

1.5 Extensive and intensive variables

We have defined homogenous and hetergenous systems in Section 1.3. Let us now discuss the
difference between the two, wi th respect to the value of some variables. The parameters mentioned
earlier are also called variables. There are two types of variables, namely extensive and intensive
variables.

Extensive'variables

An extensive property of a homogenous system is one which is dependent on the amount of a
phase in the system or the mass of the system. For a heterogenous system made up of several
phases, the total value of an extensive property is equal to the sum of the contributions from its
various phases. Mass, volume, and energy are examples of extensive properties. Thus, if a system
at equilibrium consists of 0.100 kg of ice and 0.100 kg of liquid water at 273.15K, the total volume
of the system is the sum of the two volumes,each of which is directly proportional to its mass.

Mass of ice

0.100 kg
"~ 917kgm-3
=1.09 X10* m?

L Mass of water
Similarh-, the volume of 0.100 kg of water= — —

Density of water

=1.00 x10-" m

Total volume= (1.09 + 1.00} x 10--I m®
=2.09 x10-4m?

Intemve variables

An int. '1Sive propert) of a r:tase 1 mdepcr... 117 of the aluvunt of the phaSE Thus, refracti\
index, c ensity and pres::,ureare intensle'e properttes. However, if atern consists +fseveral phases,
then sO:ne of the mtenstve propertiesmay be d1Herent. For example, ¢ nsityisan ir.,ensive property,
but its value is different for iceand liqUtd watt’r in equilibrium at273.15K. For thermal equilibrium,
the ;ntensive property,i.e. temperature has to be tllesame throughout the system Otherwise, heat
will flow from one puint of thesystem toanother.Similarly, for mechanical eauilibriwn, the ilnt ,sivP
property, i.e. pressure, has to be the same throughoutthe 3 t. An exten:,iv ::;ptvpe-tty .vnen
divided by mass or molar mass of the system becomes an intensive property.

Exercise 1.2

Identify the extensive or intensive variables from among those indicated below:
i) energy required to cook your meals.

i) volume per unit mass of milk.

iii) your body temperature.



1.6 Conclusion

Weare now familiar with various terms used in thermodynamics. The zeroth law has been stated.
--:I'ne extensive and intensive variables, otherwise known as parameters are explained. In the next
unit,we shall explain the terms:work, heat and heat capacity. Weshall attempt todetermine work

done, using appropriate formulae derived in the course of explaining these concepts.

1.7 Summary

In this unit, you have learnt that:

i) asystem may be homogenous or heterogenous depending on its contents and conditions;
ii) suttoundings refers toall other things in the universe which may interact with the system;
iii) intensive varnble is independent of the quantity of matter present in a system.

1.8 Tutor-marked assignment

1. Which of the following are true or false:
a) Thermodynamicscan explain how fast a reaction is.
b) Flooding of Nigerian roads is an example of thermodynamics.
c) Inaclosed system,heat neither leaves nor enters.

2. Define thermodynamics.

1.9 References

1. IGNOU (1991), Chemical Tltennodynamics: physical chemistry CHE-04, New Delhi.
2. Laidler, K J,Jnd Meiser,J. H, (1982), Physical Chemistry, California: The Benjamin
Cummmgs Publishing Company, Inc.



Unit 2: Work, heat and heat capacity
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2.1 Introduction

In Unit 1of thiscourse,we examined some terminology used in thermod ynamics and the concept
of thermodynamics itself in matter.In this un]t, we will describe the various types of process.In
addition, the definitions of work, heat and heat capaoty will be statednd some -ah:ulations
made.

2.2 Objectives

By the end of this unit, you should be able to:

i) describe isothermal,adiabatic and cyclic processes;

ii) differentiate between these types of processes;

iii) explain the terms-work, heat and heat capacity;

iv) pPrform some calculations on work, heat and heat capc!Oty.

2.3 Types of ptocess

When th st teof a system chanf es, it issaid 1) havt: tmdergrme a process Thus, a procest:. means
a dlaJ Jeir.1t least one of the s.a.evariabie.of the system. Th process may be accompanied oy an
exchange o r-.atter an-1 cnerg_, betV\ePn the system and the surroundmgs. There u- - certain
pwceoosin whiCh a p<IlLicubr state';, :ack (thermocl jllam;c proper'v cf the sy' serr) -em<'in
un, hanged.Such processes are or the followe—p types-isotherm.el, adiabatic, sobaric o:nr.lisud10ric-
proce5se .

In an isothermal proce"s, thE tempt>r:=ttunof the sy tern emams :onstéfiten a system
undergoe:; 1, c;u Prmal p;.. ess itis r.i -"hermal contact with a large constant temp ratuec
Ud.. I<.>N"n s ellermostat. The yt:.tem rna «1tains its temperlure by exchar ge of heat witthe
thermostat.

1nan adiabatic process, no heat is allowed toenter or £.. thesystem.yst msy;mch sin.g
a process occurs are thermally insulated from the surroundir bS An adlabatic process may im olve
an ncrease or a decrease in the temperature of the system. V e shall d1scuss these two processec; ir.
detail later m tluscourse.

An isobanc process is one in which the pressure of the system remains unchanged. A .tuJjup
takmg place in an open beaker 1saJways at ahnospheric pressure, and the process 1s, therefore
isobaric.

In an isochoric process, the volume of the system remains constant. Thus, a chemical reactior
inasealed flask of constant volume is an isochoric process.

A process is cyclic if the system (after any number of intermediate changes) returns to 1t



original state.1he initial and final values of each thermodynamic variable are identical-after the
completion of a cyclic process.The summation of energy in a cyclic process will be zero. Hence,
for any cyclic process, the integral of energy is zero. This simply means that if there is a cyclic
process, the quantity of work we do must be equal to the total amount of energy put in, that is,the
energy expended.From this discussion on cyclic process,we can conclude that any engine process
or any device operating in cycles for the purpose of converting heat to work can never produce
more than the heat added. With this conclusion, we can then rule out the construction of the so-
called perpetual motion machine of the first kind.

Based on the value of the driving force applied, we can classify the processes into two types:
reversible and irreversible. A reversible process is one in which at any time, the driving force
exceeds the opposing force only very slightly. Hence, the direction of the process can be reversed
by merely effecting a small change in a variable, such as temperature and pressure. The idea of a
reversible process will become clear by consjdering the following example.

Consider a gasat pressure pin a cylinder fitted with an air-tight piston.If theexternal pressure
on the gas is equal to the pressure of the gas, then there is neither expansion nor compression and
the piston remains at its position. However,on increasing theextemal pressure (Pext) infinitesimally,
the gas can be compressed. On the other hand, by slightly decreasing the external pressure, the
gas may be expanded.

Fig. 2.1 Static system (since piston does not move)

Thus, if
Pext = p, the system is static and the piston does not move:
Put=p + dp, the gasiscompressed and the piston moves downwards,infi.t ltesimally slowly;
Pext= p-dp, the gas expands and the piston moves outwards, infinitesim, illy sitJ>: -

Thus, for a reversible process, the direction is changed by changing the magnihlde of the driving
force by a small amount.

Any process that is not reversible is termed irreversible. All natural processes are irreversible.
The flow of heat from a high temperature body toa low temperature body isa natural process and
hence, irreversible. So is the expansion of a gas against vacuum, known as free eYransion.
Irreversible processes are also called spontaneous processes. We will be studying reverslble and
irreversible processes in detail later in this course.



2.4 Work, heat and heat capacity

Work, heat and energy have thesame unit,called the joule (J).Energy is a thermodynamic property
of a system, whereas work and heat are not.Work and heat are meaningful only when a process
takes place.

Heat

By now, we all recognise heat as a form of energy. Heat is not the property of a system but it is
exchanged between a system and its surroundings during a process, when there is a temperature
difference between the two.

Heat can be defined based on the ice-calorimeter.If we place ice in an ice-calorimeter and the
stopper is pressed, there will be a rise in the level of Hp in the capillary and one can read the
calibrated capillary.If the reaction mixture is placed in the reaction chamber of the ice-calorimeter
and corked, two things may happen. The reaction may absorb heat from the surrounding jar, or
the reaction mixture may produce heat. Now, what happens if heat is absorbed? If your answer is
that ice will be formed, then you are right. If the reaction mixture produces heat, more ice will
melt.

Exercise 2.1

Complete the following:

Assuming that more ice melts,

a) lgoficewill occupy .....ccccuuvne. space than Igof F\O (less/more)
b) the volume of the system will ................ (increase/decrease).

Your answer to (a) above will reflect your understanding of the relationship between heat and
volume change in a system. If the reaction absorbs heat from the surroundings, there will be a
volume increase in the system as a result of ice-formation. There is a change in volume as a result
of the quantity of heat that has been transferred between thecalorimeterand the reaction chamber.

Heat is a measurable quantity.

Work
Let us now explain the term, work, and describe its different kinds. The amount of work which
attends a thermodynamic state is very important. The simplest concept of work (W) is defined as
the product of the force applied (F) and tht> distance (x} moved along the direction of the force.

W = Force x distance (x)

W= F.X s 2.1
Forces have different physical origin, and work can be done in a variety of ways.

1. Gravitational work:When a body of mass mis moved through a height h against gravity, then
force is equal to mg and the gravitational work done is mgh.

2. Electrical work:If an electric potential E is applied across a resistance Rso that current | flows
through it, then work done per second is El and in t secondsiit is equal to Elt.

3. Pressure-volumework:Thisis d type of mechanical work performed when a system changes
its volume against an opposing pressure. This is also known as work of expansion or
compression. We will study this in detail in later sections.

Work will be very constantly referred to as pressure-volume work in this unit. The energy
gained or lost during heat exchange between the system and its surroundings can be stated in
terms of heat capacity values.

Heat capacity

Heat capacity is the heat required to raise the temperature of a body by IK. If, during the process,
the volume of the system remains constant, then it is called heat capacity nt constant volume (C,). If
the pressure remains unchanged, it is called heat atpacity at constant tempertJture (C/ For one mole
of a pure substance, these are called molar heat capacity at constant pressure, C and molar heat
capacity at censtant volume (C.). Heat capacity per unit ma55is called speciffc heat. The heat



capacities change with temperature. This means that the heat required to change the temperature
by 1K is different at different temperatures. However,over small ranges of temperature, these are
usually takenasconstant.The molar heat capacity and specific heat are intensive properties,whereas
heat capacity is an extensive property.

Bychanging the temperature of a particular system by dT if the heat required is dqo (at constant
volume) or dg,(at constant pressure), we have

C..:::;anl(y- .22
. dT

Cp=nCp =d 2.3

p=nCp qu

where n is the amount, i.e.number of moles of the substance constituting the system.

From these equations, it is possible todeterinine the heat required for a process,by integration
over the temperature range T, and T, Hence,

ov=d cdT= " nCvaT 24
1i 1

Clp= \]', CpdT= |' NCPAT oo 25
Tt Tr

In later sections, we will study the use of CP and Cv inthe calculation of energy changes. Let us
give an example here for the calculation ofifn,Cp'T  and T,are given.

Example2.1

The equation for the molar heatcapacityofbutaneis C =(19.41+0.233T)J mol- Kt Calculate the
heat necessary to raise the temperature of 3.00 mol J'f butane from 298 K to 573 Kat constant
pressure.

Solution
We have to calculate gP-as per Equation 2.5.

Chp -TI nCpdT
where, 1i =298 K

12 =573K
n =3.00mol

Cp =(19.41+0.233T) Jmor*K**
| 527; 3.00 (19.41+0.233T) dT

=3.00x 19.41 P”dT +3.00 x 0.233°"* TdT
98 298

= P00 x 19.41(573-208) + 3.00 X2°'233 (572 — 298]

=9.97 x 10*)
=99.7 kJ
Hence, heat required to raise the temperature of 3.00 mol of butane from 298 K t0573.1<is 99.7 kJ.

We will now give two general formulae for htegration. These two formulae. will be useful

throughout this course in working out numericals. In this unit, Formula lis used in Example 2.1
and Formula 2 in Example 2.2.




fo

Formulal
If m is not equal to-1.

X2 axmdx=a \]XZ XmdX=_a_[I Xm°[]"2 - a _(Xaw+|-xtr|+|)
(m+1)

X, X, m+l X,
where a is a constant.
ffsrmu la 2

If mi5: qual to -1.
Formu la 2 finds use throughout our course (although not in this example).

x, _dX X2
a—-=aln-
"t X X1

Again, a is a constant. Note that 'In' stands for logarithm to the base €. Since we use natural
logarithm, i.e. logarithm to the base 10 in our calculations, it is better to modify formula 2 as
follows:

Jzadx =2303a10g ()Q)

Xt X X1

Note that In X=2.303 log X

Exercise 2.2
The molar heat capacity of ethane at constant pressure is 2.6 J K-t moi-1 Calculate the energy
required to heat 3.00 mol of ethane from 305 K to 405K at constant pressure.
Hints: i) Use Equation 2.5
ii) Integration is to be doneas per formula 1and I term in Example 2.1.

At constant pressure, the change in volume of Van der Waals gas, is accompanied by
temperature change. Therefore, we can have
W=PIIV=nR{T,-T) 2.6
=nRIIT (does not apply to Vander Waals equation)  .......ccccooeiveniiiiinas 2.7

When you compress a gas, applying work on that gaseous system, the sign of work done will
be negative. When a gas expands, the volume of the gas will be smaller than the final volume.The
change in volume is positive. Therefore, work done is positive. When a system is doing work on
the surroundings, the work done will be positive. When work is done by the surroundings on a
system, the work done is negative.

Assuming you heat a known amount of water in a beaker, the amount of current passed is
known, as well as'the work done on it. If the water is heated to boil, as in Fig.2.2 (b), there is the
same quantity of heat in the beaker when the water starts boiling.That is, the amount of heat does
not increase the content of the beaker.



Hz() HZO

a) Heated with a coil b) Heated to boil

Fig.2.2

Example 2.2

One mole of an ideal gasis heated at a constant pressure of 101.3K Nm-2, from 273.2 K to 373K.

a) Calculate, in Joules, the work involved.

b) Ifthe gas expanded isothermally at 273 K from the pressure of 101.31<N m-2 to some pressure,
P, what must be the pressure of the isothermal work that isequal to the work in (a) above?

Solution
wW=nR(T2 -Td
=8314 Joules (373- 273) K (1 mole)
Kmol

=8314 Jmor?!

v \
by w=T7 nR?'—
) fV, v

- V2

=nRTIn T (Imole) 8314 Joules
. 8314}/mole=

Since n =1 mole, then we have K-mol

V2
=RTIn-
Vit

Itis known that: P,V =PV,
VW!can now have W = RI' InP.JP,
0N v

8314Joules _ 273Kin (101.3 x t0")

831.4}1molD Kimol W ——— i

P a S.3%oules )(273Kin (1013 )( 1o ol
Kmol m-  83tAl

1 N
Pa2731n101.3 )(t0'rd

P 2273 )(2.3031¢s 101.3)(10" 1l
~6.37)(10" Nm

273KIn (1013 x 10%)
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1.

2.

2.5 Conclusion

In this unit, we listed different processes and described each of them . In addllion, the .05\ t-pts of
heat, work and heat capacity were explained. Some calcula tions wt-re made on ht.:at capclctl\' ,1nd
work. In the next unit, we chalt be lookmg at the first Law ofThermf'dllamics

2.6 Summary

In this unit, you have learnt that:

i) work is the product of force and distance;

ii) types of processare isobaric, isochoric, ad iabatic, isothermal and cyclic;

iii) these processescan be simply classified into two: reversibleand irreverstble;

iv) the energy gained or lost during heat exchange between the system .md the surroundings,
can be stated in terms of heat capacity values;

v) the molar heat capacity refers to the quantity of heat that is required to raise the tem perature
of mole of a substance by 1K.

2.7 Tutor-marked assignment
Describe the following processes in one sentence-
a) Isochoric process
b) Adiabatic process
€) Isobaric process
Agas isexpanded from 4.00 x w-s m® t0 8.00 x 10-° m3against a constant pressure of 1.00 x 10S Pa
and it has been used to heat 0.010 kg of water. Calculate the final temperature of water. (Given:
initial temperature of water=296.2 Kand CP for water= 75.2J mot-e K-§ .
Calculate the heat required to increase the temperature of 1.00 mol of methane from 298 K to 398
Kat constant pressure.CP for methane = 35.3 J mot+ K-".

2.8 References

1. IGNOU (1993),Chmriad ‘Thermodynmnics: phu it a/ chemistry CHf.-{)4, Ne\\' Uelhi.

2. Laidler,K.J,and Meiser, J. H, (1982), Physitul Lizemi:;try,California: The Benjamin/
CumminpPublishingCompany, Inc.
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3.1 Introduction

In Unit 1, wt dctuwd some thermlxiynamics terminology. In this unit, we will still proceed to
make some dt-hne 11I***** Tllc firl Lm uf thermodynamks will be explained, with particular reference
to isothenn.tl pro,, .

3.2 Objectives

By the end of this unit, you shmud {.,., .thlt: tu

i) statte anuratl'l) the firot Iclw ollhtermod\ 111 11 1n \H\ OF tiw threl® spt.edfied w.lys,
ii) deserthe the mlitenl.ll cnerb) ul as) stem:

iii) calculate the work done on an tdcal g.1sin .m tsnltwrm.Il pmet>ss.

3.3 The first law of thermodynamics
The first law of thermodynamics was first stated in 1840, b) Mc yer and Helmholtz in Germany,
Joule in England, and Colding in Denmark. This law is also known as the Lnw 0Of Consemztion of
Energy.
The first law of thermodynamics can be stated inany one of the following ways:
1. Theenergy of an isolated system remainsconstant.
2. Energy can neither be created nor destroyed, although it can be changed from one fonn to
another.
3. Itisnot possible to constructa perpetual motion machine that.can work endlessly without the
expenditure of energy. (Such a machineis known as a perpetual motion m chine Of the first kind).
All the above statements are equivalent to the principle of conservation of mergy. These
statements point out that the energy of a Systen:\will renainc<NUntifitu left turbed. If,on
the other hand, thesystem inleracts with thesuhvundings,thenUs energy maychange;but then..
there will alsobe an equal and opposite change b' theenergy ol thesunoundings. Since work isa
form of energy, it is not poiiSible for a nladtine 'tap.ondoing work indefinitely.Assoon as ib
ownenergy isexhausted, it will require i t,; <Joc:otttinuedoing work. Thefirstlaw of
thermodynamics has no theomical prpo(.ltisaloA,vdblervation.Sincethe law hasnever
been contradicted, its truth is taken hw granted.
Einstein,in1905,showed that matter and efte VaRmttanverHWe,acxonlingtotheequation,

Il3
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SO e e e eeeneee, .
Tlw; mc,ms th.tt 11 m.1s-, Ili 1 de!-lruz Ld, tilkeh, I'I1L EbA-\TLIupt Suti ht.
This
IS not », t:\)ntr.tdi..lam ., ncl' mascln .:tlotL tonsilkrcd <> .1 form olttwy
\\e >h.1:1 short'  11-:ne 1t the m.tthtem,ltic.ll tnrms of tLt tir!-l IH\ of tlwrn,odynanncs Beture
th.1t, let 1 - 11r-t il1troJuce thL-tcrm I, ;rn/ HEL\I

Internal energy
Meundern:llitener\ 11of 1 -.tem1;the rinirt tJWrgy of its (011Stlti1riat a1+ 11h>itt Ull'-., meludin)!,
111 forms of L.ml'liL t'lit'lgv (dut'to rmslatJOn, \ ibratlon and rotation), 1 \LI'll -""t" tit'rg\ Juc tolll
ty pcs of inttr.Ktittn"" h twel'n the molrculemd subpa rltclrs Iti 1 tate'MLl.lblc.md 1lle-th'n-1\'l'
proper!, and 1ts Ib..Piutte ‘Jluc t mnotbe determined. 1-luwel 111 tlwrmodvnanllc" we cln-
intere ted in tlw dlanht" """ Intcmalte lwry \\ hICh accompany any proL-I'sS, but notln the abso ule
*,1luc of E. These ch lllgt" w1 intcrnli cnergc.m be brought about onlv b) thl'  Inirr.iction of tlw
., :--tern with 1t" su rrot!nd mg.;. The rth:mge m internll energ/ drpend.,onlv < the illltrellnd finll
st.tk™ .1nd is mJL"" U'ntlt-nt>l llw p.1th Jdopt,-.]

The lotalenN\ gf ,,"-\"tem ,., Iw sun <1 tlw 1nterntl energy Jrtd ..,onw tlll'rh\ due to tiw
molwP or post!lun ** Ihl \otem Ic;.1whorL f,r m <unple the IJtal ener "t ol \".rtter >nthe erot d
fluor I"Jillcrent trom t ‘lI'rgy .ttlhc top <1 th<' I>u Idrng Thil d1ffl re 1 'Larmw e, L,

L 1IC myt " dter , g I'hterght o the t1 .tkh-'1  ,i. sl)c e le ' Lo 21
o1l 1 It'rntl LI re mrio > f
il Itt

Malttcmatical foms 1 1c first lal\ of thermodvne.ntrc-.
A. m<'nlluned r-rlitr , o k.md he.ltelrmg tl>out, 5, 11 t t mitte n 1 .1 tt Mo
thes km .tb orb  .111-.tun .tmuunt ot hetl. dq, tiwr. 11 mtcrndl ¢car :t, mot: J.csb., thrs arnuunt.
Further, it dw 1s ==orJ.. donr on the "Y"lem, then th.- internelene) agam Jil. te, se.., | ience, thte net
change m the mtcrnallLsrwrgy 1s gi\ en by

AE=dg +the ...\ . o e e, 3.2
Thts eq uation rs for inf mttcsimal changes. If, however, a system ts taken from tts initia | state to
another state by a process in which the heat absorbed is ¢ and work done on the system is w, then
the net change in internal energy will be given by

BLZE - Bl 33
where £, and £, are the initial and final internal energies of the system,and 6.£, the net change.
Itisobviousthat 6.£ can haveeither negativeor positive value,dependingon qand W.Butonce the
initial and final states of a system are fixed, 6.£ is automatically fixed, no matter what path is
adopted in carrying out the process. In other words, internal energy is a state function while heat
and work are not. As an example, consider a system taken from the initial slate where it has
energy, £ .to the final state havingenergy, £ ,.along differentpaths I, Il and Ill (Fig.3.1).Thenin
all these cases, 6.£ is same. If this were not so, then it would have been possible to construct a
perpetual motion machine by reaching the final state via a high-energy change path (say, I1ll) and
coming back via a low-energy change path (IV), thereby releasing the energy difference for work.
Equations 3.2 and 3.3are mathematical expressions of the first law of thermodynamics.
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Fig. 3.1 Energy change through different onward paths, I, Il and 11 arid return path, I

Exercise 3.1
Suggest a statement for the first law of thermodynamics, such that ot Conservation of
Mass is not violated.

3.4 Isothermal expansion
In this section, we are going to calculate the work done on the gas in an isothermal process. For
this, we must fiNt arrive at a general expression for pressure- volume work done in an infinitesimal
process.Suppose that a gas isenclosed in a cylinder fitted with an airtight piston of area A.Assume
that pressure of the gas is P and the external pressure is Pa" which is slightly less than the gas
pressure. The gas will expand agamst an opposing force, which is given by,

F=P.,A s e 3.4
If during expansion, the plston moves through a distance dx,then this small amount of work dw'
done by the system is given by,

dw' = Fdx = Pu,Adx .... . ... s 35
But Adx is the change in volume of the gas dV.Hence,
dw' = P,r,dV ..3.6

Thus, the work done by the system by the gas is dw'. Therefore, the work done on the gasis -dw/,
which we shall denote by dw. Hence, work (dw) done on the system is
dw = -Puflv . .3.7

Equation 3.7is a general expressmn useful in calculatlng pressure-volume work, whet!
isothermal or adiabatic process. Itcan be.seen that dw is negative when the gas exprtn: *
positive when the gas contracts, (dvV = +n in expansion and dV = W€ in compression).

We shall now calculate the work of expansion (as also of compression) under isothermal
conditions. First, let us take up the work done under isothermal,irreversible conditions.

Isothennal irreversible process

Let us assume that the gas kept in a cylinder expands isothermally and irreversibly, against a

constant pressure. This means that:

i) the gas expands against a constant pressure (P.., :z.constant);

ii) thereisaconsiderable difference between the gas pressure (inside the cylinder) and theexternal
pressure;

iii) the temperature does notchange during the process.

1 ts
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Let the initial and final volumes be V , and V, respectively. The total work done, W, on the
system isobtained by integrating Equation 3.7.

V; V.
W=- J‘v: BydV =-By Iv,z dv SRR I

== Byt (Va-V1) =- By AV

The symbol, 6.V, denotes the total change in volume during the process. Let us work out an example
to illustrate the use of Equation 3.8. .

Example3.1
Agas expands from 10m3to 12ms, against a constant pressure of 1 bar,at 298K. What is the work
done on the gas?

Solution
We have to calculate work done under constant pressure using Equation 3.8.

Hence,W=-Rx, (V2-Vd=[-1 x 10°Pa x (12m>-10m°)]

=-2x 10S Pa m?® because 1bar=1x I0S
=-2 x 10SJ because 1Pam®=1J
Itcan be seen that work done on the system is negative. This means that the system has actually
done work equal to 2 x 10SJ during expansion.

Itis also possible to calculate the work done under irreversible isothermal conditions, when
the external pressure changes continuously. But then, the equation to use is more complex than
Equation 38.Let us now calculate the work done under isothermal, reversible process.

Isothermal reversible process
We have already mentioned that a reversible process can be carried out when external pressure
(Pm) isonly infinitesimally different from the gas pressure (P) inside a cylinder.Insuch a case, Px,
=Pand hence, Equation 3.7 can be written as,

dw m-PdV e 3.9
The total work done, W, as the gas expands isothermally and reversibly from a volume V ; to a
volume V, is then given by integrating Equation 3.9 within limits V,and V..

W =- f\\% PdVv e —————— 3.10
Let us assume that the gas behaves ideally. Hence,
nRT
Y

Using Equation 310, we have

W= -J\Z RT- v
i V
\2 dv
= -nRTJ — SERPPRUPORPRRPUPRPRC J B
MV
S RTINZ=mRT 1IN e 3.12
v1 v2
v2 vl
Hence, W=-2.303 nRT log — =2.303nRT log — cerruiiven - 313
vl V2



It em "( Seen that if v, is less than v, then the gas has been compressed and W is positive.
Also, the value of W then happens to be the minimum work required for compressing the gas
from Vv, toV .Similarly,if V, isgreater than Vv then the gas undergoes expansion and W is negative.
This means that work is done by the gas; -W represents the maximum work available through
expansion.

Equation 3.13 can also be given in terms of initial and final pressures (P,and P,»of the gas. For
an ideal gas temperature,

PPV, e 314
/] = B 3.15
Vi B
Using Equations 3.13and 3.15
W =-2.303 nRT log U e, 3.16
12
_ 12
=2.303nRT log 1—1 ............................ 3.17

Let us illustrate the use of Equations 3.16.and 3.17

Example3.2

An ideal gas initially at 3.00 x 1()2 K and 3.00 x 10° Pa pressure occupies 0.831volume of space.
What is the minimum amount of work required to compress the gas isothermally and reversibly
so that the final pressure is 6.00 X 10° Pa?

Solution
P,=3.00x 10° Pa; P, = 6.00x 106 Pa
R =8.314] mol-* K- T =3.00x1()2K

Wehave to calculate the value ofn (the amount of the gas). In order to use Equation3.17,the value
of n can be found from the initial conditions using the ideal gas equation.

PV 3.00 x10° Pa x0.831m*>

n—-—= > —
RT 8.314Jmol-*K" x3.00 x 10? K

n=1.00 x 1° mol
Substituting the values in Equation 3.17, we have
6.00 x 10°
W =2.303 x 1.00 x 10> mol x 8.314J mol-1K-'x 3.00x 10* K log  3.00 x 1P
=2.303x 1.00x 1()2x 8.314 x3.00x 1()2x (6.7782-5.4771) (step ii)

=2303 x 1.00x 1Px 8.314 x 300 x 1()2x 1.3011J (step iii)
W =747 x 105 J
Exercise 3.2

Using the principles studied above, do this:
A gas expands against vacuum.What is the work done on it?

3.5 Conclusion

In this unit, you have been introduced to the first law of thermodynamics. The main aspects of this
unit as follows:

1 17
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i) The term internal energy has been defined and discussed;
i) The formulae for the calculation of internal energy change inan isothermal process are derived.

3.6 Summary

In this unit, you have learnt that:

i) the law of conservation of energy is thesame as the first law of thermodynamics;
ii) the work done on thegas in an isothermal process can be expressed as dw = -P.,. dv

3.7 Tutor-marked assignment

Asample of 0.200 mol of argon expands adiabatically and reversibly, such that the temperature
drops from 298 K t0188 K.If the molar heat capacity of argon at constant volume is12.48J mol-*
K-!.calculate the change in internal energy and the work done on the gas.

3.8 Reference
IGNOU (1993), Chemical Thennodynamics: Physical Chemistry CHE-04, New Delhi.
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2HgO+207KJ -+ 2Hg  +02(8)
20'7 KJis needed to decompose 2 moles of HgO. For 2 moles of HgO,207 KJ is used.

207KJ
Therefore, for 1mole()f HJO<S> ----+ — — —
2moles
Therefore, for ,mole of HQO, the energy required will be

Molar mass
. 207KJ » 2.169g
2moles  216g/mole
207KJ _ mole
= >X<X——
2 moles 100
_2.07KJ
=
=104 K]

Example4.3
Another example we can consider is reduction of iron (lIl) oxide (i.e. Ferric oxide).

Fe2 0:3N + 3H2<sI2Fess| +3H 200
fii,P) (ft. P)

Thic; type of experiment, performed in the open laboratory, can exchange heat with theenvironmer t
and thisisenthalpicchange. Thaboveequation indicates that this reaction occurs under a conditio\

m which the temperature and pressure are constant.

But when we performthis experiment, there will be a temperature change (ie.ritefrom T to T 3.

2R+ 3H,1)
(T. P)
One can say the first reaction is an adiabatic process and the second is not, because it allows the
system to exchange heat with the surroundingsand cool to temperature T, -

For an adiabatic process,dq =0
fAH =q,=0
The r» d step, which is not an adiabatic process,
<t..-
H=—
t\H =0=Clp

Thus . =<tp
This means that the heat of reaction is the heat exchangewith the surroundings, when the reactants

at temperature (1. P) are transformed to the productsat (1",.P). For any chemical reaction, we can
write Has

Mi= (H raw — Hiru vi)
Tlle heat Of reaction = =H products — H ..actants

i.e. dH = [2HFE(I +3HH 0(1)J — [HFezo,(sl + 3HHz(g)J

AH is referred toas a molar quantity and we should not see it as an absolute quantit y as well.



4.4 Heatchange under constantvolume
Reactionscan be carried out underconstant volumeor under constant pressure conditions.Let us
now arrive at an expression useful in calculating the heat change ina system under constant
volume conditions.

Assuming that the work doneon thesystemisonly pressure-volume work, whereaselectrical,
magnetic or other types of work are not invclved. Inen,

dE =dq - PdV
......... T .....4'.
1 or dg=dE +PdVv T IL Y W4
If the process is carried out at constant volume, then,
dv=PdV=0
Hence, dqiH 4.3

For finite changesininternal energy, Equation 43 becomes
qr=.1£
That is, heat absorbed by a systemat constantvolumeis e Cactly equal toirs mtemal energy change
Let us try tocorrelate internal energy change with heat capacity at constant volume assuming
that there is r'o phase change or chemical reactit"'n. From Equations 4.2 and 4.3,

dESC,dT SN C,dT  eocrnniinnnns 4.4

This holds good for n mol of an ideal gas.
Equation 44 can be written as,

= [] Vo 45

ie. heat capacity at cohstantvolwneis equal tochangeininternal energyppr IK riseintanpenture,
at constant volume.

Inorder to obtainll.E whenan idealgas is fated from temperatureT  toT,at constantvolume.
the integrated form of Equation 4.4 is to be us<>d.

e=dl?cvar=Jdlinaar ... e AB
TI TI

Hence, by knowing C,, over the temperatures T  a:;d T itis possibk i:0oobtain the value of E.

We have defined C., through Equation 4.4, what about C,? Is there some thermodynamic property
lo ..vhkh CPcan be reiai:ed m a similar way? For this purpose, we shall define thetenthalpy,in
Unit 5.

T.xercise 4.1

1. Calculate the change in internal energy of an ideal gas undergoing isotr.ermal r'* T le
compression, as discussed in Example 4.2.

2. What is the value of g for the same case?

4.5 Conclusion

In this unit, you have been introduced to the heat of reaction in an adiabatic processand u. L]
constant volume.Inthe next unit,weshall continue with topics inthermodynamicsbyexamining
the concept of enthalpy and enthalpy changes.

1 >
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51 Introduction

In the previous units of this course, we stressed the importance of energy inchemical reactions. It
has been proved theoretically and practically that relationships exist between energy and chemi-
cal reactions. In Unit 3, you learnt that the first law of thermodynamics is the same as the law of
conservation of mass. When the mass of a substance is destroyed, energy is produced. In this unit,
the significance of enthalpy and enthalpy change of a system will be discussed. Towards the end
of the unit, you will also study the importance of the joure-Thompson effect.

5.2 Objectives

By the end of this unit, you should be able to:

i) define the term enthalpy;

ii) state the significance of enthalpy and enthalpy change of a system;
iii) derive the relationships between C,and C. of an ideal gas;

iv) explain the joule-Thompson effect.

5.3 Enthalpy and enthalpy changes

Before we consider the concept of enthalpy, let us quickly examine some applications of the first
law of thermodynamics again. In a constant volume process,

dv=0

And this means, therefore, that

W= PdV=0 51
Therefore,
0,=dE (internal energy) .ooreriieiie e 52

Assuming it is a constant pressure process, work is given by

W S PAV oo 5.3
dE=q-W=(q-PdV
0, =AE+PAV ..o 5.4
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g, =E+PV 55

(E + PdV) is another state function. You may need to go over sections 4.3 and 4.4 of Unit 4. This
state function E + PdV dependson the initial and final states of the system but the not on the path.

E+PdViscalled enthalpy .......ccooiiiiiiiiiiiii e, 5.6
Thus, the enthalpy of a system is defined by the relation
H=E+PV 5.7

Where E,Pand V are the internal energy, pressure and volume of the system. Since E,Pand V are
state variables, His also a state function. This means that the enthalpy of a system in a particular
state is completely independent of the manner in which that state has been achieved.If H, and H ,
are the enthalpies of the initial and final states of a system, then the enthalpy change accompany-
ing the process is given by,

AHZHH, s 5.8
= ([ +PV,>-(E+PV)
SAE+HPV,-PV,) e 5.9

Inthe case of a constant pressure process P,= P, = P. Equation 5.9 can be written as,

AH=1E +P(V,-V,

Rewriting Equation 4.2 > Unit 4 for a finite change, we get
P=1E+ P.1V ........ LT e e 511

Using this equation in Equation 5.10,0P =.1H.........ccoooiiiiiiiiiiiiin 5.12

The subscript pin (P stands for the co_nstant pressure condltion.

Inother words, the enthalpy change Js Pqual to the heat absorbed by the systE'm at constant pres-
sure.

For a small change in enthalpy, we can write

Using Equation4.4 m Unit 4and assuming that there is no phase change or cheJmcal reaction, we
have,

dH=CdT= ndeT ......................... .. B14

In order to obtain .1H value when an ideal gas is heated from temperature T, to T, at constant
pressure, the integrated form of Equation 5.14 is to be used.

1

thH =) CpdT = J'TTZ NCPAT oo 5.15

1

Consider a change instate of a system of



Initial state, H,=f, + PV,
Finalstate, H, =E, + P,V,
iooH,—H = dH =dE+ d (PV)

At constant pressure
dH=dE +PdV
For an ideal gas,
dH =dE +dnRT at constant temperature.

The unit of R depends on the unit of energy being used. You should not forget that SI units also

apply here. Table 5.1below shows the units of energy and R for any conversion you may require
in your calculation.

Unit of energy UnitofR
Cal 1.987 Cal mol+K-
Joules 8.314 Jmol-*K-1
Lit-atm 0.08205 Liter-atm/mol.K
Table 5.1
EXIIMple 5.1

Anheat input of 40.59 kJis required tvapourise 1moleof water at101.3 KN m- 2pressure at 373.15K.
a) What are the dH and dE for the process?
What are the dH and dE for the inverse process in which one mole of steam condenses to water
at 373.15 Kand at 101.3 KNm-=?

Solution
a) dH :qn
PV =P (V"™ =Vquc)
=PV =RT
= 8.314J) mol-1K-1(373.15K)
=3102.3Jmol-*
=3.102 kJ mol-*
dH=dE +PdV
dE= 40.59-3102 kJ mol-*
=37.49 kJ mol-*
b) dH =-(q),

=-40.59 kJ mol-*
PdV = RT =-3.102 kJmol-*

therefore, dE = dH-RT

=-40.59 kJ moi-! —(-3.102 kJ moi-Y
=-40.59 +3.102 kJ mol-*

=-37.49 kImol-*
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Since many laboratory processes are carried out at constant pressure (atmospneric pressure), the
enthalpy change of a system is of great significance. It must be noted that since the absolute value
of the internal energy of a system is not known, it is also impossible to know the absolute enthalpy
of the system. Fortunately, for most processes, we are only concerned with the changes in enthalpy
which may be measured by taking any suitable reference states of elements. Those processes in
which heat is supplied to the system are called endothermic processes and &i is given a positive
sign. Inexothermic processes (in which heat is evolved), &i is negative.

Enthalpy changes connected with certain typical processes are given special names. For exam-
ple, enthalpy of vapourisation or evaporation is the enthalpy change accompanying the conver-
sion of one mole of a liquid to its vapour. Similarly, enthalpy of fusion or sublimation is the
enthalpy change accompanying fusion or sublimation of one mole of a substance. For a chemical
reaction, the enthalpy of reaction is the difference in the enthalpies of the products and the reac-
tants as per the stoichiometry given in the chemical equation. We shall study enthalpy changes in
detail in the next unit.

5.4 Relationship between CPand Cv of an ideal gas

The internal energy of an ideal gas depends only on its temperature and is independent of pres-
sure and volume. This is quite understandable because in an ideal gas, there are no intermolecular
interactions, and so,no attractive or repulsive forces have to be overcome during expansion. How-
ever, the enthalpy of the gas changes considerably when it expands or contracts.

For one mole of an ideal gas,
H=E +PV 2 E F RT ettt 5.16

On differentiating, we get
dH =dE +RdT (because R is a c<'no;t.-mt)

Using Equations 4.4 of Unit 4 and 5.14 (for one mole of an ideal gas)
CiT=C,dT +RdT

CP=Cn R 5.17
AN NENCE,CP —C, = R i ot e e e 5.18
Also,for nmole, CP —Cr=nR ...c.oeiri i 5.19

This means that CP s always greu.t.;:r than C.for an ideal gas. Titis ;_.;because when the tempera-
ture of a gas is raised at a constant pressure, there will be expanc;ion of the gas.This will require
some extra amount of heat (as compared to heating an ideal g<'s under a constant volume condi-
tion). Hence, more heat will be required to r:lise the tem rature of the gas hrough 1 K under
constant pressure conditions than under constant volume.

5.5 Adiabatic expansion
In Unit 2, adiabatic process was referred to as one in which no heat is absorbed or evolved by the
S}Stem. The heat capacity is, therefore, zero.In section 4.4 of Unit 4, we disrusf'ed the work done
in an isothermal process. Let us now study how work is calculated in an adiabahc process.

In an adiabatic process, heat absorbed is zero, i.e.dq =0.
Hence, from Equation 4.2 of Unit 4, dE =0+ dW =dW _ccccooci civieiininnnn
5.20
But for one mole of an ideal gas, dE is given by Equation 44 m lInit 4 as

dE=CIiT
During expansion, dw and hence, dE are negative. That is, as the system does expansion work, its
internal energy decreases. This again, according to Equation 4.4 of Unit 4 means that dT is nega-
tive, i.e. temperature decreases. In other words, during adiabatic expansion, the temperature of
the system decreases. This principle is used in Claude's method of liquefaction of gases.

Let us now study the temperature-volume relationship in a reversible adiabatic process. This



-"Will help us in determining the final temperature of a system undergoing adiabatic expansion or
compression.

Temperature-volume relationship ina reversible adiabatic process
According to Equation 5.20,dE = dW.

Substituting for dW and dE from Equations 4.1and 4.4 of Unit 4, we get for one mole of an ideal

C.AT ==PdV ..cireeeennaennnen, DTSR 5.21
For one mole of an ideal gas,
RT
Y

Using this relationship inEquation 5.21, we get

- _ -RTdV
CrdT = — — 5.22

Rearranging, we get

~ dT Rd V
m —
T V

Integrating Equation 5.23 between temperature limits T and T, and volume limits V and V,,we

CJIZar = -R t2 dv

Tt T vi V
erif = -RIN: = RIN-.
1i vt ; Vz
= -Cr)l ; ....................... " (usmg Equahon 5.24)
12 = (C— 1) InV
l 0 Vz
S Y m1) 5.25
int
Vz -
Where vy is the ratio of the molar heat capacity <P

Cv

Taking antilogarithms of both sides, we have

or T2v2T-l =T ,\/t! or T VTt =Constant

This equation gives the volume-temperature relationship ina reversible adiabatic process. Also,
we can get the pressure-temperature relationship knowing that, for an ideal gas,

v v
T T
% _ B 5.27
1%} AT

121
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Substituting this in Equation 5.26,we have
2 (1 )y

li=12

12 3112)y-1=1iQi)y-1

12ylly-1="liy y-1

Or(;,r:( [ | PV ) 5.28
Forany reversibladiabatic expansion, T , can be determined using Equation 5.26 or 5.28.

Also, it is possible to get the pressure-volume relationship in a reversible adiabatic process using
the rearranged form of Equation 527, in Equation 5.26 as follows:

T _RY

L BW

-1
-
BV \Z

Cross-multiplying the terms,

P,VVI{=P VvVt or
P,V/=P,V/

(o] G AV A 00 1S - 1 | A 529

Equation 529 describes the prt.'SSure-volume relationship for an ideal gas undergoing reversiblP
adiabatic expansion (or compression).

J1E and W in a reversjble adiabatic process
The quantities dE and dw for an adiabatic processare related by l.quation5.20. Using this equation
and Equation 5.21, we get for 1 mal of a gas,
dE=dw =CdT
Inthe :ase of an ideal gas

BE=dW=nCAT o 5.30

The work done on the gas during an adiabc<tic expansion (W- :nd also tlthange in internal
energy (LIE) can be calculated by integrating Equation 5.20 within temperature limits T, and 1';

te =w = NCviTzar
Tt

= NCV TRt o 531
Tt

Hence, LIE and W can be calculated when n, C., T, and T,are known.



Irreversible adiabatic expansion
If the work isdone irreversibly and adiabatically, then the work done on the system is given by
Equation 3.8 of Unit 3.

W=-PoL LIV 5.32

As in the case of irreversible isothermal process, we can arrive at the temperature-volume
relationship for an adiabatic irreversible process as follows.
Using Equation 5.32 in Equation 5.31, derive an equation 5.33. Your instructor will lead you.

Hence, Equation 5.33 is useful in calculating the final temperature of an ideal gas undergoing
adiabatic irreversible expansion while Equa ion 5.26 or 5.28 is of help in an adiabatic reversible
process.

Exercise 5.1
Using Equation 5.33, show that against zero external pressu.re, the expansion is simultaneously
adiabaticand isothermal.

5.6 The Joule-Thon son effect

Our disct.e;.,jonso far has centred around ideal gases. It was menti<'ned earlier that the internal
enE~gy of an ideal gas is independent of pressu.re or volume. This, however, is not trut! for real
gast!since intermolecular forces exist among their molecules. So, when a real gas is expanded,

work has to be done in overcoming these forces. If no energy is supplied from an external source,
then the inlemal energy of the gas is used up in doing this work. This results in a fall in the
temperature of the gas. However, some gases show a rise in temperature. This phenomenon of
change in temperature when a gas is made to expand adiabatically from a high pressu.re region to
alow pressure region, is knownas the Joule-Thomson effect. The phenomenon can be understood
if we consider the apparatus shown in Fig.5.1.1tconsists of an insulated tube fitted with a porous
plug and two airtight pistons, one on either side of the plug. The gas is kept under pressures P,
and P, in the two compartments. Note that P, is greater than P,. The left-hand-side piston is then
slowly pushed inwardsso that, without changing the value of P .a volumeV of gas is introduced

through the plug into the other co tment, This resuylts in the outward movement of the other
plstongan algo ﬁ] volume mcreasemgtatﬂg}?nal vo|ume ll')e . ccura%e emperature measurements

are made in both compartments. ?

Fig.5.1 The joule-Thomson experiment
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The net work done on the system is given by
W=—(P2V2—P1V]? =PV, -PYV, ceeeeereen 534

It should be remembered that P,V, is the work done by the system and PV .is the work done on it.
The conditions are adiabatic and so g = 0. For a finite process, Equations 5.20 and 5.34 can-be
combined and written as,

AE= W=(PV , =P, V) o, 5.35
or .de+ (P,V, —-P,V) e 5.36

Using Equation 5.9, .dE+ (P,V, —-P,V,) =&I
From Equations 5.9and 5.36, we note that

&m0 537

Hence, in the Joule-Thomson experiment, & =0 or enthalpy is constant.
Since in the Joule-Thomson experiment, we measure the temperature change with change in
pressure at constant enthalpy, we defir.e the Joule-Thomson coefficient, yiT. as

S (T L P H e e 5.38
If it is positive, expansion causes cooling and if it is negative, expansion causes heating. But if it is
equal ﬁ 0, there is neither cooling nor heatiltg due toJoule-Thomson expansion.The temperature
at m ﬂ.!is Ois called the inversion temperature (T,) of the gas.Ifa gas is expanded above its
inve sion temperature, it is heated. If it is expanded below its inversion temperature, it is cooled.
In or er to decrease the temperature of a gas and then to liquefy by the Joule-Thomson process, it
is essential to bring its temperature below its inversion temperature. A detailed study of the Joule-
Thomson effect is made in Module 3 of the course on thermodynamicsand statistical mechanics.

The inversion temperature of hydrogen gas is well below the room temperature. Therefore, it
is dangerous to open a compressed hydrogen gas ';ylinder under atmospheric conditions. As
hydrogen gas is released from the cylinder, it expandr;, gets heated and also combines with oxygen
present in the air. The latter reaction causes an explosion.

5.7 Conclusion

In this unit, we discussed the concept of enthalpy and enthalpy changes. The formulae for
calculating work and internal energy in an adiabatic process were derived. The Joule-Thomson
experiment was also described and its importance in the liquefaction of gases was indicated.

5.8 Summary

In this unit, you have learnt that:

i) E+PViscalled enthalpy and is denoted by H =E +PV;

ii) Joule-Thomson measured the temperature changein theJoule-Thomson experiment and found
it to be zero;

iii) the temperature at which the Joule-Thomson coefficient is zero for a gas is called inversion
temperature;

iv) thelJlversion temperaturesof Helium and H, differ from those of other gasesbecause they are
above the upper inversion temperature;

v) the principle of Joule-Thomson experiment can be used for the liquefaction of gases.



5.9 Tutor-marked assignment

According to the equipartition principle, the internal energy of n mol of Helium gas is 3/2 nRT.
Find its CPand Co values. Assume that Helium behaves ideally.

5.10 Reference
IGNOU (1993), Chemical Thermodynamics; Physical Chemistry CHE-04; New Delhi
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6.1 Introduction

The branch of science dealing wHh heat changes durinchemical reactions is known as Thermo-
chemistry. In this unit, we shill deal with the heat change accompanying a chemical reaction
when itis carried out undt'r aconstant volume or constant pressure.Weshall define the standard
enthalpy of formation.

6.2 Objectives

By the end of this unit,you should be able to:

i) derive the relationship between11E and AH and make calculationsbased on this
relationship;

ii) define the standard enthalpy of formation.

6.3 -Relatiohship.between L\E and i\rH

A chemical reacboncan be carried out in two ways:

i) inaclosed vessel, so that there is no volume change, and

ii) in a pressure-regulated vessel, so that there is no pressure change.

According!the heat change accompanyinga reaction can also be measured in two ways: heat
change at constant volume (q.) an(i heat change at constant pressure (Clp)-

From Equations4.3 of Unit 4and 5.12 of Unit5, g. =11E and Cp = AH.

In thermochemistry, the enthalpy change accompanying a Chemical reaction is called the reac-
tion enthalpy and is denoted by the symbol 11,H. Similarlthe internal energy change accompa-
nying achemical reaction is given the symbol 11,E. The subscript r after the 11sign indicates reac-
tion.To denote formation, combustion and vaporisation processes, the subscripts used are f,c and
vap, respectively. As in the case of Equation 4.20 of Unit 4 and Equation 5.12 of Unit Srespectively,
we can write,




O L o (1
and
T O | TSRO ORN 6.2

The significance of 0,E and O.,Hcan be explained by the following equations:

0. E= i) mE € 63
0 HZHITOS Cls- B Lo e 6.4

Since most reactions are carried out at a constant 9ressure,t.,H is more commonly used than O.E.

Thermochemical equations
1n:1t! €mochemical equation,i.laddition to the chemical reaction. the ph:y-;;icalstates of t:he vari-
ous chenucal species and the energy change are alsospec'fied.For example,

H2(g)+= 02 (g) -H20(1) rH=-2SSkmort ..., 65
C(graphlte) + 0(g)CO  ,(g) L\,H=-3935Kjmort ... ... 6.6
are thermochemical equatiOns. In such equations, s, | and g, refer to solid. liquid and gaseous

states respectively. If a subs'<mce can exist in various allotropic forms, the particular form must be
mentionr.d

Relationship between hr"E and hrH
If in a chemical reaction, the enthalpy of thesystem changes fromtoH,and if,P .V ,and£,
P,, V, are the corresponding internal energies, pressures and vclUl.alesthen,

HI = B, 4P Vo e e 6.7
and
L E BPNL coonsavssissstisainyassomsessumnmsns SHTSEiptRsvowotsevsb o asns RS TRSeaa' 68
AH=H,-H,=E +PV,-(E,+PV)=E -E +(P,V,~-PV)}
HenH=.E+P V,-P\Vp ... 6.9

At constant pressure (P, =P,=P),

0.,
0.

HZ0,E+(PV, —PVy=0.E+P(V,-V
H=0.

B POV 6.10
Using Equations 6.1and 6.2, Equation 6.10 becomes
A= QU H POV T s 6.11

If we assume that all gaseous reactantsand products are ideal and that there are n., andmolesof
gaseous reactants and products, respectively, then,

P,V,=n.RTand PN,=IyIT

Hence, PV, PV, =(--T\) RT
Since pressure is constant,

P(V,~Yp=POV=(--FA)RT ........... rettesasa st s st e srarmatees 6.12
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Replacing ( -np by ank to represent the change in the number of moles of gaseous species in
Equation 6.12,

PAV = N, R T e e 6.13
Using thtSin Equation 6.11,

QP Q. + ANRT  coeomoneniinn TP PPTPIOS RPTP o 6.14

or LHI= I E + M, R 6.15

The subscript g mAn signifies that only the gaseous reactantsand productsare considen>d in the
calculation of An. 1t MY be noted that ant:can be:

i) positive, if the number of moles of gaseous productsis more than those of gaseous reactants;
ii} negative, if the number of moles of gaseous reactants is more than those of gaseous products;
i) zero, ifl'z="-.

For example, consider the following reactions:

H2(g) + 0Z(G) 41 H20(I) weovvreee e oo 6.16
C(graphite) + Oz 4 CO2(g) -+--wwreeeeereemmeees R PTCH T PRUUPRURTTRTE PP ~ 6.17

InEquahon6.16,An,= (O-(1+ I»=- < Ihere are no gaseous prod ucts, but one moleof hydr<>8en
and half a mole of oxygen are present as gaseous reactants.

InEquation 6.17,61\1: (t-1) = 0, since there is one mole each of gaseous reactant and product.

Exercise 6.1
Calculate Anfor the following reactions:

a) NH3(g) iNZ(g) + iH2(g)
b) H2(g) + 02(g) -+ HCirp

6.4 Standard enthalpy of formation

Nowv let usdiscuss thestanJard enthalpy of formation of chenucal redctions. Thestandardent'idJPY
of formation of a compound is the enthalpy change accompanying the formation of onmole of
the compound from its elements m their most stable stat e. aJl sub<tances being in thetr standa rd
states (1bar vressure and any specified temperature). Tht>standard enthalp) of form.1tionis de-
noted by He .Thesuperscriptoindicates the standaro statP and the sllbscnpt fderott formation
reaction. Although, we do n.ot know the absolute enthaJ py of the compound, we know its relative
enthalpy with respect to the elements from which it is formed. Therefore, we adopt .m arbitrary
convention that the standard enthalpy of formation of all elements is zero at any specif;c tempera-
tureat 1bar.U an element shows allotropy or exists in different phases, then the enthalpy is taken
as zero for the most stable alJotrope or phase. Phosphorus is an exception (yellow phosphorus is
taken as standani) .Asa result of this,the enthalpy of any substance in itsstandard state is equal to
A He . the enthalpy change of the reaction in which one mole of the substanceis formed from the

elements in their standard state. For example, the enthalpy of the reaction:

C (graphite) + O,(g) - CO,(g) is A H° = -3935 kJ mol



Thus, we have AH® = AH° (CO,) - AH® (graphite) - AH° (O,)
=AH’(CO,)-0-0=AH"(CO,)

Therefore, the standard enthalpy of formation for CO ,isequal to L\,H® which isin tum equal to
-393.5 k) mol= If the temperature also has to be indicated, then itisshown in brackets. Thus, L\ H°
(298.15K) means standard enthalpy of formation at 1 bar and 298.15 K. Most of the data are avail-
ableat 298.15Kin thermodynamic tables. Standard enthalpy of formation of some substances are
given in Table6.1.

Table 6.1: Standard enthalpy of formation of some selected substances at 298.15 K

Substance L\,H©(298.15K) Substance L\H °(298.15 K)
kJ moi- kJ mol-*

Hp(1) -285.8 e | -187.8
Hp(9) -241.6 1) +50.6
(&10)) -393.5 NzH4 +33.2
NH_(g) -46.1 NO,(g) +9.2
CH,(g) -7481 Np4(g) -411.2
CzH6(q) -84.68 NaCl(s) -436.8
CHpH(1) -238.7 KCI(s) -1268.0
C.Hg() +49.0 Glucose(s)

It is not always possible to get the heat of formation from direct reaction between elements that
form compounds simply because:
i) the reaction does not go into completion;
ii) there are side reactions;
iii) the compounds obtained are not pure enough.

Weshould remember that there is the problem of determining the heat of formation. Sometimes it
involves finding a suitable chemical reaction from its compound.

Calculation of reaction enthalpies
It is possible to calculate standard reaction enthalpies using thermodynamic tables such as Table

6.1. The principle is that,

L\H®=(Sum of L\o values of products)-(Sum of L\ H° values of reactants) ............ 6.18

This relationship can be explained using the general reaction of the following type:
PA+ABC+SD . 6.19

Where p,q, randsare thestoichiometric coefficients,and A, B,C and Dare reactantsand producl

Let the standard enthalpies of formation of A, B, C and D be represented by LI H° (A), L\ H (13),

LL,H°(C),and L\ ° (D), respectively. The standard reaction enthalpy for the reaction mentioned in

Equation 6.19 is given by,

L\Ho = (r LLH° (C) +s 1\ ©(D))-(p LLHO (A) +g L\ °(8)).vvviviiin. 6.20

Let us illustrate the calculation of L\,H® using an example.
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Example 6.1
For the reaction given below, calculate 6.,H° at 298.15K.

C3H6(g) + 502 (g) -7 3C02 (g) + 3H20(1)

Solution
Given that: 6.f1° values of propene, carbon dioxide and water at 298.15K are 20.42,-393.5 and
-285.8 kJ mol-*_respectively.

From Equations 6.18and 6.20,6.rH" = (36.rH"(C) + 36.tIf' (H20))=- (6.tH ° (C3» +6.tH >>

=3 X (-393.5) + 3 x (-285.8)- (1 x 20.42) (since the standard enthalpy of formation of oxygen is
Zero).
6.,H°=-2058 kJ

Hence, we are in a position to calculate 6.,H° using 6.f1° values.

Enthalpy is a state property. Its value changes by the same amount irrespective of the path
taken from reactants to the products. Hence, it is possible to calculate 6.,H ° of a reaction from a
sequence of reactions. This is generalised as Hess's law of constant heat summation. We shall
study this law in the next unit.

Exercise 6.2
Express the standard reaction enthalpy of the reaction,

C2H6(g) + 102(g) -7 2C02 (g) + 3H20(1)

in terms of the standard enthalpies of formation of the components.

6.5 Conclusion

In this unit, some of the aspects of thermochemistry have been discussed. Specifically, the
relationship between 6.,E and 6.,H has been derived and its use in the calculation of internal energy
and enthalpy change has been indicated. We also defined the standard enthalpy of formation and
the relationship between standard enthalpies of formation of substances and standard enthalpies
of reactions with examples.

6.6 Summary

In this unit, you have learnt that:

i) enthalpy change (6.H) is the heat absorbed in a process occurring at constant pressure;

ii) the enthalpy change which occurs when 1 moleof a compound in its standard state is formed
from its elements in their standard states is called the standard enthalpy of formation.

6.7 Tutor-marked assignment

1. For the reaction Fep(s) +3H (g) -7 2Fe(s) +3 0(1),
6.,Hat 298 K is-35.1kJ. What will be the enthalpy of reaction at 375 K, if the difference between
the sum of the Cp's of the productsand of the reactants is 85.7 JK-*.and it is independent of
temperature?

2. Using Table 6.1 for the standard enthalpies of formation for CO,(g) and Hp(l),calculate the
standard enthalpy of formation for naphthalene, if ;cs standard enthalpy of combustion is
-5153 kJ mol--

3. The standard enthalpy of formation of Hp(1)at 298K is-285.8 kI mol-*.Calculate the standard
internal energy change [6.fP (Hp)] for the formation of water at 298 K.



4. Calculate the standard enthalpy of formation of PCI (s), using the following data:
P(s)+1.5C (g) PC (1) AH°=-318 kJ
PCL(1)+C (g) PCl1 s) AH°=-137 kJ

6.8 Reference
IGNOU (1993), Chemical Thennodym: mics: Physical Chemistry CHE-04, New Delhi.

=

=37



Unit 7: Enthalpy changes in different processes and reactions
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7.1 Introduction

We saw in Unit 6 that thermochemistry is a branch of science that deals with heat changes during
chemical reactions. In this unit, we shall examine enthalpy changes in different chemical reac-
tions. Finally, we will list some of the applications of Hess's law of constant heat summation.

7.2 Objectives

By the end of this unit, you should be able to:

i) calculate the enthalpy of a reaction using enthalpiesof formation of compounds;
ii) describe the experimental method for determining the enthalpy of combustion;
iii) state Hess's law of constant heat summation and explain its significance.

7.3 Hess's law of constant heat summation

It is good to note that the principle of additivity is called Hess's law. Hess's law states that: the
standard enthalpy change for a reaction is the sum of the standard enthalpies of a sequence of
reactions (at the same temperature and pressure).The overall reaction should be capable of being
represented by the given sequence of reactions.

Hess's law is a direct consequence of the law of conservation of energy. It is not necessary that
every reaction in the given sequence should be conducted in the laboratory. A particular reaction
can also be imaginary. The only requirement is that the chemical reactions in the sequence must
balance and add up to the equation for a particular reaction. Also, Hess's law enables arithmetic
operations to be perfomed on chemical equations. This law is helpful in calculating enthalpies of
reactions which cannot be experimentally determined. We only need to select a correct sequence
of reactions. The use of Hess's law in calculating the enthalpies of some reactions is shown in
Examples7.1and 7.2.

Example 7.1

Conversion of graphite to diamond
C (graphite) + O,(9)CO  (9) 1= -393.5H]
C (diamond)+ O,@)CO ,(9) H ,=-395.4kJ

Solution

Subtracting, we get

C (graphite) —C (diamond) =0 or C (graphite) = C (diamond),andH sH - ,1\
=-393.5kJ-(-3954 kfl =19 kJ



H.ence, we can "'nil’
C (graphite)C (diamond) aH=19kj

Example 7.2
Carbon(s) reacting with H (g} to give CH ,(9)

Solution
C(s) (granite)2H(  -tCH (g).(It isimportant to note Malside productsare fonned,e.g.CA\C.}

Hence, we can perform an ->xJdation n>action on granih!,which can ocruc easily and also another
oxidatwn reaction on hydrot;<:n .

1 C(s) + O,g) — CO,(g) &H == -393.3 k] mol™

In exct!ss oxygen the reanion goes to complehon.

2 Hy(@)+,0,(g) —H,0 tH=-2855kjmol

Itis abo pos ible for us to bum CHin O (g).

3 CH,g) +20,(g) —» CO,g) + 2H,O() AH = -889.5 k] mol™

Since enthalpy 1s an extenc:ive property of a system, we multiply Equation 2 by 2.
4 2H:(g) +0(g) 2H/){D MI =2 (-28.>.5) kI mol :

If ;eadd Equations j and 4,and subiTact Equation 3from it,we (Ome up with :1fina uation oi
cts) (granite)+ 2 (g) -t CH (g).

Therefore, \1-i =-393 3 kJ mot-¢ + 2 {-2855kJ rr:c1*) —(-8895 kJ mol-5
=-74.8 k] "llol-*

This ts the heat of formatiOn of CHJg). The standard entiulpy for compoundsis also called heat
of formation since lhe compounru. dre founed from the elements.

Exercise 7.1 .
Calculate "\rHo for the reaction C (graphite)+ | (g) CO(g) at 298 K using thP fol.lc..-ing
thermochelmcal equations:

C (graphite} +O(g) -t CO(g) aH®=-393.5 kImol-*
co(g) + 100(g) -t C02(g) . H o=-283.5kjmor

2 a1

1

7.4 Enthalpy changes in different processesand reactions

Enthalpy change takes place m almost aU physical and chemical processes. Due to their impor-
tance inscience and engineerirspecial names have been assigned to enthalpy changes of some

of such processes. Examples include enthalpy of combustion, enthalpy of solution and t-nthalpy
of neutralisation.
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Enthalpy of combustion

The change in enthalpy during the comp ete combustion of one mole of a s-..:!bstancc in oxygen is
called its enthalpy of combustion (\H, . The final oxidation produd!- c\(a compound cnn!J:<ing
only C, H, Oand N are CO{g),.Hp(l)and N(g).lfa compound also containsO,Br, I, f.Sand P,
the final products include the aqueoussolutionsof HO, HBr, HJ,HF, J-1.50,and H,PQ, at infinite
dilution. Thus, the enthalpiof combustion for methanoland urea are represented by the reac-
tions:

GI,LOH(I) + 1.5 0,(g)CO  [g) + ©(I) (H°=-726.1 kimor

CO (NH,), (s) + 15 0(g) - CO(g) + 2HOM + N(g) AH"=-6334kImol-

The enthalpy of combustion is quite useful indetermining the e. thalpiesof formation of those
substances, which dre difficua to mea5.ureexperimentally. Here again, we make t:se of Hess'sI<.w.

&ample7.3
The enthalpy of combusbon for methan,'>l at 298.15 K is -726.1 kJ moi-*.Y-that is its enthalpy of
formation? (l.iven:L\Ho (CO = -393.5 kJ mol-*and AfI° (H,_0) = —285.8 k} mor-.}

Solution
The combustion reaction of methanol can be written as

A OHO)+1.50gICO  ,(9) +211,0(1)  AH®=-726.1 kj mol”
I\rH® =I\cH® (CHIOH) = L\H® (C0, + 21\ H° (3-1,0)- I\ii° (CH,._OH}
(since\H° (0, =0

Hence, [\\H> ( OH) =AH°(C0, + U,Ho (J-1,0)-I\cH° (C OH)

=(-393.5) + 2 x (-285.8) + 726.1kJ mol-*
=-239.0kimot*

Enthalpy of solution

The formation of a solution (by the dissolution of asoluteinasolvent) is also accompanied by heat
changes, which are dependenton the nature of the soluteand solvent,and the composition of the
solution.Tllerefore, the enthaipy change accompanying thecomplete dissolution of one mole of a
soluteina definiteamount of a solventso as to give a solution ofspeofied concentration is defir.ed
as the integral enthalpy of solution (or integral heat of s t n} As an example, consider the
dissolution of 1 mol of NaCl in 200 mol of water as represented by Lhe equation:

NaCl(s) + 200 1-Ip()NaCl (200 }\O) A H =536 kj mol"
soin’

where |\..,.,.H =5.36 kJ mol-*represents the integral enthalpy of solution. |11 general, it can be positive
or negative,depending on the nature of thesolute and solvent. A special case of enthalpy of solution
anses when a sufficiently large amount of solvent is used so that further dilution does not bring
about any heat changes. This is defined as the enthalpy of solution at infinite dilution. For an
aqueoussolution, this reaction is represented by:

Urea (s) + O (1) W_J rea(aq)

1besymbol(aq) is used to represent an aqueoussolution which isso dilute that additional dilution
is not accompanied by any heat changes.



In contrast to integral enthalpy of solution, we define a quantity called differential enthalpy
of sohltio. This is-the enthalpy change when 1 mol of solute is dissolved in a sufficiently large
volume of solution of concentration c,so that the final concentration remains almost unchanged.
The differential enthalpy of a solution depends on the concentration of the solution. It can be
calculated from the integral enthalpy of solution.

Another enthalpy term often used in solutions is the enthalpy of dilution (Adil). This is defined
as the enthalpchange when asolution containing one mole of solute at concentration c,is diluted
by the addition of solvent so that the final concentration is c,- Itis obvious that the enthalpy of
dilution dependson both c,and c,

Enthalpy of neutralisation

The enthalpy of neutralisation of an acid is the enthalpy change which accompanies the complete
neutralisation of a dilute aqueous solution of an acid containing one mole of He ions by a dilute
aqueous solution of a base containing one mole of OH- ions. For example,

HCI (ag) + NaOH (agNaC'l (aq) + Hp A..,H°=-57.3kImol-+*

Itisobserved experimentally tnat the enthalpy of neutralisation of strong acids or bases by strong
bases or aridc: respectively,is essentially the same, i.e.-57 kJ mol-2.This is because strong acids
and bases-arecompletely dissociated in their aqueous-solutions.The neutralisation of strong acids
an<:i oases is represented by

He (aq) +OH- (aq) - 1.\O A H® = -57.3 k] mol™

Hence, the enthalpy of neutralisation of strong acids and bases is the enthalpy of formation of one
mole of water from one mole of He ions and one mole of OH- ions.

When aweak acid or base is neutralised, theenthalpy of neutralisation deviates from the value
of -53.7 kI mol-~ This is due to the low or incomplete dissociation of weak acids and bases. Some
of the energy is used in dissociating the weak acids and bases.

Exercise 7.2

At 298 K, the standard enthalpies of formation of NO.(g) and Np,(g) are 33.2 kJmol-*and 9.2 kJ
mol-t. Calculate the standard enthalpy of the reaction:

N,O,(g)— 2NO,(g)

7.5 Experimental determination of enthalpy of combustion
Calorimetersare used for determining the enthalpy changes in various processes. Asa matter of
fact, calorimetry is the most important experimental technique in thermodynamicsand a lot has
been done to make it very sensitive. At present, there are calorimeters that can measure heat and
temperature changes accurately.

The enthalpy of combustion is determined using the Bomb calorimeter (Fig.7.1).

=
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Fig. 7.1 The Bomb calorimeter

The method involves the combustion of a definite amount of substance m an inner <Je.;sel called
the Bomb. The bomb is placed inside a definite quantity of wa ter taken in an Ouler vcs:;el which is
thoroughly insulated. The temperature readmgs of the water in it .trc. take:. bef ore aud after the
combustion, using a sensitive thermometer. Fr ":I\ th.. heat capacity of the ca lori md,>r, 'he Jmou nt
of substance taken and the temperattt.rt! read:,,gs, the enthalpy of combustion can Iw calculated. 1.1
general, using adiabatic calorimeters the enthaln;es of reachons can be detcrmmted.

7.6 Conclusion

:n this unit, some ac..pects of thermochemistry hcwe been discuc..;cd. Specificall y, we discussed
enthalpy changes i*ldifferent processes and reactions. Al o, we se.ated the Hess's law of ccnstant
heat summation and some of its applications.

7.7 Summary

In this umt, you have learnt that:

i) the enthalpy changes in various processes are determined by usmg calorimeters;

ii) the Hess's Jaw isa direct consequence of the law of conservation of energy;

iii) the Hess"s law can be used todetermine the enthalpies of reactiono; and proces:es which cannOt
be determined

7.8 Tutor-marked assignment

Calculate the standard enthalpy of formation cf PCL(s), using the following ciata
P(s) +1.5ClL(gPCL (1) .H=-318 K
PCL (1) + C (gPCI (s) -Ho0=-137 Kj

7.9 Reference
ICNOU (1993), Chemical thermodynamics: Pllysicnl Chemistry CH E-04, New Delhi.
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8.1 Introduction
We saw in Unit 2 thattransfer of energy between a system and its surroundings takes place through
heal and work. This is governed by the first law of themod ynamics d iscussed in Unit 3, which
states thJt increase in the energy of a system must be accompanied by an equal decrease in the
energy of th e surroundings and vice versa. This law, however, does not tell us anything about the
feasibility and direction of flow of energy. According to the first law of thermodynamics, all proc-
esses in which energy is conserved are possible.

In this unit, we sha Il examine the concept of reversible and irreversible reactions. The Camot
cycle shall also be describd and some calculationsshall be done on the efficiency of the Carnot
engine.

8.2 Objectives

By the end of this unit, you should be able to:

i) define reversible and irreversible reactions;

ii) differentiate between reversibleand irreversible reac tions;

iii) descr ibe the Carnot cycle;

iv) derive an expression useful in calculating the efficiency of the Carnot engine.

8.3 Reversible and irreversible reactions

In the introd uction, we saw the limitation of the first law of thermodynamics in chemical reactions:
it does not tell us anything about the feasibility and direction of flow of energy. For instance, if a
cup of hot tea is left on a table, according to the first law, it may be cooled by transferring energy to
the surroundings or be heated by absorbing energy from the surroundings. But we all know frum
our daily ex perience that the cup of tea wlU always cool till it acquires the temperature of the
surrou ndings.Similarly,if a bottle of perfumf'is opened in a room, the perfume spreads throughout
the room. The reverse process in which all the perfume vapours are collected in the bottle does
not take place. These are exam pies of spontaneous processes which are irreversible and proceed
only in one direction. Again, according to the first law, there exists a direct relationship between
heat and work. But it does not tell us whether or not heat can be completely transformed into
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work, and if so, what is the effect on the system and surroundings. These aspects are discussed in
this section.

Chemical reactions are of two main types: reversible and irreversible. We can easily recognise
reversible and irreversible reactions in the way their equations are written. As already mentioned
in Units 4 and 5, all thermodynamic properties are state functions and independent of the path
adopted by the system. Also, the internal energy change of a system is given byE = q + w. Here, E
is independent of the path chosen, but g and w certainly depend on it. Thus, for the same E,
d ifferent values of g and ware possible by bringing about the process in different ways. Also, the
work done by a system is maximum if a reversible path is adopted and this maximum work can be
determined from the initial and final states of the system.

Let us consider a reversible process and an irreversible process in which E is the same. Take a
system of piston and cylinder in which thecylinder is not insulated. When the piston is pushed up
or down, no work is done on the system, hence the piston is frictionless.

Assuming 10.1 x I0S Pa and 1 litre at the initial condition, with initial temperature T. If it is
expanded isothermally at 1.0132 x I0S Pa, volume becomes 10 litres, but the final temperature will
still be T, since it is an isothermal expansion. Assuming work is done under a vacuum, the initial
pressure is 10.130x 10S while the final temperature will be 0. Then, we can say

g="PdV =0 (10-1) JitreE 0

The amount of work obtained is zero. Since there is no pressureon the piston, the gas cannot be
returned to the initial state.Hence, we can say that the process is irreversible.

But where we can put a weight equal to 1.013 x I0S Pa pressure in form of rings. When the gas
expands at 1.013 x |0S Pa, it then stops. Then,.

q = PdV =(1.013 x |0S Pa) (0.01m?—0.001m3 = 10.02 X 1()3 Pa

Assuming we put a weight equal to 10 atmosphere initially (in form of rings) and continue to
remove them gradually in steps of 10, 7,5, 2and llitre, then,

q=(PdV, +PdV,+PdV,+Pdv,).

You can carefully replace the weightsagain to obtain the initial atmospheric pressure. This system
is reversible. We can say
n

Creversible = L_(I\dV1) e 81
i=1
The larger the value of n, the closer to reversibility we are.

Example 8.1
For n moles of an ideal gas undergoing a reversible change from V  to V2 what equations will
establish the associated values of 'lIrvand w ?

Solution
Wecan represent an isothermal change of volume of an ideal gas with

where P_is the external pressure on the gas. When the external pressure becomes almost equal to
the internal pressure, we become closer to the reversibility system, such that

p, =P + dP (sliding forward and back easily)
Then, we can have



Fig. 8.1

q:fv2 (P+dP) dV e 8.3
Vi
Expanding this, we get

4=] 7 (PAV + dPAV) e 8.4
VI

where the dP pressure quantity will be very small, i.e. tends to zero.
Thus,

q=f " Pdv

For ideal gas, we know that

vi V

\
= nRT f ANV e 8.6
VI
Work can be represented as
V2
<lrev =nRTIng SWrey  ceeeeees ST P, .- 8.1

Let us also consider a reversible process and an irreversible process in which 4E is the same.
No matter how we carry out the prpcess (reversible or irreversible), 4E depends only upon the
initial and final states of the system.

1 4s
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AE =Q_ +w_, for reversible ProCess ............couuuiiiiiunieniinaeeeiee e 8.8
and E= = Clum, + wimy for irreversible process .........coeveveiiiiiieiiiieiineenn 8.9
and SO, G Wy = CIUM, F Wae ot et 8.10

We know that the work done by asystem under reversibleconditions (W'>|S larger'than the work
done by asystem under irreversible conditions (w rn¥),

[TV 11 8.11
HeNCe, W™ S Wity - oo R
8.12

This is true when we compare the work done on the system under reversible and irreversible
conditions. Let us assume that the driving forces under the two conditions are fairly different, and
that the processes are not adiabatic, so that (... or g;m, is not equal to zero. Using Equations 8.10
and 8.12,we can write

Titis means that in a non-adiabatic process, heat absorbed by a system from the surroundings is
more under reversible conditions than under irreversible conditions.

Now, let us considerE=, g and w values of a system in a cyclic process.A cyclic process is one
in which the system af ter undergoing any ?umber of processes returns to its initial state. Titis
means that E = 0, hence the work done by the iystem during all these processes should be equal to
the heat absorbed by the system, i.e.

O+ N+ == (W W, + L) =W 8.14

where ¢ is the heat absorbed and w is the work done on the system in the entire cyclic process,
consistmg of several processes. In the individual processes,<L''h ..., etc, are the heat absorbed by
the system and w,.w, .--,etc,are the work done on the system.

Using Example 8.2, you can understand the validity of Equations 812 and-8.13.

Example8.2

1.00x 102 mol of an ideal gas at 300 x 102K temperatureand 6.00 x 1()6 Pa pressure occupies 4.16 X
1ICP m?space initially. Calculate the work done on the gas and the heat absorbed by the gas if it
undergoesexpansion under the following conditions,such that the final volume and pressure are
0832m2and 3.00 x IOS Pa:

a) isothermal reversible conditions

b) isothermal irreversible conditions.

Solution

In an isothermal process, for an ideal gas, E= = 0. Hence, q = —=w,
i.e.

heat absorbed by the gas = -(work done on the gas).

This equation isapplied to both the processes as now discussed.

a) Letus first calculate (,.._.and w.,.. using the equation for the isothermal reversible expansion

Vit
lrev. = -Wrev = —2.303nRTi0%2

_ V2
= 2303nRTlog-

Vit 0.832m3

=2.303 x 1.00 x 102 mol x 8.314 mor 1K-1.x 3.00 x 102K Io%—— R
.16 x 10-2m3
= 7.47x 10S)



Hence, the heat absorbed by the gas during isothermal reversible expansion (<l,..) = 7.47 x 10°J,
and the work done on the gas (w->=-7.47x 10SJ.

b) Letus calculateand wlireV for the isothermal irreversible process. In this process, the final
pressure of the gas is equal to the external pressure (pext).

Hence,
g.nn = wirov =Put (V2-V,)

=3.00 X I0S Pa (0.832 m® —0.0416 m%

=3.00x l0S x 0.7904 J

=2.37x10SJ

You can compare g and w values in these hvo cases to verirj the validity of Equations8.12 and
8.13. .

Wrev = -7.47 x 10SJ; wirrev = -2.37 x 10SJ

Hence, w,.. <Wmev as shown in Equation 8.12

=747  x10SJ; =237x10SJ

Hence, g™ > qlfe", as shown ir Equation 8.13

8.4 The Camot cycle

Camot analysed the functioning of an engine with the following features:

1 The engine works in cycles.

It absorbs heat from a reservoir, known as source.

Itdoes some work out of the heat absorbed.

It returns the unused part of the heat to another reservoir, known as sink.

Finally, it returns to its original state.

Such an engine is known as the Camot engine.The temperature of the source (TH) is higher
than that of the sink (Tc>-The source and sink are assumed to be of infinite heat capacity, i.e. their
temperatures are not affected by small amounts of heat exchange. Camot showed that the entire
amount of heat absorbed cannot be converted into work and this fraction is known as the efficiency
of the Camot engine. Let us now derive an equation useful in calculating'efficiency.

For the sake of simplicity, let us assume that the engine consists of a cylinder and a piston
having one mole of an ideal gas between the two and the cylinder has perfectly insulated walls
and a perfectly conducting base while the piston is frictionless.It is only for the sake of convenience
that we have assumed that the engine contains an ideal gas. Actually, there can be any suitable
fluid. We make use of the following expressions for one mole of the gas.

aswm

wisothermal =RT |Hnﬁl— e e
8.15
vfinal
wadiabatic = CV (Tru[a_TuubaD ............................................... e 8.16

Where w is the work done on the system and Cv is the molar heat capacity of the gas.
The plot of pressure against volume is shown in Fig. 8.3

The camot cycle operation can be described by the following four steps: isothermal expansion,
adiabatic expansion, isothermal compression and adiabatic compression.

Step 1:lsothermal expansion

Initially, the gas has pressure P and volume V,-The cylinder isplaced on a heat source maintainP.d
at temperature Tw The gas is isothermally and reversibly expanded to volume V , at pressure P,
Let th(' work doneon the gas be ""tand the heat absorbed from the source be-Inan isothermal

process, LIE =0.
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Hence, using Equations8.7 and 8.8, when AE =0, the work done on the gas is given by

B Vy)

Fig.8.2 The Camot cycle

Step 2:Adiabatic expansion

The cylinder is now placed on a thermally-insulated stand and the gas is adiabatically and
reversibly expanded until it attains pressure P, volume V,and temrerature Tc During this period,
no heat is absorbed by the system.The work dl,ne on the gas, w,,as the b'sgets coosed from T to
Tc is given by

W, = CV (TC=TH) o 18

Step 3:Isothermal compres ion

"'he cylinder is nov. placed oncismY.at temperalttrc: Tc and the gas is!so.hennally and rev rsibiy
compressed to volume V, al pressure P,.During the process, the work done on ;he &, isw  and
the heat evolved to the s;nk is-'Ic (or 'K is the heat absorbed from the smk).

Cc N V3
wW=- fr— -
: v4
orgc =R n\ﬁl 8.1<!
V3 o

Step 4:Adiabatic compression

1nthe last step, the cylinder isagain placed on an insulating!'tand ald the gas is adiabatically and
reversibly coUlpressed until it reaches the initial stage of volume V, pressure P.md temperature
Tw Hence, the work done on the gas, w, is gwen by

W, T OV (T, = T0) vt reenceeeeeeeeceesmnees eiessee s isssseesseneenans 8.20

The net work done on the system, w is given by:

W=W  +W, +W_+ W, 8.21
Vi Vi
orw:RTH]nv+C‘,(’I;—TH)+R'[;ln;—+CV(TH-'Q) .................. 8.22
2 4
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le.w =RTH Ir¥t— +R1C |r¥§ S . 823
V2 V4

We can relate the initial and final values of volume and temperature of the two adiabatic processes
described in steps 2 and 4, using the equation

13: (\Q)y-]'for step 2

IH V3
Similarly, for step 4,

(3. (T

Henceff1=( :r-1

2=Vl s 8.24
V3 s
V3 V2
ac- ——
v4d V1
— : V, V,
Using this Equation 8.23,w =RTHIn 1.+ KICIn 2
V2 v4
vl v2
we have, w =RTH In — +R1(:In —
V2 vl
: vl vl
OFW=RTH IIM—-RIC TN — e 8.25
v2 V2
Hence, fotal work done on the system =w =R(TH -1(:) In —
V2
1 V2
or total work done by the system, w™=-w =R(TH -1(:) In \E ..................... 8.26

Sinceqc is a negative and gH is positive, o is a negative quantity, so 1+ e,
is also less than 1.

Since work done by the system =-(work done on the system).

We know that the heat exchange between the gas and source or sink takes place only in
isothermal processes (stepsland 3).In adiabatic processes (steps 2 and 4), there is no heat exchange.
Again, qu is the heat absorbed from the source m step 1 and <c is the heat absorbed from the sink
in step 3.

The total heat absorbed by the is
Lo T 0 o o o 8.27
Asexpected, g turns out to to-w for the cyclic process = = 0.

1 8.28
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It may, however, be noted that OUt of the heatqH =RH I absorbed from the SOUrCe, smly SOme
of itis converted to useful work and the rest is lost to the sink. Let usnow calculate i.e. the
ratio of the total work done by the system during one cycle to the heat absorbed in the first slcf.
This quantity is called efficiency of a Camot engine,

o Total workdone on the system
Efficiency (fl) = 8.29

Heat absorbed from the source

V2
<H+qc R(TH -1¢) In v

fl= S ) MR 8.30
'H RTH In %

- <H +qc 1_H 1C -

Since Tc and TH are always positive, and TTc is less than 1, Equation 8.31 can be rearranged as
H

follows:

o N 8.32

Ty ‘IH
Since qc is negative and gH is positive, isa negative quantity,so 1+  15also less than

This means that efficiency is always less than 1, i.e. all the heat absorbed at a highertemperatur .

not converted towork. Itis alsoclear that efficienc) will be more if the ratio | 1s .mall.Th

efficient working of the engine, it should absorbheal at i\s high a temper.tttnc ,»S posslbl' 1
reject itat as low a temperatureas possible.ltsl.ould also be Poted thdt cfficiPncy ussindcl'eend!.

of the nal.1lue of the fluid. Thisis called Carnot tht:orcm, » nkh nn also be st:: ted .L.- in all ..:yd
enginesworking between the same te:npera ure of iche sourceand the sink,the efficiency b the
S.i.ntC.

8.5 Conclusion

In this uva.it/Ne d cribed reversible,irrever.ible <utd ..; c;ic leru::css,-s;wtl how q= =-w,.., I1s ott
for isotherutal rl've;-sible expansion. We abo desc .Ped the Carnot cyce InJ der:v,-d.m , -'
for its efficiency

8.6 Summary

InthL-> unit, yvu have learPI that:

i) w~tcr, "orkisdorte unt.!r a'-acl'um, q=0;

ii)  mm i:>viht nicll reversible procc&s, U, ™ -H  1o; "n.icil'a! furt:;

iii) 4re- =nRT h V-; in an isothermal cxpane.ion operatlon

iv) in a Carnot engine, the hedt absorbe.Clinnot be co!w rkd to work in a "Y.Jic proces, no
matter how ideal the engine is.



8.7 Tutor-marked assignment

1

2

If the efficiency of a Camotengine is20%and the temperature of the sink is3.00 x 102K. Calculate
the temperature of the source.

A Camot engine works between 5.00 x 102K and 3.00 x 10% K. Calculate the minimum amount
of heat that must be absorbed by the engine from the source at 5.00 x 102 Kin order to obtain

- 1.50 kJ of work.
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9.1 Introduction

So far, we have examined some aspects of thermodynamics, and in the last unit, we described
reversible and irreversible isothermal, adiabatic and cyclic processes. However, nothing was
mentioned about the feasibility and direction of flow of energy. In this unit, we shall examine the
concept of entropy and free energy.

9.2 Objectives

By the end of this unit, you should be able to:

) lefine entropy,

ii) define free energy;

iii) c.tate with examples, processes that can increase or d crease the "ntrop} of as. st

9.3 Entropy

en Units 5,6 and 7,v.e studie<l the applications of th<>fir-t law 0i th rmod)'l.amics L11.: kulati ¢

heentalpy and int emd energy cha"geof re.tioos.Sut-h..:1erg:, ca culattomdo not t'11 wheth r

or not o given reac'io.lb fea<oible t if,tilthhct ene1gy isconYted toothe -orHI"cfenergy.
“ou may have come across sone re...tt>ions Ol'cuu:i.ng without I 1c-..;pply of energy fnr ou-

side l:hesyseeiT' S ;rh ,e;)ct um are :.aid to be spontaneous. EAamplemdude:

1 heat flow between two objects at difeerent terr peraturcs;

b) t:le reaction be.wee.1l magneeiurr ribbon and hydrochloric ZCid;

c) conver ion of hydr<Jgcni'erc '<ide to tlah::r and ox)ygtn.

Exercise 9.1

\'1hich of these reacM.onsis spontaneous?

a} DeLomposihon of hydroge.1lperoxide. (write an eqt.ateon for thP."";: ctior, bcfon answering the
quP C10n.)

L) The chemicd reaction between Zn metal and cu:e ions in aqueot s solution of Dalllel's cell.
(Write an equation for the reaction.)

En.ropy refers to the randomness of a given system It in.act explains how a system is ordered
or disordered. A high-entropy system results when:
a) there isa change from solid to liquid (melting process);
b) a pure solid substanceis heated to form a molten substance,e.g. molten sodium chloride and
molten magnesium chloride;
c) large hydrocarbons are broken to smaller hydrocarbons through cracking;



d) iceis melted to liquid. This is a spontaneous process;
e) a pureliquid water is evaporated.

A low-entropy system results when:
a) asalt is crystallised out in a system;
b) there is freezing of a liquid.

Exercise9.2

Which of the following systems will have a high or low entropy?
a) Increasing the number of moles of an ideal gas in a system.
b) Dissolvingsodium in water.

c) Liquefyinga gas.

9.4 Freeenergy

Recall that heat is a unique form of energy At constant temperature, heat cannot be completely
converted toany othr form of energy.1lv!heat content (enthalpy) of any system is considered in
two parts:availableenergy and unavailable energy.

Available ene-gy 1s the energy available for conversion to  L.rr k ms of energy wh:le
unavailableenergy is the one which is necessary to maintain the sysl..::mat Ulc specified temperature
and is not 2vailnble for cunversion.These two patts Of enthalpy can be represented as

H=G+TS,

where Hisenthalpy, G is free energy, T is temperature and Sisentropy.G i.. thf; -,;ailableenergy
while the product of temperature and entropy is the unavailable energy

Now, the differen:::e between the enthalpy of the final state and the enth..:py cf the initial state
of the same system H.

Thus, tor the two statesaf the ysiem, we have:

For5t'ltc1, H =G, +T,5,
For state2, T\= G,+T,5
Therefore, the difference m enthalpies of the r--- - d:) t>, Li -*€ system will br-

A=H 2-|\, that is,

CH =(G,-Gp+(T,S- T.S)

un =6G--T6.S (Constant T)

6H.,G and 6.Sare a]’;o thermodynamic functions and they are extensive properties.You will
stu,.y thi"!" ut ui.orcc'2tail--under the se!l:Ondlaw of U-ermodynamics. Now, Jet$examine under
what ccndltion of 6.G will a reaction be spontaneous.

As pu:.;;ic,L,Lly 1-vdlt;.;d out,-i a proct::Ssvceu..sspo,ttaucuuslytuu ans tl.at iirequiresnoenergy
from outsid.:: the syst4"m. In other words, the energy within the system is 1fficient to initiate the
action by releasing free energy. When this occurs, it means the final state of the system has less
available energy than its initial state.

6.H=6G +T6.S,
then,6G = 6.H —T65.

Thus, from our last statement, 6G will be negative, i.e. for any spontaneous reaction, 6.G will be
negative. Whereas, if 6H is positive, it means that the available energy of the initial state of the
system is less than the one available in the final state, then 6G is positive. This implies that the
reaction cannot occur spontaneously,or rather, <he reverse reaction will occur.

In a situation where 6G is zero, neither the reverse processnor spontaneous reaction will occur.
At this point, we say the system is inastate of equilibrium. Youwill study this later inthis coarse.

1 5s



9.5 Conclusion

In this unit, we have made an attempt to define thermodynamic functions of G and S. We hope the
definitions of these thermodynamic functions will help you in your study of second anci third
laws of thermodynamics inducourse.

9.6 Summary

Inthis unit, you have learnt that:

i) freeenergy (G)is the availal:lk:energy ina system that is convertible to other forms of
energy and it is a thermodynarnic function;

ii) entropy expresses the randomness of a system;

iii) enthalpy charge of two states of a system can be expressed as 11i=aG + T65 (constant
temperature), for an isothermal process.
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10.1 Introduction

There are many types of 1P.acttons that we come <cro<;sin our study of chenistry. These include
cherucal reactions, electrical-.nduced reactions and nuclc<'l r.?achons. Ow: r.lain concerP i3 ".vith
chemical reactions. In this unit, we shall examine some ba<;ic concepts of kinetics. We shall also
explain the dependence of 1 te of reaction on some factors.

10.2 Objectives

By the enclof this unit, you hould be able to

i) define rate of reaction;

ii) tist Ihe factors affecting rate of reaction a."ld their effects;
lii) ,...alculate rates of reactions.

10.3 Concept of kinetics

Chemical kinetics refers to the study of ratesand mechanisms of chemical reactions.

Rates of reactions
Reaciirms pru._c, at different speeds and in different directions. There are some conditions that
detErmine the rate at which rca -lions occur.There are al&o some mechanisms by which reactions
tJHXeed. Tl.e rate vf a chemilal reaction can bt: simpiy udinoo as the amount of reaction which
occur<; en a u:-.it time. In fact. iiis the amount (usually "'xpressed ii1 moles) of I reactant used up or
produd foril\ed in a stated ti..me interval, usually in sccond5

We .:an abo definethe rate of reaction or the velocity of reaction qt a specified time as the
decrc.1Se in the conct.:nlration of a reactant or the increase in the concentration of a product per
unit tL.,-e. The rate of reaction at a speciSe2 --i; also known as instantaneous rate of reaction.
Itcan be generally defined as the rate of change ct....ncentration of a specified species at a particular
instant. WhilespecifYing the reaction rate, weust nteni.ion the componentwith respectto wluch
it is stated. Let us consider a simple reaction

A\B.

The reaction stoichiometry shows that one molecule of B is formed for every moleculeof A

consumed. The reaction rate can be specified in the following ays:

a) Wecan measure the concentration of the reactant A at various time intervals. From these values,
we can specify the decrease in concentration of A with respect to time at any particular instant.
This gives the rate of CQnsumption of A, which is

1 ss



Decrease in the concentration of A

Change in time
ti(A)
tit
ti[A] means change in the concentration of Aand-ti[A) means decrease in the concentration of A.
While writing a rate expression with respect to a reactant, there is a preceding negative sign
(sinceit is customary to express the rate of reaction as a positive quantity).

b) Wecan measure theconcentration of the product Bat various time intervals. From these values,
we can arrive at the rate of formation of B at any particular instant.

Increase in the concentration of B

RatS! of formation of Bz - ——————— — — — —
Change in time

6[A]
tit

The rate of consumption of reactants and the rate of formation of products are related through
their stoichiometric coefficients. For example, co ider the decomposition of NO ,

2NO,(g) — 2NO(g)+0,(g)

Wecan write the relationship between the rate of consumption of NO,and the rate of formation of
NO and O, as follows:

| (Rate of consumption of NO,) = |(Rate of formation of

NO)

= Rate of formation of O,
By convention, we can write this as:

. 1 02 1d[NO] d[02J
Reactwn rate= - — — o=, — —=— —
2 dt dt dt

You can understand this relationship if you bear in mind that if two molecules of NO, are consumed,
two molecules of NO and one molecule of O, are formed. In other words, the reaction rate is equal

to:half the rate of consumption of NO, or half the rate of formation of NO, or the rate of formation
of O,- The symbol 'ti*is read as delta. It denotes change in a property.

Convention for expressing reaction rates

Inorder to obtam a single value for the reaction rate, it is necessary to divide the rate of consumption
of a reactant or the rate of formation of a product by the stoichiometric coefficient of the respecti ve
species.

Consider the reaction:

aA +bB
In and Bare reactants, C and Dare producb a, h, cand t he stoichiomctnc
coefilcJt.>nts. rate is related to the rates of consumption reactants thw
formatiOn of the as follows:

1-d[A] 1 _1d[C] d[D]

1odt dt

the



Factors affecting reaction rate
Factors which affector influence rates of reactions include concentration of reactants, temperature,
light, nature of reactants and catalyst.

Concentration of reactants
Chemical reactions occur when particles of the reacting substances come in contact. The rate of a
reaction depends on the f requency with which the particles collide, and this in tum depends on
their concentration. This is because when the number of reacting species per unit volume of the
reaction system is increased, there will be an IJ:lincrease in contact, and then, rate. The more crowded
the particles are, the more often we would expect them to bump into one another.

Consider the reaction between Ba(NOJ,and N C O, to form a precipitate of BaCO,

Ba(NO,), + Na,CO, - BaCO,(s) + 2NaNO,

As the concentration of Ba(NO,, increases, th<> rate of reaction also increases.

the reactants involved in a chemlcal reactir':l have their concentrations increased in a

If

homogenous mixture, more frequent molecular colli ions will occur and the reaction will proceed
faster. Assuming we have gases in that homogenous ;ystem, mcrcnse in pressure imphes increase
in concentration since the concentration of a gas is ( }Uivalent to its partial pressure. Thus, when
the partial pressure of a gas isincreased, the rate of Leaction gem::-ally increases. Reactions in the
liquid or solid state are not influenced by pressure to any appreciable degree. This is because
liquids and solids are almost :ncompressible.

Tempera tune

Your experiences in daily life activities, especially in the kilrhn !aboratory, are enough proofs to
st-.ow that whel the temperature of a reaction is increac;ed, the Kinetic energy of the particles is
increased and tl e reaction proceeds at an increased speed .

Light

Lightisa source of energy and itcan influence the rates of some chemical reaction” I'y ener5ismg

Ule mLeleculesof ome of the reactants involved. The reaction between C1and I" gas at ordinary

pressurels neglig.ble mdarkness,slow inda}t:ght but cxplosY€insunlight (at room temp.:rature).
Other exampies mclude the reaclicn between methane and d1Jorine.and photo.ynthcsis. You

will learn more of photochemistry later.

Nature of reactants
There are several bctors put together as nature of reactants. These include the particle slze of the
reactarts, state of the reactants, i.e. whether solid, liquid or gas and the structure of reactants, e g.
discrete Pmolecule or polymer's structure. -

The particle size of the reactants influences the reaction rate.In ar.y given reaction that involves
a oot id substance, the powdered form instead of lump or foil will be preferred. Concerning the
state of -:eactants, for example in solutions, reactions between ions are more ra ptd compared to
those between atoms. furthermore, .-eactions involving tr<'nsfer of electrons espeually through
wns are more rapld than reactimes L-wolving transfer of atoms.

Effect of catalysts

Perhaps, what we need here is to raise some questions regarding the influence of catalysts on rate
of reaction. Let usstart by you providing answers to these questions:

a) What difference exists between positive and negative catalysts?

b) Under what conditions does a catalyst have no effecton a chemical reaction?




Exercise 10.1
For what reactions are the following catalysts used:
(a) MnQ, (b) Reduced iron powder (c) Enzymes (d) NO and NO,?

Calculation of reaction rate
Consider the reaction:
2N02 (g) -+ 2NO(g) +02(g)

In Fig.10.1, a, band care the plots of concentration (c) against time (t) for NO2' NO and 02" using
the values given in Table 10.1. The graphical method of calculation of the reaction rate for the
consumption of NO, and the formation of NO and O, is illustrated. The reaction rate at any
particular instant is obtained by calculating the slope of aline tangent to the curve at that point.

Table10.1 Concentration of NO:!"NO and Ozat differel.t lime intervals at 673K

Time/a [NO211M [NOJIM [0211M
0 0.0100 0 0
50 0.0079 0.0J21 0.0011
100 0.0065 0.0\135 0.0018
150 0.0055 0.004-S 0.0023
200 0.0048 0.0052 0.0026
250 0.0043 0.0057 0.0n9
300 0.0038 0.0062 0.0031
350 0.0034 0.0066 0.0033

From the slope of the tangent drawn (corresponding to a particular time) to the concentration (c)
At t =200s,slope of curve= 05 X 0.001 Ms- "
o B

=6.25 x 10-6Ms-t

0.0080

0.0060

Q

0.0040

0.0020

T T ¥ T
50 100 150 /s 200 250 300

Fig. Con-enTation against ume protror No,



against time (t) curve for a component, we can obtain the rate of reaction. Note the falling nature
of the curve which is characteristic of concentration against time plot for a reactant.

10.4 Conclusion

Inthis unit, we examined some fundamental concepts of kinetics,such as rate of reaction, factors
affecting rates of reactionsand calculation of rates of reactions.

10.5 Summary
In this unit,you have learnt that:

i) the rate of reaction refers to a decrease in the concentration of a reactant or an increase in
the concentration of a product per unit time;

ii) such factors, as temperature, pressure, concentration, light and catalysts affect reaction rates.

10.6 Tutor-marked assignment
In the formation of ammonia,

N,(9) +3H,(9)2N (9)
the rate of consumption of hydrogen at a particular instant is 4.78 x 10-4 Ms-*-What is the rate of
formation of ammonia?

10.7 Reference
IGNOU (1993), Dynamics and Macromolecules: Physical chemistry 5: CHE-04, New Delhi.
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11.1 Introduction

Weshall start the unit by calculating tu: r:Jes of :-me reac.ti,ms. Weshall also define such terms as
rate law, rate constant, order of reaction and stoichiometry of reaction. Finally, we shall examine
some experimental methods of rate studies.

11.2 Objectives

By the end of this unit, you sho Id be able to:

i) define rate law, rate constant, stoichiometry of reaction and order of reaction;
ii) discuss the effects of some conditions on rates of reactions;

iii) differentiate between order of reaction and stoichiometry;

iv) state the experimental methods of studying reaction rates.

11.3 Calculation of rates of reactions
We are mainly interested in the concentration against time plots for the reactants. In other words,
we want to study the reactants under conditions where the rate of the forward reaction is signifi-
cant but the rate of the reverse reaction is low. This is made possible if we study the reaction up to
a point where the amounts of products are not high. For example, in the decomposition of N02'
there could be a decrease in the concentration of NO, up toa particular time. Afterwards, enough
nitric oxide (NO) and oxygen are formed and the reverse reaction could also take place, leading to
the formation of NO,- In order to simplify the situation, itis better to study the reaction rates
beforesignificant amounts of products are formed. In general, rates of reactions are complex func-
tions of the concentrations of reactants and products at a given temperature.

However, there are some reactions in which the rates are proportional to the simple powers of
the concentrations of the reactants. We shall be mostly concerned with this class of reactions.

Decomposition of N,O,
The decomposition of N,O, is represented by
2NPs(g) -+ 4NOz(g) +Oz(g)

The instantaneous rates of this reaction calculated from the plot of [N O jagainst time are given in
Table11.1.



Table 11.1 Rates for the decomposition of N.O, at 323K

(NOJIM RateJMs-| Rates/a
e (N20S)
0.300 273 x t()-' 9t x t()-'
0.150 .37 x to-' 9.1 x t()-'
O.too 9.10 x t()-3 9.1 x 10"4

1
From the first and second columns, you can see that the rate of decompolltion ol N, Q deaeaees
with decrease intheconcentration ¢.f N,O,. The thiJd colupm gives the ratioof the rate ol d«om-

position of NJOJto theconcentration of NLOJ.InaU the threeca.es,itie conMant. 11Ut shows that
the rate is directly proportional to the ccncenfratiooof N O, i.e

Rate :ale

N20sl

Hence,Ratdc(N  ,0J-
Where ki$ a proportiOnatity cmstant.

Dec position of hydropnioclide

2HI(g) ... 1\(@) + (@)

The instantaneous rates of decomposition of hydrogen iodide were followed at a constaJ)t
temperature and calculated using the plot of [HI] against time.These values are given in Table
112.

Table U.2 Rates for the decompositionof HI

(W]IM Rate!Ms-1 Rate. t Rate. Ms
[W1] (HIP
3.00x10"L 3.60 x t()" t2 x 1™ 4.00x to-?
2.00x t0" t.60 x t()-3 s.ox t0"4 4.00x to-?
1.50 x t0"2 9.0t x 10"6 6.0 x 10™ 4.00x to-?

From the first and second columns of Table112 , you can see that the rate of decomposition of HlI
decreases with decrease in the concentration of HI, just as in the case of the decomposition of

N,O. Further, it is evident frome= third colthat rate /(HI]is not a constant. The fourth
column shows that rate/(IDPis d constant.

Hence,Rate =k (IDf Rate
Where kis a proportionality constant. L= o =

For many chemical reactions,the relationship |>JW the reaction rate and concentration can
be expressed inasimple way such as wehaveseen for the decompositionof N,O andHI.However,
there ai_litother rear tions with more complex rate -concentration relationships.
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Rate law and rate constant
The *"te law is an equation expressing the relationship between the instantaneous reaction rate
and the concentration of the reactants in a reaction.For a simple reaction with one reactant, the
rate law may be expressed as
Reaction rate=Kk [Reactant}"
where K is called the rate constant or rate coefficient or the specific rate of reaction. Thus by
definition, the rate constant is independent of concentration, but it may depend on other factors.
In thisequation, n refers to the order of the reactice. The occier, with respect to a component,is the
power to which the concentration of that component is raised in the rate law.

The decomposition of N,O,is a first order reaction and n=1.Thesignificance of this statement
is that the reaction rate is proportional to the first power of concentration of Np5,i.e.
rate =k [N,OJI,
where K is the first order rate constant. For the decomposition of I11,n = 2,i.e. the decomposition
of Hlis asecond orderreadion.Again,this meansthat the decomposition rateof HI is proportional

to the second power or square of the concentration of HI,
i.e.rate =k (Hlp,
whereKk is the second order rate constant.

Order of reaction and stoichiometry

1lle rate law as well as the order of reaction must be determined experimentally. They cannot be
predicted from thestoichiometry of the reaction. Thestoichic.utetry of reaction gives the relationship
betwecal the am.Olmtsof reactants and proJuu:..examples11.1 and 11.2 show the difference between
stoichiometry and rate of reaction.

Example 11.1

The gas-phase decomposition of N,O_yields N, and O, at a parlkulcU' temperature.
2NPs(g) -+ 4N02(g) +02(g)

The experimentally observed rate law for the reaction rate =k [Npg.

Comment on the order and stoichiometry of the reaction.

Solution
Itcan be seen that the stoichiometric coefficient of N,Ogis 2 whereas thorder of reaction is 1.

Example 11.2

The balanced equation for the decompostion of nitrousoxide is given as
2N20(g) -+ 2N2(g) + 02(g).

The rate law is rate =.k fNPJ.

Comment on the order and stoichiometry of the rection.

Solution
Again the stoichiometric coefficient of N 2Ois 2, whereas, the order of reaction is 1.

In these two examples, the order of reaction and stoichiometry are not the same. But there are
cases where the order and stoichiometric coefficient are the same. One example is seen in the
reaction

2HI(9) -+ (@ + (9)

Rate = k [HI)I, i.e. the order of reaction is 2 and the stoichiometric coefficient of HI isalso 2. You

must bear the following points in mind while arriving at a rate law:

a) Inthe case of simple reactions, the concentrations of the reactants appear in the rate law, but
the concentrations of the products do not appear in the rate law. This is so because the rate
measurements are done under conditions where the reverse reaction rate is negligibly low.



b) The order of the reaction must be determined experimentally.
c) The order of reaction need not be the same with the stoichiometric coefficient of the

reactant.

So far, have we considered reactions involving only one reactant Inreactions involving many
reactants, the rate of reaction may depend on the concentration of more thanone reactant.Insuch
cases, we can calculate the order of reaction with respect to the individual reactant. The overall
order is the sum of the powersto which the individual concentrationsare raised in the rate law.

In general, for a reaction A +B +C Products
if the rate law is experimentally found to be rate =k [A]m [B]n (C]P.

Then, the overall order of the reaction =m + n+p.

Fe>r:example, in the reaction:

Br0,-(aq) +SBr -(aq) + 6H+(aq)3Br ,(agq) +3 0(1)

Rate=k [Br0,] [Br-]1[He]l

The overall order of the reaction is 4,being first order in BrJ-,, first orrinBr-and second order
inHe.

The rate taws so far discussed c;re called differential rate laws. Such rate laws describe the
depedence of reaction rate on concentration. From ttese differential rate laws,we can obtain the
integrated rate laws through integration. The int:Igrated rate laws help us in relating the
concentration of a substance to time. In other words, \Ising integrated rate laws, we can calculate
the concentration of a substance at any specified ti.ne. We shall discuss the. derivation of the
integrated forms of rate laws later in this course.

Exercise U.1
Inthe decomposition of hydrogeniodide,what is the relationship between therate of decomposition
of HI and the rate of formationof ——=—

Experimental methods of rate studies

There are many “hysicaland chemical methods useful for studying reaction ratesThese include
volumeor pressu n!measurement,titrimetry,conductometry or potentiometry,spectrophotometry

and polarimetry."ependingon the reactionunderstudy, tht concentrationof a reactant or product
is followed at vcuious time intervals, using any of the methods. 1hese values are then used for
calculating the rate constant.

Volume or p:::-eslure measurement

When at least,one f the componentsis a gas, the reaction ratte can be followed by measuring the
volume or pressun change. The partial pressures of the speciesare calculated using the reaction
stoichiometry.

Titrimetry

Using acid-base or oxidation-reduction titrations, the reaction course can be followed if at least,
one of the components in the reaction is an acid or a base or an oxidising agent or a reducing
agent.

Conductomery or potentiometry
If one or more ions are present or produced in the reaction, suitable methods can be designed,
based on conductivity or potentiometric measurements.

Spectrophotometry

When a component of the reaction has a strongabsorption band at a particular wavelength region,
spectrophotometers can be used for measuring the reaction rate. Photoelectric colorimeters are
, cheaper instruments and are mainly useful for reaction rate studiesin the visible region.
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Spectrophotometers have arrangements for generation of nearly monochromatic radiations in
visible and ultraviolet regions, and also for the measurement of radiations transmitted by the
absorbing substances.

Polarimetry
When at least one of the components of a reaction is optically active, the reaction rate can be
studied from the measurement of optical rotation.

Exercise 11.2

State a suitable experimental method that can be used for monitoring the reaction rate in each of
the following cases:

a) (@) +Br,(9) -+ 2HBr(g)

'Hint Bromine absorbs strongly in the visible region, while hydrogen and hydrogen bromide do

not.

b) CHCOCX H(aq) +OHiag) -+ CH,COQ-(aq) + C,HpH(aq)
c) C CHO(g) -+ CH,(g) + CO(g) (atconstant volume conditions)

11.4 Conclusion

Inthis unit, we examin¢<1 the rate of reactior:i, rate law,.erdef of reaction and stoichiometry. We
also described some experimental methods for rate studies.

11.5 Summary

In this unit, you have learnt that

i) the rate of reaction refers to the decrease in the concentration of a reactant or the
increase in the concentration of a product per unit time;

ii) rate law is an equation expressing the relationship between the instantaneous reaction
rate and the concentrations of the reactants in a reaction;

iii) some of the physical anO. chemical methods for studying reaction rates include volume or
pressure measurement ,'titrimetry, conductometry, polarimetry and spectrophot metry.

11.6 Tutor - marked assignment
The rate constant for the decomposition of N,O.at 340 Kis5.20 x 10 s .

This reaction follows first order kinetics. If the initial rate of decomposition of N, O, is 2.60x 10-
Ms-¢, calculat 4

e the initial concentration of N,O,-

11.7 Reference
IGNOU (1993), Dynamicsand Mtzcromolecules: Physical Chemistry 5: CHE - 04, New Delhi.
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12.1 Introduction

‘Three important aspects of a chemical reaction must be studied for a complete understanding of
the subjet:t. The first is whether a chemical reaction is feasible or not. The second is,if a reaction is
feasible, at what stage does it stop? The thj.rd is how fast or slow does the reaction occur? You
have learnt about the first and second aspects earlier in this course. This unit describes briefly the
last aspect of a chemical reaction, i.e.up to what stage does a reaction proceed?

We have defined before, reversible and irreversible processes in general. However, for th:s
purpose, irreversible reactions are those that go to completiO'l, implying thereby, that the reaction
proceeds until a! least one of the reactants is completely used up. On the other hand, all those
reactions which appear not to proceed beyolld a certain stage after sometime even when the
reactants are still available,are reversible reactions. They have only reached an equilibrium state.
This unit also discusses the meaning ol state of equilibrium.

12.2 Objectives

By the end of this unit, you should be able to:

i) describe chemical equilibrium;

ii) differentiate, between reversible and irreversible reactions using two illustrations;

iii) express the equilibrium constant in concentration terms and apply it to homogenoussystems;

iv) predict the shifts in equili rium position with cha.."lges in concentration, temperature or
pressure of the system.

12.3 Reversible and irreversible reactions

Generally,chemical reactionscan be divided into two types: reversible and irreversible.Reversible
reactions are those in which the products can combine again to form the reactants. However, in
irreversible reactions, the same reactants cannot be formed from the products under normal
experimental conditions. For the study of equilibrium, we are mainly concerned with reversible
reactions. Reversibility of chemical reactions was first realised by Berthollet in1799 when he was
trying to explain the cause of substantial deposits of sodium carbonate around some salt lakes of
Egypt. He proposed that these deposits were formed due to high concentration of sodium chloride
in lake water, which reacted with the carbonates present on the shores. Normally in a laboratory
experiment, we find that calcium carbonate is precipitated by the reaction of sodium carbonate
and calcium chloride as represented by the equation:

N CO,+CaCJ,CCO .+ 2Na0

What Berthollet proposed was indeed a reverse of this reaction, and the cause of reversibility was
in some way connected to the high concentration of dissolved sodium chloride.

165



66

- Thus,we realise that a chemicreaction such as this can proceed in both directions, i.e.from
left to right or vice versa,dependingon the experimental conditions. Such a reaction is usually
written containing two half arrows, pointingin opposite clirecti'<ms (or a sign of equality between
reactantsand products) emphasising the fact that it is a reversible reaction:

Na,c0,+Cd  caco,+2Na0

Further studies by Berthollet and Gilles in 1863 on the reaction between acetic acid and ethyl
alcohol to produce ester and water,showed that the amount of ester formed varied wit.'t the initial
concentrationsof the reactantsat a fixed temperature and presswe:

CH,COOH + C;H,OH = CH,COOCH, + H,0

In 1864, Guldbergand Wagge showed experimentally that there exists an equilibrium between
the reactants an::i productsinachemical reaction and that tlus equilibrium ca.eb-rt-achl?d from
either direction (startingfrom either reactantsor products).Furthermore, the rP.latlonsJup bei.:w n
the concmtrahon:> of the reactants and products can be expressed by a simple mathematical
ext> iOfl Letus consider t-.voreactionsto clarify these points.

Van t Hoff, b 1877,studied the hydrolysis of ethyl acetate:

CH,COOCH; + HO &= CH,COOH + CHOH
Ester Water Acid Alcohol

He observed that the ratio of the .product of coocentrations of the products© the prodvct of
concentratiOY\S of the re.tctants is always constant at equilibrium and is independent of the m.itial
concentrati.:;,n of ester. Expressed mathematically,

Cc2 HgOH X cCH3COOH

CCH3COOC2Hs X cH20
where C represents the con tration of the speoeswhich are written as subscripts.

1he constant Kin the expression has a fixed value for a particular reaction at constant temperature
and pressure and is a measure of the extent of reaction. A large value of K means the numerator is
gl-eater than the denominator. This indicates the presence of a high concentration of products as
ccmpared to the concentration of reactants at equilibrium.

Anotherexampleis the reaction involving hydrogen, iodine and hydrogen iodide, all inthe
gaseousstate. If hydrogenand iodine are kept together ina close vessel at 723 K, they will react
chemically to give hydrogen iodide. However, if pure hydrogen iodide is put in a closed vessel
wd heated to the same temperature of 723 K, it decomposes to give hydrogen and iodine. LI\both
cases, after a sufficiently long time, you will find all the three species, hydrogen, iodine and

hydrogen iodide present inthe container.At this stage,wesay that ari gquilmrium has been reached
between the reactantsand the productsas shown by the equation, I \+ —2HI Furthe.nnore,at

equilibrium, there exists a definite relationship between the concentrations of hydrogen iodide,
hydrogen axid iodine.

"This state of chemical equilibrium can be viewed from another angle. The reaction between
two reactants Aand B.to give products C and D can bE'represented as:

A+BC+D

Initially, there are only A and B present but as the reaction proceeds,some products C«=ll D are

. formed. Once th”?products C alld D are formed, they can also react to give Aand Bif the reaction

is reversible.Since the concentrations of C and D are small inthe beginning, itseems logical that
the rate of the reveiSe reaction C + D A + B, should also be less than the rate of the forward
reaction A + BC + ). However, as the reaction proce<?ds, more of C and D are produced.



Consequently, the rate of th;t.e QtidnWillaisoincrease.Ultimately,a point wiDbe reached
wherrate of the reve'fSct-: " is e)(actly equal to that of the forward reactioo.Since these
are reacf%mslin‘opposite directions, there is no change in compositim with time and it seems the
reactions\opped.Wethen say that the reactingsystemisinthestate of equilibrium. A y/,
the reactions.,in both directions do take place but rates of forward and reverse reactions are equal.
Itis said that a state of dynamicequilibrium hasbeen reached.At this stage, nofurther change in
the concentrations of the products and reactants will take place.

Insubsequent study of chemical equilibrium, derivation of the equilibrium constant and the
expression interms of partial pressures and mole fractionsof the gaseousspecies will be addressed.

Equilibrium constants

We have established that a reaction is at equilibrium when the rates of the forward and reverse
reactions become equal and there willbe no further net change.Inthissection,we want to consider
equilibrium constants. As \/\/ e earlier, for a system

aA+bB cC+dD
the equilibrium constant expression by Van't Hoff can be written as

. Lol

where the exponents of the concentration terms inthe equilibrium constant expression are the
coefficients of the constituents in the balanced chemical equation.

In your subsequent study of chemical equilibria, the equilibrium constant will be written in
terms of activities instead of concentration and pressure. But since this is an introduction,we will
be using concentrations.

Exercise12.1

1 Write an equilibrium constant expression for the system
a) Ny(g) +3}\(g) "= 2NH,(g)
b) 2NH(gN ;) +3}\(9)

2 What can you say about the two constants?

Equilibrium constant expression in terms of concentration
We know that for an ideal gas,
I\RT
=  — = CctRT
Where c, represents the molar concentration of a gaseous substance i. Other symbols have their
usual meanings. Consider a general reaction

aA+bB “Z2IL+mM ........... 12.1

Assume we s e at Kp at equilibrium .............12.2

where Pu P.., Pare the partial pressures of L,M,Aand Bat equilibrium.
R—ll

We can rewrite Equation 12.2 as
Kp=PI.P-'W .....P-Afbl...... 12.3

where P P.. Pa and P are the equilibrium partial pressures and |, m,-a and -b are the respective
values of L,M, Aand-B.

In terms of concentration, we can express equation 12.3 as
Ko RT) (c.RJ)- ......(cARI)™- (C.

1 e
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_ (cLRT)L(eMRT)m...
~ (cART)a (cBRT)b...

i.8. Kp =1t (CR)VE. ..o 12.5

Where vi represents the stoichiometric coefficient.
K.is defined by,

ci C. Multiplication of (ci)vi terms o tF

e o . 12.6
G_ Ct =Multiplication of (ci)-vi t

ie. K =m(c)" oo J
The dimensionsof K. dep td products.In this case, K isto be
expressed asa dimensionlt 10n by & ,Where cois the standard
concentration, and is equal o

. _(Cifi

te.Kc=1j — —

Co

Example 12.1isan application of Equation 12.6

Example 12.1
Calculate the equilibrium concentrations of all the species at 613K for the reaction

PCIS(g)PCg) +C (g},
if the initial concentrations of the three gases is 0.15M each, K= 0.900 Mat 613K and the volume

of the vessel is Ldm?-

Solution
Suppose that X mol ofPC1_has decomposed at equilibrium. Since volume is 1d.ril®, the concentra-
tion expressed in molarity is equal to the number of moles of a particular substance.

PC > PCL, + CI
Equilibrium concentration/M 0.15-x 0.15+x  0.15+x
_crcl, . Co,
C_
CPCls

Substituting the given values, we get,
_ (0.15 + x).(0.15 + x)
(0.15-x%)

0.BOOM

or 0800 (0.15-x) = (015 + x)?

or x2+1.1x-0.0975=0

Using the principle of solution of standard quadratic equation, we get,

X=0.082Mor-1.183 M

We take x =0.082 M, since the second root of the quadratic equation gives the concentrations of
PCand Cas (015 M-1.183M) =-1.033 M which is impossible. Hence,the equilibrium concen-
trations are:

[PC 1=(015 -0.082) M = 0.068 M

and [PC )= [C) =0.15+0.082=0.232 M

We can verify the ans er by substituting the values for concentrations in evaluating Kc



Exercise 12.2
How are KPand Kc related to each other for a reaction between ideal gases?

Exercise 12.3

Calculate the equilibrium constant for the reaction

CINCOOH(I) + C)fpH(I) CRHCOOC)f  (1)+ NO(1)at 298 K if1.00 mol of acetic acid and
1.00 mol of ethyl alcohol are mixed together. At the equilibrium point, the amount of water is 0.333
mol.

12.4 Summary

In this unit, you have learnt that:

i) reversible reactions proceedin the forward and reverse directions;

ii) equilibrium is reached when the rates of the forward and reverse reactions become equal;
iii) equilibrium constants can be represented interms of concentrationand pressure.

12.5 Tutor-marked assignment

1 Ina reaction A+ 2B 2C + D, Aand Bare taken ina closed vessel at 300 K . The initial
concentration of B is 1.5 times that of A. At equilibrium, the concentration of A and D are
equal. Calculate the equilibrium constant at 300K.

2 Ina10.0 dm?® mixture of }\,and HI at equilibrium at 698 K, there are 0.100 mol of}\,0.100
mol ofand 0.740 mol of HI.1f 0.500 mol of HI is now added to this system, what will be the
concentrations of}\,and HI, once equilibrium has been re-established?

12.6 References

1 Golberg, David and Dillard, C. (1974), College Chemistry 3rd Edition, New York, Macmillan
Publishing Co.

2 IGNOU (1997),Chemical Equilibrilland Electrochemistry: Physical Chemistry CHE —-04,New Delhi.

3 Sharma,K. K.and Sharma L. K. (1997), Atextbook of physical chemistry,3rd Revised Edition,New
Delhi, Vikas Publishing House PVT Ltd.
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13.1 Introduction

In this unit, we shall consider the detel'I'niru:ilon 0f equilibrium constants. We shall also study the
Le Chatelier's principle regarding chemical e4-.Jibria. Finc:.lly, we shall see the factors that affect
the shift of equilibrium in a particular direction.

13.2 Objectives

By the end of this unH, you should be able to:

i) state and explain the Le chatelier's principle;

i) predict shift in equilibrium position with changes in concentration, temperature and pressure
of the system.

13.3 Determination of equilibrium constants

In order to calcu late equilibrium constant the initial concentrations and extent of the reaction
must be known. In fact, to use any of the equations for determining equilibrium constant, we must
be sure that equilibrium has indeed been reached. There are two criteria for confirming the pres-
ence of equilibrium condition. Firstly, the value of equilibrium constant should be the same when
the eq uilibrium is approached from either side.Secondly, the value of equilibrium constant should
be the same when the concentrations of the reacting substancesare varied greatly.

Once itisestablished that equilibrium has been reached, the next step is to find out the equilib-
rium concentration of at least one of the reactants or products, in order to calculate the extent of
the reaction.This can be achieved either by chemical analysis or by measurement of some physical
property. The difficulty with chemical analysis is that the concentration will change during the
course of the analysis. Hence, this method can only be used when the reaction can be stopped at
equilibrium by some means, e.g. sudden cooling. Physical methods are more convenient since
they do not require stopping the reaction. The physical properties commonly used for this pur-
pose are density, refractive index, elect rical conductivity and light absorption.

Relationships also exist between equilibrium constants and Gibb's free energy. This will be
studied later in your programme. Now, let us consider if it is possible to predict the shift in
equilibrium position when a stress is introduced to the equilibrium system.

13.4 Le Chatelier's principle and chemical equilibria

Often, we are more interested in predicting qualitatively, the results of a change brought about by
external forces on a system under eq uilibrium. For instance, if pressure, temperature or volume is
changed for a system under equilibrium, what will be the effect, if any, on the equilibrium itself?
However, this can be much more easily predicted with the help of Le Chatelier's principle. Le



Chatelier's principlestates that: ifa stesisapplk.i toany systr;munder equilio/jum, the system will
tend toshift in such a way soasto neutral <;e tlic .iffoct of that stress (jf possible).

The stress for a chemical reaction could be in form of a cltange in pressure, temperature or
concentration at equilibrium. According to the principle then, equilibrium will shift in' such a
direction tll..at the effect of these changes is neutralised. Let us consider the effect of each one of
these factors en equilibrium.

Effect of change of concentration
Let us consider the reaction H,(g) +4(g) « <=3 D» which has attained equilibrium. Now, if we
add someto the equilibrium mixture, it will obviously upset the equilibrium.According to Le

Chatelier's principle, the equilibrium will shift in such a way that will oppose the effect of this
excess H - Itcan do so by using up this excessto react with more 4 to give more HI.We describe

this procéss by saying that the final position of equilibrium has shifted to thP right of the equation.
In this final state of equilibrium then, more amount of HI is formed, compa ed to the earlier qui-
librium state. Just the opposite of this will happen to the reaction if, instead of H,. some J-Il is
added to the system und-er equilibrium.lnshort, by changing the concentration at equilibrium,
the reaction will move forward or in the reverse direction,so that the-equilitrium consrant still has
the same value.

Effect of change of pressure
Consider the reaction (g) +1(g)2HI(g) again. Now, suppose that the pressure of the system
is increase4, perhaps by reducing the volume of the container, the system should react in such a
way as to reduce the effect of the increase in pressure. However, there is no way by which this can
be achieved. The forward reaction or the reverse reaction -Nill not be f;.voured by pressure change
since the total number of moles of the reactants is the same as the total number of moles of the
products.

However, the situation cha..11ges if we consider the synthesis of ammonia:

H,(9) +3H,(9) 2NH  ((9)-

If the pressure of the system is increased at equilibrium, the effect of this increase can be elimi-
nated by the formation of more ammonia.11lis becoiites obvious if you realise that the total number
of moles of the reactants is four while the number of moles of pwduct is two four moles will exert
greater pressure than two moles.so the system can reduce the ex-,Ta pressure by moving in the
forward direction. On the other hand, if we reduce the external ptessure on the system, more of
ammonia will decompose to give nitrogen and hydrogen.Thus if we ant to produce ammonia
industrially, itis preferable to carry out the reaction at a high pressure.

Comparing these two reactions, we can conclude that changes in pressure at equilibrium will
affect the amounts of products formed for only those reactions where the total number of moles of
reactants are different &om the total number of moles of products.

Effect of change of temperature
Consider once again, the synthesis of ammonia from nitrogen and hydrogen which is an exothermic
reaction. If the temperature of the system is increased at equUibrium, Le Chatelier's principle tells
us that the system should re<Ict in a way that will neutralise this effect. Let us see how this is
possible. We know that the formation of ammonia is an exothermic reachon and therefore, the
reverse reaction of decomposition of ammonia will be endothermic. Thus, the excess heat sup-
plied by raising the temperature of the system can be absorbed by the system if the reaction goes
more towards the left. This-will increase the amounts of N, andand decreasthe amount of
NH, at equilibrium. We can generalise ttus observation b) saymg that, raising the temperature of
a system undergoing exothermic reaction will decrease the amount of products and increase the
amount of the reactants. just the opposite will be true for all endothermic reactions.

The effects of these factors gain special importance, when producing a substance on a large
scale. In any industrial production of a substance, it is' imperative to know the optimum condi-
tions of temperature, pressure and concentTation, inorder to get the maximum yield at a mini-
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mum cost. For instance, in the production of ammonia, we know from Le Chatelier's principle that
high pressure and high concentration of N, and £\ will favour the reaction. Similarly, U\i5 princi-
plealso predicts that the reaction will be more favourable at a low temperature,since itis exothermic.
However, we cannot carry out the reaction at a very low temperature because of another fc\.:tor,
which is, that the rate of the reaction becomes tooslow at lower temperatures. Hence, the readion
is performed af a pressure of several megapascals and temperature of between 650 and 7:°.0 I<.

Exercise 13.1
1 Consider the reaction,
PCl(g) PPCL(g) + CL(g).
How will the equilibrium be affected by:
a) the addition of Ci,;
b} decrease m the volume of the container?

2 If AH°=41kJ mol-*for the reaction
H/g) + CO(g) IPNO(g) +CO(9).
‘4v'hat will be tle effect of mcrease of temperature on the equilibrium?

13.5 Conclusion

-itthis unif, we leamt about L..: Chatelier's prmciple and its use in preuicnnthP shift in the posi-
r;m of equilibrium by changes inconcentration, temperature and pressure of the systen.Wt: dr.-
fer other details of chemltal equi libria to another level for you to have bettPr understanri.irtg

13.6 Summary

In this unit, you have learnt that:

1) we can deermine the equilibrium constant by either chemical analysis or by measurcrrwnt of
<orne physical property;

ii) Le Chatelier's principle can be used to predict a shift in the pos @ on of the pquilibrium of a
r.ystem under stress..

13.7 References
1 Colberg, David and Dillard, C. (1974), College Chemistry, 3rd Edition, New York, Macmillan
. Publishing Co.
2 IGNOU (1997),Chemical Equilibriaand Electrochemistry: Physical Chemistry: CHE-J4,New Delhi.
3 Sharma, K.K, and L.K.Sharma (1997), A textbook of Physical Chemistry, 3rd Revised Editior.,
New Delhi: Vikas Publishing House PVT Ltd.
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14.1 Introduction

We have seen in Unit 8 that for any reversible reaction in a solution, the law of mass action can be
applied and the equilibrium constant can be expressed in terms.of concentrations of various reac-
tants and products. In this unit, we are going to find out how the equilibrium expression can be
applied tosolve the problems relating to solutions of electrolytes.Solutions,as you know, consist
of asolvent and at least one soll:lte,as defined in Unit 8.Since majority of the reactions are carried
out in water as the solvent, we shall consider the equilibria in aqueous solutions only.For simplic-
ity, we shall study these equilibria in several steps. First, we shall apply the equilibrium expres-
sion to the solute system where the solute dissociates in water but is not affected otherwise by
water. Next, we shall consider the equilibrium of water dissociation & - Finally, those cases
where the two equilibria have tobe coosidered together will be studied.These studies find wide
applications in the fields of analytical,industrial and biochemistry units. -

14.2 Objectives

By the end of this unit, you should be able to:

i) define acids and bases on the basis of different concepts;

ii) write the equilibrium constant expressioos for the dissociation Ofweak acids,weak bases and
water;

iii) define pH scale;

iv) state the effect of the addition of a substancontaining common ion on the dissociation of
acids and bases.

14.3 Electrolytesand non.;.electrolytes:acids, bases and salts

In this unit, we shall confine our discussion to the solutions of electrolytes.It then becomes neces-
sary that we must first know what are electrolytes and non-electrolytes.If we put two charged elec-
trodes in pure water, a very small amount of electric current will flow. However,if we add a small
quantity of common salt (NaCl) to water,current flows easily; the reason being that the salt disso-
ciates in water into its constituent ions —sodium ions and chloride ions. Sodium ions, which are
positively charged, will move towards negatively charged electrode and chloride ions will move
towards the positively charged electrode. Thus current is carried by these ions in solution. All
those substances which on dis§olution in water conduct electricity are known as electrolytes; fa-
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miliar examples are acids, bases or salts. On the other hand, all those substances which when
dissolved in water do not conduct electricity are called non-electrolytes.

A substance may not necessarily ionise completely in solution. It may ionise to a small exeent.
We thus further classify, qualitatively, electrolytes into two groups. All those substances whic.h
dissociate almost completelv are known as strong electrolytes and the substances which dissociate
to a small extent are known as weak electrolytes. Most of the acids, like acetic acid, oxalic acicl,
sulphurous acid, etc., and a few salts, like lead acetate and mercuric chloride, are all weak electr{...
lytes. On the other hand, mo...t of the -alts and a few acids, such as perchloric, nitric, hydrochloric,
sulphuric, etc., fall in the category of strong electrolytes.

Most of our discussioru” will be ronfus ed to equilibra involving weak acids and weak bases.
Presently aciJs and bases are being defined in many different ways. The application of equilib-
rium expret>..wn remains the same in whatever way one defines these acids and bases; yet, it is
advisable 10 have a clear understanding of these different concepts of acids and bases.

14.4 Concepts of acids and bases

Arrhenius concept of acids and bases
There is no doubt that you have learnt about acids, bases and salt in your secondary school days.
Attempt to define acids and bases. We a-e all aw<!re that by the reaction of acids and bases, we
obtain salt and water. Though there are oth<>r ways of preparing salts. Do you say that acids can be
referred to as onic compound? Why do yov. believe that a-ids are ionic compounds? They are
because in their aqueous forms their positive ar.d negative charged particles break apart to form a
hydrogen ion (He).

Let us examine some definitions given by some chemists like Arrhenius, Lowry, Browsted and
Lewis.

Arrhenius definition of an acid

Arrhenius defined an acid as acompound which when dissolved in water gives hydrogen ionand
a base, as a compound which dissociates in water to yield hydroxyl ion. When an acid reacts with
a base, it gives salt and water and the process is known as a neutralisation reaction. Following
examples would make the definition quite obvious:

Acids:
HNO, -+ He + NO;
HI -+ He +1-

Bases:
NaOH Nae + OH-
KOH -+ Ke + OH-

Neutralisation:
He+CI- +Na « +OH- -+ O+Nae-+ClI-
(Acid) (Base) (Water) (Salt)

This is the most common and most frequently used concept. However, there are two main
limitations to the concept. First, it does not take into account the role of the solvent in the process.
Secondly, there are many substances which do not contain hydrogen ion or hydroxyl ions but
behave like acids or bases in their reactions. For example, ammonia, NHI' behaves like a typical
base in reactmg with an acid but does not contain hydroxyl ions.Similarly, BF , molecule does not
contain hydrogenions but docs act as an acid toward:; a base like ammoniain Ule re"cllon:

BF, + NH, - BF,:NH,



Lowry-Bronsted concept of acid and bases

In 1923, two chemists,Lowry and Bronsted, proposed a wider definition of acids and bases.They
defined an acid as any substance (molecule or ion) which C3;\ act as a proton donor and a base as
a substance which can accept a proton. Since a proton cannot exist free in any solvent,itis always
found associated with a conjugate base.Thus,any two substances related by the gain or loss of He
ion are known as conjugage acid-base pair. For exainple,HO is an acid which has a conjugate
Io 11— ion.Everyacid HAhasa conjugate base A-formed by the loss of a proton and every base
A- hasl a conjugate acid formed when the base accepts a proton.Let us look at he reaction of HO
with water:

HCl1+HO = HO Cr
acid base acid basg

[P

conjugate

Here,water molecule acts as a base (proton acceptor) towards the acid,HO (proton donor), pro-
ducing conjugate add and base,res_pectively as H,0+ andCt.ltcan be represented in another way
as:

Acid, + Base, = Acid, + Base,

Aciand Bast;.form a conjugate pair just like Aci<f:tand Base,. Let us consider another case:

1O+NH, NH: + on-

acid  base acid base

| L ugate) |

CON\}Ugate I

In this caSe, }\O is acting as an acid and NH,as a base. Thus,we see that water acts as an acid in
one case and a base in another. Further, a stronger base will snatch away the proton associated
with a weaker base. Thus,water molecule acts as a stlu\ger base than chlorideion to producea
strongeracid (H,.0+)and aweaker base,d-ion.Table14.1givesalist of afew examplesofBronsted
acids and bases.

'Dible14.1Bronsted acids and Ihei:r CXllljug:atebllleS

Acid Base

H,0+ 1\

3o OH-

HCI a-

H?0. HSQ

HSQ; 502-
CH,COOH CH,CO0O"

Nl—lo

NI\ . —




76

Two main advantages of this concept are quite obvious. First, any substance which can accept
aproton is defined as abase and therefore, it does not have to contain hydroxyl ion to be classified
as a base. An obvious example is the above reaction where NH , having no OH- acts a:' a base
towards water. On the other hand, a compound containing a proton can behave like an add only
in the presence of an acceptor. For example, HCI gas cannot behave like an acid unless water is
present to accept the proton. The second advantage is that the acid strength depends on the sol -
vent. Hence,and acid which behaves like a strong acid in water may act as a weak acid in another
solvent depending upon the proton accepting ability of the latter. For example, HC10 ,HBr, HNOy
etc.are all strong acids in water as shown in the following equations:

HNO, + HO - H,0* + NO,”
HCIO, + H,O —» H,0* +ClO;
HBr + HO — H,0* + Br

These reactions indicate that the equilibrium is shifted almost completely to the right side as
their dissociation in water is comp;ete;h nce single arrows have been used. Under these conditions,
therefore, we cannot differentiate as to whdll is stronger <nd w!tich is weaker amongst them. The
reason is obvious, water is a strong base for all thest? <drs. Wa ter reduces the strength of all these
acids to the same level and these are all called strong acids h water. However, the situation will
change if we dissolve all these acids in an<)tit?t <olvent whirh is a weaker base than water, for
instance, formic acid. The order of strength found with this tase is: percholic acid > nitric acid >
hydrobromic acid. At first, the statement scunded ridiculous since we are calling formic acid a
base, but a careful examination will clarify this confusion. There is no doubt that formic acid has a
proton which can be given off to water; therefore it is classIfied as an acid. But, it can also accept a
proton from a stronger acid and can thus hawve like a base towards such a stronger acid, as
shown by the following reaction:

HCOOH +H,SO, = HSO,” + HCOOH,*

Thus, Bronsted definition of acids and bases is much wider than the Arrhenius concept.

Lewis acids and bases

There are a number of reactions which resembleacid-base neutralisation reactions but where protons
are not involved. Obviously, Arrhenius or Bronsted concepts cannot be utilised for such reactions.
Lewis defined acids and bases in a different fashion that has the widest application. According to
Lewis, an acid is an electron pair acceptor and a base is an electron pair donor. Inother words, any
substance which can accept a pair of electrons is an acid and a substance which donates a pair of
electron is a base. Afew examples of Lewis acid-base reactions are:

Br, + NH, BE,NH,
H* + NH,
H* + OH- HO

2

Bronsted b,ses, like OH- or NH  in the above reactions, are also bases because they react with
proton by donating electrons; but Lewis acid is not necessarily Bronsted acid since Bronsted acid
must contain a proton which can be transfew>d to a base whereas Lewis acid does not have such
a condition.

In our discussions, we shall be primarily concerned with aqueous solutions which involve
proton transfer and therefore, for the sake of completeness and the wide application of Lewis
concept, this has been included nere



Exercise 14.1
Explain, with examples, the difference between Lewis and Bronsted acids

Attributes of acids and bases
When the characteristics of substances are known, undoubtedly,we will be cautious in handling
and applying them for our benefits. Now, try to list out three characteristics of a 1you know.

Generally, acids are sour though we do not expect you to taste the laboratory d.ds.Butitis a
"known fact that natural foods containing acidic content are sour in taste.Can youmention some
of the natural sources of these acids? Citrus fruits should be the major ones on your list. We also
know that acid is contained in our stomach.In homes, vinegar, that we use to cleanse food items in
the Kitchen, is also acidic.

Now about bases, with the various description provided earlier on, what are the attributes of
bases? They are bitter and feel slippery. You would recall that the use of some local soaps with
excess base can burn the human skin. You often feel the heat in your palm, meaning excess of base
is dangerous to our skin.

Exercise 14.2

Which of the following statements are correct about addsand bases?

i) The strength of an acid is deterihined by the concentration of the hydroxyl ions.

ii) The smaller the OH-ions the stronger the base.

iii) Ammonia is an example of a base.

iv) Neutralisation reaction between an acid and a base occurs only if an equal number of
hydrogen and hydroxideions are present.

14.5 Condusion

In this unit we have examined the nature of clecttolytes and non-electrolytes. We concluded that
addition of a srrall quantity of electrolyte,e.g.common salt into pure water, makes electric current
to flow easily.1lhe current is carried by these ions in solution.Electrolytes, therefore, are defined
as substances wrJch on dissolution in water conduct electricity.

On the basis of Arrhenius definition of an acid, we saw twe: limitations of this concept,
i) it does not consider the role of the solvent in the proce's;
ii) the are many substanceswhich do not contain hydro, enion or hydroxyl ions and yet they

behave like acids or basesin their reaction.

The Lowry-Bronsted concept of acids and bases, gives a wider definition of acids .md bases. The
concept gave rise to conjugate acids and bases. The Lewio; concept of acids and bases has the
widest application and helps to explainbetter many chemical reactions.

14.6 Summary

At the end of this unit,you have learnt that:

i) strong acids and bases are supposed to dissociate almost completely inwater whereas weak
acidsand bases are not.

ii) we can determine the dissociation constants of acids and bases under equilibrium cond itions
in tenns of concentration.

iii) water isa universal solventand it is atmospheric in nature.

iv) the dissociation of water can be written as:
«C» He+ OH- or 2J\OH 0+ +OH-
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15.1 Introduction

In the unit we shall concern ourselves with the ionisation equilibria of weak acids and bases. In
particular, we shall consider a weak monobasic acid, acetic acid (CNCOOH) and a weak base,
ammonium hydroxide (NH.QH). We shall also study ionisation of polyprotic acids, which are
acids that contain more than one hydrogen atom per molecule. Such acids as phosphoric acid
ionise through several steps.

15.2 Objectives

By the end of this unit, you should be able to:

i) write the equilibrium constant expressions for the dissociation of weak acids, weak bases and
water.

153 lonic equilibria in weak acids and bases

Even in dilute solutions, weak electrolytes are dissociated to a very small ex!ent and are never
completely dissociated. Thus, for weak acids and bases, the ions produced on dissociation are in
equilibrium with the undissociated molecules in soluhon and the law of mass action can be ap-
plied tosuch an equilibrium. The equilibrium const-.mts for the dissociation of acids and bases are
expressed by the symbols Kand 1<V respectively. These equilibrium constants, K.and 1<V are
called dissociation constants of acids and bases.

Weak acids
If HA represents any weak acid, we can write the dissociation reactions as

HA Ht A e, (15.1}

And the corresponding dissociation constant expression as,

_-[HHI[AA]
Ka= 7 i (15.2)
[HA]



If the initial concentration of the acid is C and a s the degree of dissociation, then the equilibrium
concentrations would be:

HA = H'+A

Initial concentration C,

Equilibrium concentration (1- a)C,
oiC,
aC,

Substituting these values in Equation 15.2, we get:

K=(aC yaCll (1-a) C,
Or
K= a7C | 1-@..cooiiiieciieee, (15.3)

Application of Equation 15.3 can be seen from the following examples.

£\ample 15.1 .
At 98 K, a 0.100 M solution of acetic acid is 1.34% ionised. Calculate the ionisation constant of
acetic acid.

Solution

Since a=0.0134,[He] = aC,=0.0134 x0.100 M

=0.00134 M = [CH,COO0];

also [ COOMH] = (1-0.0134}x 0.100 M = 0.09866 M

;. K=[He] [CACOO] | [CH,COOH] = (0.00134)2 1 0.09866
or K.=1.82 x1Q-5

Example 15.2
Calculate the concentration of He ions in asolution of 1.0 M acetic acid at 298 I((K. = 1.8 x 10").

Solution
As per Equation151,we can write,

CHCOOH —» H* + CH,COO

Equilibrium concentration C, (1-a) G a C,a
Initial concentration of acetic acid, G =10M
1. [He]=C,aM
=aM
The value of acan be found by substituting Kand C ;valuesin Equation 15.3;
al
18 x 103 = ——
1-a

Solving for a, we get a value of 4.2 x 10-; the other value, being negative, has no physical
significance.

Hence, [He] in 1M acetic acid= aM

= 4.2 x to-3M

Equation15.3 can be simplified further if the degree of dissociation is very small,

i.e.if a<<1 then K.= a7C,

Multiplying both sides by C, we get,

K.C,= a’C/
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orc, a=.Kac,

or [H] = .JK.C,

Remember that in deriving Equation 15.4, we have made two assumptions. First, that th? degree
of dissociation is much smaller than unity and secondly that water which has been used as a
solvent has no effect on the equilibrium of the acid.

Weak bases
For a weak base, BOH, we can write the equation as,

BOH -+ B+ OH- voeee et e (15.5)

ANA=[B] [OH-] I [BOH] ..vveeeeeeeeeeeeeeaen (15.6)

If C, is the initial concentration of the base and a is the degree of dissociation, then,
=(aC(aC>l (1-a)C ,=a2C l1-a.........(15.7)

Also,[OH-] = aC =VvK.Gif a<<1...... S e (15.8)

Polyprotic acids
Those acids which contain more than one hydrogen atom per molecule and can release proton in
more than onestep are called polyproticacids.Eachionisation step isassociated with an equilibrium -
constant.

Consider the case of phosphoric acid which is a triprotic acid. It is also called a tribasic acid,
implying that each mole of the acid can neutralise three moles of a base.The dissociation reactions
are written as:

HPO, &=

HPO; o H +HPOt... (15.10)

HPO * He +POt ..o (15.11)
4

Each of these steps of dissociation is connected with an equilibrium constant which can be
represented by,

= [H] [HPOI[POJ oo, (15.12)

= [He] [HPOtI I [f'VO,-] e (15.13)
and

= [H][POal HPOW ..., (15.14)

The actual values for the three equilibrium constants have been found tobe=7.5xt0- 3,
= 6.2 x t0-% and= 1.0 x 10"  *2which follows a decreasing order. This is to be expected since an
undissociated molecule, PO ., can lose its proton more easily than the negatively charged HPO,
ion, which in tum, can give off its proton more easily than a double-negatively charged HPO; -
ion. Hence, inasolution of phosphoric acid, the predominant species will be H PO , Heand H,PO,-
with lesser amounts of HPO/" and still less of PO,.

Another common example is O, which dissociates as,

lisQ, -t He+HSO -



= [H*] [HSO,] / [H,SO,] = 1.0 x 10°
HSO" - H*'+ SO‘Z';
K, =[H'][SO}X] / [HSO,] =13 x 102

...A$ a test of the understanding of the above concepts, answer the following exercise.

Exercise 15.1
1. Calculate the concentration of OH-ionsin asolutionof 1.0 MNHpHat298K (= 18x1Q-5).

15.4 Conclusion

So far, we have been able to address the fundamental principles in ionk equilibria. Specifically, we
have defined acids and bases on gllierent basis of operations. Some equilibrium constants
calculations were also performed.

15.5 Summary

Atthe end of this unit, you have learnt that

i) strongacids and bases dissociate :Jmost completely in water whereas weak acids and bases
do not.

ii) we can determine the dissociation constants of acids and bases under equilibrium conditions
in terms of concentration.
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16.1 Introduction

In this unit, we shall apply theequilibrium expression to the solute system where the solute disso-
ciates in water but is not affected otherwise by water. We shall also consider the equilibrium of
water dissociation itself. The ionic product of water will be studied. Next, we shall xamine the
pH scale and its application. Finally, the common-10n effect en a system at equilibrium shall be
studied and his application in the study of buffer solutions shall b2 discussed.

16.2 Objectives

By the enJ of this unit, you should be able to:

i) deline ionic product of water;

ii) write theequilibrium constant expressions for the dissociation of water;

iii) define pH scale;

iv) state the effect of the addition of a substance containing common ion on the dissocia- tion of
acids and bases.

16.3 lonic product of water
Water is the most commonly used solvent and it is atmospheric in character. The dissociation of
water can be represented as,

Hp Ht OH- oo (16.1)
or
2Hp Hp +OH- .o (i6.2)

Although Equations 16.1 and 16.2 are representations of the same equilibrium, the latter is a better
representation in the senst> that a free proton having a high charge density and extremely small
size is incapable of free existence in solution and, therefore, gets attached to a molecule of water.
However, since our calculations on equilibrium constant will not be dtfferent in case of either
representation, for simplicity sake, we represent the water equilibrium by Equation 16.1 and the
equilibrium constant is wntten as,

K= [H-1TOH) 1 [HPJ oo, (163



Inpw.wawli theconcentrationotH,Omoltadell .approximately55.4 Mmmce thedileodatim
of @ is negUgfhJy snl&IJth comparllonwith ils conomtratim\ we can NfelyssubDle that the
concentration of IOatequil.Untum1laconatant quantity. Thus,K{H ,O)in Eqliation (16)can be
rtplaced by a nr.v constant, <..known 1 1 the Wnk product of water.Thus,

Kwe{He) (OHT ..coioiiiiseeii, (16.5)
Bxperlmental determination giveta valueof 1.0x {0-W forkat 298K. Hence,
1.0 Yo [He]

Sincetheamountol Heand OH produced by thediNodationof p:.re water isequal,concentration
of eeQ\ Jonin10lutionis given by,

[He] =(OHJ =1.0x I(tT ... (16.7)
or
[He) =+KW Gnpurewater) .................. (16.8)

In the next section, we thaD diJcuu pH scale which is convenient in expressing the He i6n
concaUTation of tolutiont.Like any equillbrlum constant, K.also depends on temperature.

16.4 pH scale

Before we examine the application of the reactions between adds and bases,we must know how
to uJe the pH tcale. What iJ a pH tcale? A pH ecale iJ a acale that is used in measuring the strength
of an add or base in a tolutlon. Thus,we can say the pH scale is a measure of the strength of an
add (which iJ the hydrogen ion concentration intolution).We are also aware that thiS scale spans
from0 — 14 with the middle number of7,often called pH 7,being the neutral point.

CoNider theequilibrium of water as given in Equation 16.3,

K = [H*] [OH"] / [H,0]

Suppote that we add a small quantity of an add to water, thereby increasing the concentration of
He iON at equillbrfum. The equfllbrlum will immediately shift back to oppose the effect of this
increue by the combination of the added He ions with some OH- ions to form undissociated
water until Equation 16.1iJ satilfied.Once the equilibrium is re-established, the concentration of
the hydrogen ion wtl) be mcne than the concentration of the hydroxyl ion in solution. Hence, at

298K,whenever theconcentration othydrogen ioninwater is greater than 1.0 x10"7 M, the solution
it said to be acidic and whenever it iJ lets than 1.0 x 1<t” M, we refer to it as a basic solution.
INtead of expzeulng tbetesmall concentratiON U negative powers of 10,wecan state them more
conveniently and U a small number by expreNinS them in terms of their negative logarithm.
Hence, instead of writing He ion concentration as 1.0 x 10"7 M we write it as -log (10 x 1()-7) or

timply 7.nUt number it preceded by a symbol pH (small Jetter p, followed by capital letter H).
Thut,

pH =-log [He]
e e (16.9)

or

[He)e101-" oo .(16.10)




g4 M

. where He ion COl'ICelltration is expressed inmol dm. The concept of negative logarithm can be
- used for defining the concentration of other ions also. For example, pOH represents the

concentration of OH- ion insolution and pM represents the concentration of the metal ion, M, in
solution. .

&amplel6.t
Find the concentration of He ions of a solution whose pH valueis 4.5.

Solution

Using the equation,
pH =-log (He)

we gei, 4.5=-log [He)
or log [He] =-4.5

ie,(H] =M

= 1QI-"+l.5)Me. .o c00c ooeo oo ... Step (i)
Z 005X L) LM e Step (ii)
=3.2XIM oo Step (iii)

Pure water, where He ion and OH-bn concentrations are both equal t01.0 x10- (at 298 K),will
thus have a prl value of 7.An acidic sclution means that the pH should be less than 7 and a basic
solution should have pH greater than 7.

Let us do a few simple calculations in order to appreciate quantitatively, what happP!".O to ".he
self-ionisation equilibrium of water whenwe add a smallquantity of a strongadd i:0it.Consider
a solution containing 0.010 mole of HCI in1dm?® of water. The concentration of hydrogen ion due
to HO will be 1.0 x 102 M. This addil:ion of acid will disturb the water equilibrium an.i this
equibbrium will shift to the left sotlu.t dissociation of water is suppressed. Thus, tltoncentration
of He ious produced by the self-ionisation of water
(:107M)1s negligibleincomparison with the He ion produced by the added add (to-M/. Hen-:«!,
ll:lecontributiondue to water dissociationcan be neglected insucha case and the pH of thttsolution
will be 2.The concentration of OH-ion will then be given b

Kw _ 1.0 x 10**

i = 10x 10°M
U X

T.ni;;can be stated different!thatinlo- 2M acid solution,the concentration of OH- ion (10'*2M) in

the above example is less than the concentration of He ion (lo-2 M) and, the product of the two,
whichis always constant, is equal to 1.0.x 1o-4 NUS can be expressed as,

pH+pOH =14 =-log................. PP (16.11)

Thus,inpurewater or a oJlute solution of an acid or a base,wecan express theconcentration of He
or OH- by simply stating the pH of the solution.We havealso studied that the contributiondue to
self-m tixm of water is negligible in cases of solutions of stro:lg acidsand bases as well as of
moderately <:Oncentrated solutiOns of weak acids and weak bas"“S-However, dealing witL very
dilute solutio.ns of wea.kacidsand b2.ses,we cannot neglect the contributionsdue to self-ionisation
equilibrium of water.

Tosum up, while c.U"-ulating [He] of an acid,
i) [He]::::[He] from acid,if [acid] is far greater than 1. M.
ii) (He]=(He¢] &om acid +[He] from water,if [acidl is belween 1()-6 and 10-a M.
iii) 'He] = (He] from water, if [acid} is far less than 1Q-8 M.
Now, practise with the followingexercise whichis based on the concept of pH.



Eurcise ¥-1 I

Calculatethe pH of the followingsolutions:
a) 1.0x10"™ MHO

b) 1.0x 10" MHO

c) 1.0x10"°MN H

16.5 Common-ion effect
Letus 1 d e r thedissociation of a 'Veale acid such as acetic acid,

CHCOOH = H*+CHCOO

The equilibrium constant for the dissociationcan be represented as,

=[He] [CH,CQO-] I [CH,COC>H] .- . .oveevenn......o PB.12)
or
He = K[CH,COOH] | [CACQO-].....coeeuveeeeeen.. (16.13)

Let us consider what happens when we add some acetate ions in the form of solid acetate to
the above solution. Sodium acetate is added in the solid form so as not to cause any change in the
volume of the solution.Sodium acetate being a strong electrolyte willdissociate almost completely
to give Nae ions and CH,CQO- ions in solution. The acetate ions SO added will disturb the
equilibrium of cetic acid. The equilibrium will, therefore, shift to the left producing more of
undissociated acetic acid in order to counteract the effect of added acetate ions accordingto the Le
Chatelier'principle. The net result is that the dissociation of the acid hasbeensuppressed by the
addition of a common ion (acetate ion in the presentcase) at equilibrium.Thus any ion which is
involvedtin a chemical equilibrium and comesfrom two differentsources in solution is known as
common ionand its effect finds great use in the study of buffer solutions and the solubility of sparingly
sluble salts. These two concepts will form the subjects of latter unitsof this course.

One hasis of the abovediscussi9ll, answer the following exe.

Exercise 16.2
Addition of NH,CI to NH,0H resultsin the decrease of OH- ion concentration. Explain.

16.6 Conclusion

So far, we have explained several phenomena including pH scale, ionic product of water and
‘common ion effect’. Some equilibrium constants calculations were also performed.

16.7 Summary

At the end of this unit, you have learnt that

i)+ pH of acid is mathematically expressed as -log [He];

ii) common-ion refers to any ion involved in a chemical equilibrium and comes from
two different sources in solution.

16.8 References
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17.1 Introduction

In Unit 16rwe were concerned with ionic equilibria in adds and baus. We alJo cov-ered the pH
scale and common-ion effect. In this unit, we hall be . I . g the bulfersolution, hydrolysb
and indicator& and their USee.

17.2 Objediv.es

By the end of this unit, you should be able to:
1) explain the memingof buffer soluandtheir applfcatioN;
II) state the meaningof hydrolysiland calc.'Ul*hydrolYJis constant.

17.3 Buffer solutions

In thissection,weshall examinebufferaolutioN. Whatexactly do welefer to u a bufferlub.on?
Asolution that consists of a mixture of a:weak Idd and illult (a conJugate bue) or a weak b
and its salt (a conjugate add) is saidto bea buffer SQlution.

Accuefulexamination of equation16.130f Unit 16 reveall that the hydrogen Jon c:oncentl'alUon
(or the pH of the solution) shall have ®CONtartt valueequal to K,(or pK), tl the COJ\Ct!'\tratiot\5 of
acetateions and the undissodated acetic add become eq\IN toeachother.lnother t.o find how this
condition can be achieved and what are It& uses, Jet U. CONider a 1.0 M CJCetic add tolutton fOf
which K. = 1.8 x t()-6. We can write,

K _£Hl[cH3coo-1
-— [CH3COOH]

or

18x 105=___[H——
(CH3COOH)

Since,[He] =[CH,C()()-]

Assuming that the amount of acetk add dJ.Nodated iJ negligible in comparlton tQ the Initial
concentration of acetic add (1.0 M),wecan write theamu.nttatton 0t uncliNodated acctk acid u,
I.OM.

Therefore[He] = U3 x1()"5x 1.0 Ml

Or



pH =2.38:i.e., the pH of 1.0 M acetic acid is 2.38.

To this solution, if we add enough of solid sodium acetate to make it 1.0 M in acetate ion
concentration, the dissociation of acetic acid will be further suppressed due to the common ion
effect. Thus, the concentration of acetateion arising from the dissociation of acetic acid is negligi-
ble in comparisonwith that supplied by sodium acetate. Hence, we can assume the concentration
of acetate ion in solution to be 1.0 M.Similarly, if the dissociation of acetic acid is also negligible,
the concentration of the undissociated acetic acid, [CI\COOH},can be taken as1.0 M.Substitut-
ing these valuesin Equation 16.12 of Unit 16, we get,

18 X165 = (H1(1.0) =(H-)
(1.0)

or pH= 4.74; t.e.,a solution which has 1.0 M acetic acid and 1.0 M sodium acetate has a pH of 4.74.
Such a solution of a weak base and its salt is known as a buffer solution and it has an advantage of
maintaining the pH of the solution almost constant even if small quantities of strong acids or
bases are added to it. Let us see how a buffer solution does this.

Assume that to the solution of acetic acid and sodium acetate above,known as acetate buffer,
we add hydrochloricacid such that iconcentration in the solutionbecomes0.01M.As a result of
this, 0.01M He ions will react with 0.01M acetate ions to form 0.01M undissociated acetic acid.
Thus,theconcentration of the undissociated acetic willincrease from 1.0Mto1.01M.Theconcen-
tration of acetate ion will correspondingly decrease by 0.01Mand its concentrationat equilibrium
willbe (1.0M-0.01M) = 0.99 M.Substituting these valuesin Equation 16.13 of Unit 16, we get

1.8 x 10° x 1.01

=== ~~

=1.83x 10°

Therefore,pH= 4.74;hence,we find that by the addition of 0.01MHO, there is no change in the
pH of the solution.

If the same amount of HCI is added to water,the pH of the solutionchanges from 7 to 2. Thus,
for any weak acid, HA, in presence of its salt, say NaA, the following equation can be written:

HA He+A-
NaA Nae +A-
We can therefore write,
K [H+][A-]
a [HA]
or [HA+] = Ka [HA]
[A]

The concentration of A-is mainly due to the dissociation of the salt and negligible due to the
dissociation of the add. Similarly, the concentration of the undissociated acid is the same as the
original concentration, since the amount dissociated is negligible.

Hence, we can write, [A-]= [salt] and [HA] =[acid]

+ [acid]
or[H ]=Ka — — .. (A7)
[salt]
In the case of a buffer of a weak base and its salt, we can write that,
- b
OH =kp 28l (17.2)
[ alt]
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For an effective buffer, the ratio of the concentration of the acid (or base) to the concentration of

Equations 17.3 and 17.4.

the salt should be between
acid

Case (i) : [— _]:116
[salt]

Using Equation 17.1, [H1=K.

, and . Substituting, these values in Equation 17.1, we get

1

Taking logarithm, log [He] =log K.+log 1/10

=logK. -1
or -log[H¢] =-log K+ 1
i.e.,pH =pK+ 1
[acid]
Case (U) : — —=10
[salt]

Again using Equation 17.1,[He] = K.10
Following the steps shown in case (i) we get,

Thus, pH is held within a range of unity on either side of pKa.

Buffers play an important role in nature. For example, blood contain CO/H CO,buffer that
maintains the pH at 7.4; in the absence of a buffe, the suddenchanges in the pH of blood or other
cell fluids could cause severe damage to the system. Another example is that the oceans are
maintained at about pH =8.4 by a complex buffering action involving silicates and bicarbonates.
Inthe absence of buffering action, sea-life could be severely affected.

In industrial processes like electroplating, paper manufacturing, alcohol brewing, leather
tanning, etc.,most of the chemical reactions are pH controlled. Applications of buffers in analytical
chemistry are innumerable.

Exercise 17.1
Asolution is prepared by adding 2.05 x 10-3 kg anhydrous sodium acetate to 0.10 dm? of 0.10 M
HCl solution. What is the pH of the solution?

17.4 Hydrolysis

So far we have considered two equilibria —  one, of the dissociation of weak acids and bases and
the other one,of the self-ionisation of water-and made an assumption that the water equilibrium
does not influence the acid-base equilibria since the dissociation of water is negligible. We now
treat a situation where water equilibria play an important role. The process in which water acts
not as a solvent but reacts with the solute is known as hydrolysis.

Suppose we dissolve sodium acetate in water, this being a strong electrolyte, would dissociate
completely providing Nae ions and CH.CQO- ions in solution.

CHCOONa = CH,COO +Na’

Acetate ions so produced react immediately with water giving undissociated acetic acid and
hydroxyl ions according to the equation,

CH_CQO- + 2 CHCOOH +OH:.ooooiiean (17.5)



Since there are free OH- ions in the solution, it becomes basic. The question arises as to 'what
happenS to the Nae ions in solution. The answer is that they do not react with water.Let us see
why this is so. For the sake of argument, let us imagine that Nae ions also react with water in the
same fashion as acetate ion. Accordingly we can write,

Nae + }H\O NaOH + He
However, NaOH so produced, will dissociate alnost comnletely giving OH- ions.
NaOH = Na*+OH"-

The OH-and Heionswould be equal in amount and these two will produfe undissociated water.
Inother words, Nae ions will not affect the water equilibrium.

Salts like sodium acetate can be thought of as a product of the reaction between a weak acid,
CH_COOH,and astrong base, NaOH.Thus, our conclusion would be that the salts of a weak acid
and astrong base, when dissolved in water, will produce a basic solution.

Let us consider the case of a salt of a weak base and a strong acid like NH,CI.Similar to the
previous example, in this case only NHhydrolyses as

1. NH," +H,0 NH,OH + H*

which produces a weak base and excess of hydrogen ions in solution, thus rendering the solution
acidic. Hence, we can say that the salt of a weak base and a strong acid will produce an acidic
solution.In case of salts of a weak acid and a weak base, it is not possible to predict qualitatively
whether the solution will be acidic or basic. Consider a salt like ammonium acetate, C COONH.,
where both the cation and anion can hydrolyse accordmg to the equations:

NH,*+ HO NH,OH + H*
or
CCO?”+Hp po C COOH+0H-

Hydroiysis of one ion gives hydrogen ions, whereas that of the other ion gives hydroxyl ions in
solution. Therefore, the pH of the solution will depend on the extent of the hydrolysis of the two
ions. If NH ¢ hydrolyses to a greater extent than CH COO- ion, the solution will be acidic and, if
the reverse\S true, then the solution will be basic. If the extent of hydrolysis is exactly equal, then
the solution should be neutral as if no hydrolysis is taking place.

The extent of hydrolysis is given by theequilibrium constant of the hydrolysis reaction, which
is known as hydrolysis constant.Let us consider the equilibrium represented by Equation 17.5.

C Coo-+3}\0 CH LOO0H +0H-

K = [CH3COOH] [OHI
(CH3coo0-]1H20J

Since the concentration of water remains constant, we can write,
CH3COOH] [OH.I
[CH3COO]

wherds known as the hydrolysis constant.
We can find another expression forusing the following equilibria.

Kh = K(H20J=

+ . [H+] [CH3COO.l
CH3COOH pH +CH3COO; Ka= " "~ .. (17.7)
(CH3COOH]
and Hp > He+OH-Kw=[He}[OH} ..o, (17.8)
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Prom Equations 17.7.7.8 we get,

Kw [CH3COOH]  [OHI[CH3COOH)
Ka:£\]f\][OHIx[H:I[CHSCOOI: [CH3COOl .o (179)

Comparing Equations 17.6 and 17.9 we can write,

CH3COOH] [OHI _Kw
kn=l I e iaz e e (17.10}

[O13COO0I Xa
Similarly for the hydrolysisof an ion like NH,- which produces a weak base, we can write,
Kh = (17.11)
b
- Also, it i8 possibie toshow that f.&hj"d."C!jels of a salt of a weak add a.rtd weak bai;e,
kKh= K (17.12)
KaKb

Thus,wenotice that the hy$lrolysisconstant is directly related to Korof the weak acid or weak
base produced.

Let us now findout therelationship between thehydrolysis constant and thedegree of hydrolysis
for- the reaction given by Equation 17S .Suppose the concentration of soctium acetate is G and its
degree of hydrolysis is a. The equiabnwn concentrationof OH- and CH COOH willeach be C a
and that of CH, will be (1-a) C

CH,COOQO" + }\OCH,COOli + OH- '
quilipriu_m concentration _ (1-a)C, ca C,a
Substituting these values inEquation 15.3,we get,
}()\ - (C a) (Cgpa) - Coé
(1-a)C, (1-a)
If the degree of hydrolysis is small incomparison to unity,we can write,

. (17.19)

c C a2 ..... . .. - ecesce secscces (1714)
or Cy |< = (G, a)2
orCoa -K.C,

Or [OH-) =+ co

Or[OHIiIS—Co smceKhl%v—v..........:.......,....... (17.16)
Hence, a a

Kw
[H1=[W = KuCo  [RaKwl e (17.17)

Taking logarithms and multiplyin& by -1,we get

Or-log[Hj=-ilog [Kakw]

1 KakKw 1
(Since i Jog——— 2log Ka+ 2log Kw- 2IogCoI
Co-

©.-log[H)=- |L0g1<a- | K-llogCo
Or pH="2 P\] d+ ﬂ pf<w +§IogCo ....................... (17.18)



Ext mple 17.1

In0.10 M solution of sodium acetate, calculate

i <,

I?) The deg:e€ of hydrolysis (z)

i) [Oh

iv) fl-1 1t?08 I<.

At 298 K, Kw 1.0x 10-“and K.for acetic.xiu Ax1

Solution K W
i) Using equation, K 56 x 10-*°
0

ii) Using the equatiol, a ... -,
= .156<10° Y,
5/(10-
ill) 'Uetrtg theequation,[OH-1 = .5 C,
1.5.6X 1910
I M
10t

Sh n
given by

pH= 21pKw —prb —i‘log Co

17.5 Indicators

Inthis section, we will describe indicator.What exactly is an indicator? You use this often to identify
thepH of the solution. An indicator is often referred to as a compound that changes colour as the
pH of the solution changeS. Mostly the major sources of indicators are organic dyes. There are
several e ples you must have seen before now, they include methyl red,phenolphthalein and
methyl otange.

"There are a number of organic substances (dyes) for which the colour depends on the
cOncentration of hydrogen ion insolution. To put insimply,the pH of the solutlon governs the
colour of the dye. For example, pHenolphthalein is an organic component and it shows a pink
‘colour in basic medlUD\ but becomes colourless in acidic medium. Such substances are either
weak adds or weak bases and when dialolved in water, their d___issociated form acquires a
colour
diffeftnt from that of the undiiiOdated form. If the concentration of the undissociated form is
mcft tN solutionwe aee onecolour; on the other hand,if the concentration of the d.iMociated form
ismcft,wesee anothftcolour. Thecont."efttratiol\ © Fdileociated or undW_ndated form depends

q ot
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on lhe pH of the sulut.uJe further tlte d1ssOl o.hh.In ot thL mdZlut Jr 1" .;;mall thelt 1t does not .ltlt's
the pH of the solution. The equiTibnum of an mdicator, whlch is a weak aCid can be reprcsentc]
by,

Hin He +INn-...oooiiiiine. (17.19%
Colour 1 Colour 11

Where HIn b U\e undis5ociated form of the i.tlaKalorand In-Is tndissociated form. These two
forms have different colo.1trS 1 and 1J, rt>Spectively. The pH 0J the sohl:ion detenmnes the ratio of
1%:-ln] to (In-J inthe t10lution. We can write the ¢(filllibrium constMt expression for the rt>action
corresponding to (17.19\ as,

(H+T[In. }

[HIN]
or (HIn] (H+I
(In) K

B oo (17.20)

The human eye can detect the change in colou r if the ratio of the two forms of indicator ranges
between O.1to 10.Thus, in order to use the indicator effectivdy in this region,weshould have a
Bolution foe witichHe ioo concentnti('nis v ry near toK Vlluc of the indicatar.It is for this reason
that we use diffe nt iQdJcato(S for different systems. The list of som.? common indicators and the
pH ranges in which these are u fuiare gi\t'nm Table17.1.

Table 3.1 pH range of mdicators

Indicator Acid Alkaline pH range
Litmus Red Blue 50-8.0
Phenolphthalein Colourless Pink 8.3-10.0
Methyl orange Red Yellow 2.1--4.4
Methyl red Red Yellow 42-6.3
Bromothymol blue Yellow Blue 60-7.6

The maximum use of indicators is found in the titration5 of acidsand bases in analytical chemistry.

176 Conclusion
""" this unit, we have defined what buffer solutions are and explained their roles in maintaining
the pH of a solution.

Similarly, wettave described the concept Of hydrolysis and the selection of indicators.

17.7 Summary

At the end of this unit, you have learnt that:

i) Some salts of strong acid and weak base, weak acid and strong base or weak acid and weak
base undergo hydrolysis.

ii) Asolution containinga weak acid (or a weak base) and its salt is defined as a buffer solution.

iii) The effect of conunoo ion in the form of a salt affects the dissociation equilibrium of weak
acids (or weak base) so that the pH of the solution remains constant.



v) The pH of the hydrolysed solution depends on tl «dissociation constants kKnd

v) Indicators are weak acids or bases th.1t t.xhlbJt difierent colours in dissociated and
undissociated forms.

vi) Since different indicators change thetr colours in different pi iregions, Ihe use of a particular
mdicator for a tttr , 1 s!-LdGt!ld by the.ange of pH change ncar thP egmvalence point.

17.8 Tutor-marked assignment

Calculate the conce tion r.C1 CCOOH,CI 3CIOO- and H-ina0.25 M solution of
trichloroacetic aciu
(K, for CI.CCOOH ,.,0.22)
Hint- Note that K.isnot much low.
2 Calct. Idtethe molarity of HCN solution that is 0.010% ionised at equilibrium.
1 ( HCN =6.0 x I<r"1§
. Pote that K .is very much low.
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Unit 18: Solubility and solubility product.
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18.1, Introduction
In this unit we shall be discussing solubility and solubility products for different salts. comrnoP-
ion effect and llte solubility of sparingly soluble 1ts.

182 Objectives

By the end of this unit, you should be able to:

i) find the relationship between solubility and solubility product for different salts, and
ia) state its application in precipitation reactions.

18.3 Solubility

Inunit 10, we studied solubility and saturated solutions. We used somefamiliar words then namely
soluble, slightly soluble and insoluble. These we used to describe the decreasing tendencies of
solutes to dissolve in a particular solvent at a given temperature. You would recall that we men-
tioned gas solution, liquid solution and solid solution. Earlier too, we concluded that one of the
most useful applications,of chemical equilibria studies is on sparingly or slightly solublesalts like
AgCl, CaF,, AS:t COv and BaCrQ, etc. We shall first derive a relationship between solubility oJ a
salt and a quantity called solubility product. Then we shall study the applications of this relation-
ship to different systems. Let us consider a salt with a general formula A. Bt where X andy are the
number of moles of ions A and B present in one mole of the salt respectively.
e.g.i) for AgCl,x=1,y=1

i) for AS:t Cr0, x=2,y=1

iiiy forCaF2' x=1,y=2

Ina saturated solution, there wiU be equilibrium between the sparingly solublesolid A. B and
its ions A and B in solution. For the sake of simplicity, we are omitting letters such as s, aq, JC, in
aU suchequib"bria.

AB "XA +yB ....(18.1)
For the present moment; weshall neglect countingyo chargeson the cation Aand x-chargeson the
anion B.

18.4 Solubility product

1beequilibrium constant for the reaction given in Equation (18.1)can be written as.

Ke 1Ati8lY
(A=B,J



..{A"B) repreSents the concentration of the solid A.B.; this quantity is cmstant.Hence,wecan intro-
duce a new constant K in place of K[AzB ], which s known as solulnZlity product constant or simply
solubility product. ThusEquation (1i.2). ko e written as.

Kp =0z BY (18.3)

Expressed in words, Equation (18.3) says that lu.. solubility product of a saturated solution of a
salt isequal to the product of the concentration of ions raised tosuitable powers.LetS mol *be
the solubility of the salt. Then the corresponding concentrations of cation and anion are «<—> N
dm-3and yS mol dm-3, respectively. SuF>s'tituting these values of concentration in Equation 18.3'we
get,

Kop = (xS)z(yS)Y

OrK =Xe.YY.SZy ... (18.4)
Let us apply equation (18.4) to the sparingly soluble salts such as AgCI,CaF,and A CO,-
Incaseof AgCIl, x=1,y=1
Hence, Eq. (18.4) gives ... (18.5)
K =9

Let us examine an alternative method also.

The equilibria between solid AgCl and its ions can be represented as
AgCI Ag ClI- ...... (18.6)
For this reaction,

<= gdlen

[AgCl]
Or K[AgCI] = [Ag+}[CI-]
Or Ktp = [Ag+}[CI-] ... (18.7)

If the solubility of AgCl isS mol dm-3, then the concentration of Age and CI- ions in solution will
each be equal to S mol dm-3. Substitution in Equation (18.7) gives

K =232=9.

Example 18.1
At 298 K, the solubility of silver chlorideis 1.37 x 10-s M. Calculate its solubility product.

Solution

Using Equation (18.5), K™ =9 =(1.37 x10-5)* =1.88 x 10-1°

Incase of CaF2 X =1,y = 2;substituting these values in Equation (18.4) we get,
K =1.2.9(+2

tp
K =45 (18.8)

Just like the previous case, the alternative method would be to write the equilibrium between
solid CaF,and its ions as:
CaF, JCo+or (18.9)

And for this reaction Ksp :(ail+)(F't

(CaFz)
or K., (Cary=( +)(F'f
or K., = (Ca®+J(Ff ... (18.10)
2 =S(25)2

1 os
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I§=49
If>
As yet another example, let us consider the equilibrium

. + -
Ag2C 2Ag" + COf

Where, K™ = [Age)[[CCY-;
US is the solubility of Ag,_COthen [Ag+] =2Sand [CCY-;1=S.
Substituting the proper values,once again we g t,

K.,=4Sl .tlon

We canget the same result by substituting, X=2and y=2in {18.4)
Finally, let us consider the brium:

Fe,?, 2feS++3&-

Wherex = 2and y =3,ifSis t.lesolubility of FE.fI, then

Kea21.3,.SW :

K.=4x27xs'

K, = 1085

Eurcise18.1
At 2981<, the &Qlubility product of Bi(0!-1:), ;:; 4.(1X 1(}"3\, calculate its solubility.

18.5 Common-ton effect and the solubiiity of a sparingly soluble

salt

We have already seen that the solubility of AgCl in pure water is1.37 x to-' M and its K™ is 1.88 x
lo-o Let us now proceed to find out what will happen to the solubility of AgCI ifitis dissolved in
a solution containing Ag+ ions. A qualitative answer to this question can be easily found on the
basis of Le Chatelier principle. When the concentration of Ag+ ion is increased, the equilibrium
described by Eq 18.6 will shift towards the left forming more of solid AgCl in order to oppose the
effect of the increase in concentration of Age ion.Thus, there will be a decrease in the solubility of.
AgCIl in presence of a common ion such as Ag+ as compared to that in pure water. Let us arrive at
expressions useful in calculating the solubility of salts in the presence of common ions.

Solubility of silver chloride in the presence of silver nitrate

Assume that silver chloride is dissolved in a solution containing C mol dm-2of AgNO;. In the
solution then, there will beAg+, CI- and NO, - ions present. The CI ions in solution are provided
by the dissolution of AgCI in water only. However, there are two sources for the presence of Ag+
ions in solution, one is from the dissolution of AgCI and the other from NO,-. A solution of C
molar concentration of AgNO, will provideC mol dm:3of Ag+ions in one solution. Assuming this
contribution to be much larger in comparison with Ag+ ion concentration due to dissolved AgCl,
we can write,

[Ag+]=C.
Substituting this valuein Eq. (18.7}, we get
K" =C[CI-]

1.88 x 10-10
[Ctl—= _C_ — (18.11)

The chloride ion concentration must be equal to the number of moles of AgCl dissolved in 1 dm3
of solution (or equal to its solubility). Hence,

1.88 x 10-10
5= S e (18.12)



wmpktB.2
Find the solubility of AgClin 1 M AgNO,solutionand compare '\l\ith its solubility in water.

Solutitm

Jibe solubility of AgCI(s)in presence of 1M AgNO, is1.88x {0-1°M.You cansee that, as compared
"to the solubility of AgCl in water (1.37 X 10"6 M), its solubility in presence of 1M AgNO, is |0S
times less.

Example 18.3
Find the solubility of CaF,in
i) water ii)010M NaF " iii) 0.10 M Ca(NOJ, (K..,=4.0x10-n)

Solution

i) Letus assume that the solubility of CaF ,in water isS. Since 1moleCaF can give 1moleof Ca’-
ion and moles of p- ion in solution, we can write.the concentrations of Ca 2- and p- ions as
follows:
[Cati=Sand[F-) =22

H ce,
=[eariFr
40 x10“=Ss (25)2 =453

.S (10 x 101y % (10 x 10 22)3 2.2 x 10* M (approximated to two places)
Hence the solubility of CaF, in pure water is 2.2 x 10"4 M.
i) INn0;10 M NaF 3

Inthe presence of NaF, the solubility o= [Ca 21= IF|
Total [F-)= [F-) from CaF,+[F-) from NaF.

Since [F-) from NaFis much larger than [F-)upplied by CaFz the total fi orideion concentration
-is equal to the NaF concentration which is 0.10 M.Substituting the proper values we get,

4.0 x to-u
[Ca2 - 2 Z40x 10°M
(0.10)
Hence,solubility of CaF ,in 0.10 M NaF is 4.0 x 10" M.

iii) In0.10M Ca(NO0,)2
First we have to find [F-)

[|:||-—E LorlFl..-=: L
(Cal+] [Cal+]
Substituting the given values,we get,
4.0 x to-t?
IFI= 0.0
Z2.0x to° M

Since each mole of CaF, produces 2 moles ofF" ion insolution, the solubility of CaF, willbeequal
to onehalf the concentratlon of the fluoride ioninsolution or 1.0 X t()-5 M.

When dealing with problems of this nature, two important pou\"ts mustbe remembered. First,
if the solubility of asalt like CaF,isgivassS, then the concentrationof Ca  %ions would be S, but
the concentration of fluorideionswould be 25.This isso because each mole of CaF2 which goesin
solution,gives 1 mole of Cre and 2 moles of fluoride ions.Thesecond point,whichis a source of
common confusion an4whete error can arise,isinwritingthe concentration of one ion in terms of

1 97.



9s

the concen?ation of the other. For example, the g:>ncentration of fluoride ion in a saturated solu-

tion of CaF, can be expressed as,

[F)=2(Ca-1

but not,[Ca%]-= 2[F-]

No doubt when 1mole of CaF, goes into solution, it will yield 1 mole of Ca?ions and 2 moles of

fluoride ions, but to the equivalence,we m==t write,

2 X (number of moles of Ca?-) = [P"]

Now that we have seen how the presence of a com.mcn : --- affects the equilibrium of a spar-
ingly soluble salt, we can now arrive at the following ccmcliUns regarding.the solubility of a
spariny solble salt.

i) In asaturated solution K.., = ionic product.

ii) When the product of the concentration of ions raised to suitable powers (i.e. the ionic prod-
uct) is less than the solubility prodt ctvalue, the concentration of the ions can be increased by
dissolving more of the salt. Hence, for an unsaturated solution

K..,>ionic product

iii) When the concentration of eiG,er iun in solution is increased by the addition of a soluble salt
containing a common ion, the tonic prodelct increases. Hence, the equilibrium of the spar-
ingly soluble salt is shifted such that it is precipi ted.In other words, precipitation will occur
when ionic product > KIP
Let us see the applications of these generJlisations with the help of a few examples.

Example 18.4
Show that it is impossible to prepare a solution of chromium hydroxide, Cr(OH)y having 0.1 M
concentration of Crl+ions at pH=7; KIP for Cr(OH), = 6.3 x 10-*

Solution
When the ionic productof Cr(OH), isequal to its solubility product, the solution will be saturated.
This will indicate the state of maximum concentration of Crle ions in solution.
Thus in a saturated solution,
Solubility product=ionic product= [Crl+][OH-p
Substituting the given values we get,
6:rx 1031 = [Crl+J(t.0 X 10-')

+ 63 x 10t
Therefore, cr3=
[ ! 1.0 x 1021

(since at neutral pH, [OH-] =1.0 x 10-; M)

Hence,at pH=7, the maximum concentration of Crl+ions insolution would be 6.3 x 10-* M and it
is impossible to prepare a solution having 0.1 M concentration of Crl+ions at this pH.

An important fact that emerges from this example is that the precipitation or solubility of a
hydroxide compound is directly related to the OH- ion concentration or pH of the solution.This is
not only true for the solubility of metallic hydroxides, as in the above example, but also for many
other cases where OH- ion is produced due to hydrolysis. For instance, consider the equilibrium
of CaF, once again, the Kop for CaF, is 40 x to-n and the solubility is 2.2 x 10-4M.The fluoride ions
present in the solution through the dissolution of CaF,could further react with water, though to a

small extent, according to the equation.
P"+Hp > IF-tOH-
If some Heions in the form of an acid are added to the above solution,they will react with the free
OH-ions and the equilibrium will shift to the right. This will reduce the concentration ofF-ions in
solution; and more of CpF,will dissolve.

Many a times, two or more ions are separated from a mixture by means of a technique called
selective precipitation- As an example, let us assume that from a solution containing Age, Nil> and
Cu?-ions,Age ions are to be separated from the other two. This can be achieved by the add ition of



a substance which will produce a silver salt whose Ksp is very low. Thus, the addition of a calcu-
lated amount of chloride ion will cause the ionic product of the sparingly soluble AgCl exceed its
Ksp value; hence AgCl is precipitated. Under this condition, NiC1, and CuCremain in solutioo
since their K values are larger than their ionic product values. The precipitated AgCI can be
separated byhltration.

In qualitative analysis of salts, a number of metal ions are precipitated as sulphides using
hydrogen sulphide. However, some of these ions are precipitated in acidic medium and some
others in basic medium. The overall dissociation reaction of H?can be represented as
H;) 2He+S2
The equilibrium constant for this section is 1.3 x 10#! and the concentration of H.;;in a saturated
solution is 0.1 M.Substituting these values in the equilibrium constant expression, we get,

1.3 x 10-21=[H12 [521
0.1
g 13 102
or -|=
[5 [H

Thus the sulphide ion concentration can be controlled by the adjustment of the pH of thesolution.
The r .clallic sulphides, which have low Ksp valuPs, can be pre<ipicated with rather small concen-
trations of su,lphide ions in solution. This is achieved if the solution is acidic. The metallic sul-
phid(5, which have ‘'gher Ksp values, need higher concePtration of sulphide ions for their pre-
cipitation and a high..r pH (p!->7) of he E<!'lution is to be maintained.
A a.texample,let us....onsider a solution of pH= 3, which contain 0.010 M lach of Mn 2-and

Cue ions at pH= 3. Let us pass H,5 thr;)ugh tbs solutian such that. [H,5] = 0.1 M. At this pH, the
concentraon of sulphide ion would be,

1.3 x 10%

(51575

=13 x 10-'® (s.nce [H+1=1.3 x 10-"\tl at DIi. =3)

And therefore
[Cu?][52-]= (2 0 x JC?)(1.3x 10-15)

13 x10:s
The K'P for CuS = 6.3 x 10*% :.ince, we find that lhe ioilic prOCJucl (LP.) > K..,, Cu; will precipitate
from the solulicn. However, K, for MnS is 3 x 1o-n which is much greater than ts J.P. (1.3 x 10-is
M), t:e ce M.-t.Sremair..s in solu ion, t- en by increasing the concePtration of lo..Ip'ide ion to a limit
sudl that MnS also predpitates JUt. it is Ihis cnmhnc.d use of thf' .~ ‘ectiV{ prec . tation techr>.iquf
and proper control of pH which are the gUJding pril;ciplesin Iht- tlu:il'tative ai. ly5i<> of salt.

Exercise 18.2
The solubility , loduct of magnesium hydroxide, Mg(OH), i1s 1.8 >.lo- *.\"'hat «s the pH of a satu-
raied 5V!ltie ,n of Mr 'OH)/

18.6 Conclusion

Inthis unit, we have exa ined the concepts of solubility, solubility products, common-ion effP.Ct
the solubility of sparingly soluble salts as well as the precipitation of S!llts.

18.7 Summary
At the end of this unit, you have learnt that:

i) Incaseofasparinglysoluble salt, the product of the concentration of ions in a saturated:.o;ution
raised -totheir appropriate powersis known as the solubility product.
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ii) 1be wider differences in the solubility product values of different salts are made use of in
analytical chemistry for their separation.
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Unit 19: Faraday's laws of electrolysis
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19.1 Introduction

We have already seen in Units 15 and 16 that an electrolyte on dissolution in water dissociates to
give positive and nogative ions which may carry single or multiple charges. For example, when
sodium chloride isdissolved in water, the sodium ions,Nae,and chloride ions,Cl-are formed and
get dispersed throughout the solution homogeneously.Doyou know that these ions are responsi-
ble for the passage of current through sodium chloride solution. In order to find the amount of
current carried by these ions and the charges brought about by the passage of current through a
solution, we should learn more about the nature and properties of the solvent. For instance, de-
pending on the nature of the solvent, there are many kinds of interactions possible in an electro-
Iytic solution. Two of these are ion-dipole and ion-ion interactions. We shall study a few possible

interactions which influence the passage of current through agqueous solution, since water is a
common used solvent.

19.2 Objectives

By the end of this unit, you should be able to:
i) describe the nature of ions in solution;

ii) list the possibLlInteractions among the ions;
iii) state Faraday's laws of electrolysis.

19.3 Interactions in solutions

Now,there is no doubt that water is Ule most commonly used solvent. Th:s has made 1 s to confine
ourselves to reactions in water. You would recall the structure of water as explained in previous
inorganic and physical chemistry courses you had taken in this prcgramme.

Based on a numi:>t!r of physico-chemical studies, the water molecde may be represented as
shown in Fig.19.1

104.5°

H6+ H(S"'

Fig.19.1 Structure of a water mofecule
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Itis a bent molecule with H-O-H bond angle being approximately 1045°.1tshows polar char-
acter due toa large differencein the electronegativities of oxygen and hydrogenatoms.It th'JS has
a permanent dipole moment. We should, therefore, expect water molecules to interact witn each
other. Thiskind of interaction belween permanent dipolesis called dipole-dipole interaction.”.>ue to
interaction, there is a net force of attraction between the molecule. In addition, there will be
hydrogen bonds present between oxy en atom of one moleculeand hydrogen atom of other mol-
ecules. When a salt is dissolved in wattl", it will produceions in solution. As a result, there will be
additional interactions between ions and water as well as between the ions themselves. We shall
now consider such interactionsin detail.

lon-solvent interaction

An ion m solution will create an electrical field around it and solvent molecules with dipole mo-
ment will strongly interact with the field due to the ion. The water molecules will thus orient

themselves in such a way that the dipo‘s lie along the field direction in order to minimise the
energy of the system. The negative«ll of the water dipoie will point towards the cation and the
reverse will be true for the anion. Thus, each ion will be surrounded by a number of water mol-

ecules. Of course, generally, this number will depend on the size and charge of the ion and the

nature of the solvent molecules. These ions are t. ef cal.ied solvated ions,in case of water, they are

known as hydrated ions. Theion-solvent interaction is stLon"enough to hold a certain fixed number

of solvent molecules (called coordination number) :tround 1 uticularit.'1. But we need to note that
the interaction is not so strong to always produce differentc'.emical species in solution.

What happens when the interaction is strong? Whenever the interaction is strong enough to
give different product, we define it as sovolysis and in case of water, it is called hydrolysis.Solvent
molecules, so held by the central ions are known toform the first solvation shell. The first hydra-
tion shell for most of the cations usually containseither four or six moleculesof water. For exam-
ple,Cor NFe is presentas (Cr (Hp)Jor (Ni(H  0)/=in aqueoussolution.The solventstructure
far away from the ion differs a little from the bulk structure of the solvent. In between these two
extremeS',there is a region of solvent structure where solvent moleculesare under the influence of
two forces, one from the ions present in the solutionand the other due to intermole<Ji}ar forces of
the solvent. The solvent moleculesin this region are consequently oriented randomly.Tosum up,
we can say that an electrolyte on dissolution in a solvent producessolvated ions. There isan inner
or a primary solventshell in which the solvent moleculesare bound through the strong ion-dipole
interaction. There is an outer or secondary solvent are bound through the strong ion-dipole inter-
action. There is an outer or secondary solvent layer where molecules are not aligned in any par-
ticular fashion either by the field of the ion or by the forces that act in bulk solvent. The solvation
number of an ion is defined as the mean number of solvent molecules in the primary solvation
shell.

lon-ion interaction

Any two ions present in a solution will interact with each other. You must be familiar with a
scientific fact that says like charges will repel each other whereas unlike chargeswill attract each
other. The electrostatic forces between any two ions is governed by the Coulomb's law. Thus, a
sodium ion in a solution of sodium chloride will be repelled by other sodium ions in its vicinity
but it will be attracted by chloride ions. However in solution,a well-ordered structure as found in
the solids, where each ion is surrounded by a definite number of oppositely charged species at a
fixed distance, is not possible. In solut.ons, the thermal motion will not leave the ions at fixed
positions. The net result is that at any given moment,on an average, there will be an atmosphere
0i excess negative ions around each p itive ion and reverse will be true for the negative ion as
shown in Fig. 19.2.
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Fig-19.2 Atmosphere of oppositely charged ions around each cation and anion

The measure of an electrostatic interaction is given by a tern called, ionic strength, I, J"he ionic
strength depends on the concentration of the ions present and the charge carried by the ions.It is
given by the expression,

|=-12Li|||jz§ U L i

where m_ is the molal concentration of ion'i" in solution and Z, is the charge associated with the
same ion.In the case of a dilute s lution (of density,d),its molarity (c ) isrelated toits molality (m,>
as in Equation 19.2.

ckmd . 19.2
Substituting the value of Equation 19.2 into Equation 19.1we get.

I=3d Y " 193

Equation 19.3 indicates that the electrostatic interaction between any two ions in solution is
directly proportional to the concentration of the solution. This hasbeen experimentally verified in
terms of a quantity called ion-Qtmosphere radius. It is defined as Ute effective radius at which the
atmosphere of opposite charges is situated around dllion. The radii of ion-atmosphere around
sodium ion in 1.0 x 102 M, 1.0 x 10"4 M and 1.0 x 1Q-6 M sodium chloride solutions have been
calculated to be in the ratio of 1:10:100.Thus, we see that ion-atmosphere radius increases with
dilution.Hence, it can be concluded that at very low concentrations or at infinite dilution, an ion
would be free from inter-ionic interactions. The concepts developed so far form the basis for the
theory of ionic solutions as given by Debye and Huckel. However, our immediate concern here is
to study the effects of passage of current through an electrolyte solution but not the theory of
electrolytic conductance, Next section is devoted to one these studies.

19.4 Faraday's laws of electrolysis

Now to the concept of electrolysis. We have learnt about electrolysis before. Is it a process or a
product? How can you define electrolysis? Your answer should be as exact as the definition given
in the next statement. A process in which a chemical change is brought about by the passage of
electric current through a solution is called electrolysis. The apparatus in which electrolysis is
carried out is known as an electrolytic cell. Now, can you consider a solution of an electrolyte into
which two metal plates are dipped. What do we call these two plates? The metal plates do not
chemically react with the solution. On connecting the plates to the two terminals of a battery, a
current starts flowing through the solution due to movement of ions in solution. The negatively
charged Rlate is called cathode and the positively charged plate is called anode. The ions which
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move towards cathode and aAOde dl€ known ast tionsand anions respectively. The combined
name for thetwo platesiselectrodts.As the ioM reach the two electrodes,a chemical reaction takes
place at each electrode;oxidlltionatthe anodeand reductionat the cathode, Suppose that anelectric
current is passed through a solution of copper (ll) tetraoxosulphate (VI) into which two copper
electrodes are dipped. Make attempno write dov.rn the reactions that arélkely to occur.ls your
answer very close to the two reactionsbelow.If not, you need to master electrolytic reactions of
solutions very well. The following reactions occur at the elP.Ctrodes:

At the anode: Cu -2.  Cu?-+2e- (oxidation)

At the cathode:Cu?-+2e- Cu (.reduction)
The battery pushes electrons to one electrode and takes away from the other.In other words,
electrons are transfened between the electrodes and Ol S. The current in the solutionis due to the
migration of ions. When a current () is passed through an electrolyte solution fat-time t, then the

- quantity of electric current (Q) passed through is gi“en by the productof currentand time.

Q=1t (19.4;
The units of quantity of el,!ctricity, current ..md time are coulomb (C), ampere (A) and second(s)
respectively.

An electrolytic cell designed to measure tlte quantity of electric current that has passed through
the solution is called a roui Nneter (sec: Example 19.1). For example, a silver coulometer uses plati-
num electrodes and a solutjon of silver nitrate as electrolyte.On electrolysis the following reaction
occurs at the cathode and silver gets deposited.

Ag+e A (195)

By measuring the increase in mass of the cathode, one can calculate the quantity of electric current
that was passed during electrolysis.To understand thecalculation involving coulometer,we must
study Faraday's laws of electrolysis.

In 1813, Faraday made certain useful observations on the decompositiPn of electrolyte solu-
tions by the passage of electric current.These are known as Faradizy'slaws Of eletrolysis. These laws
are stated as follows:.

1. Tr(le 175[55 (w)0fa productformed at an electrode is directly proportionol tothe quantity Of electricity (q)
- TJ(Jssed 1.e.

W c1e q ................................ n.(196)

2. ThemliSses Of dijfermt products (Y W-and W for two substmtcesland 2) formed at the electrodes by
the pasSDge Of the smne quantity 'Ifelectricity aredirectly proportional to their equivalent weights.
Thus the quantity of electricits that hﬂSpassed through theelectrolyticcell canbe measured by
th.eextent of the chemical reaction Which has taken place in cell or vice-versa.

IN order to appreciate these laws, we must explain the term faraday. The quantity of electricity
carried by 1 mole of electrons is CZlled faraday and given the symbol, F.The charge on one elec-
tron is 1.602 x 10"<C. Hence, the dw-ge on one mode of electrons would be

1.602x 19"9x 6.022x 1()23C or 96,489 C

Itis usual to appioximate one faraday as being -ual to 96500 C.

Consider an electrode reaction;

><-+ne- X

The quantity ot electricity required for the deposition of 1 mole of X will be equal to nF, wheren is
the number of moles of electrons required for the reaction.Let Mbe the mass of 1mole atoms of an
element X. Therefore, for the deposition of M kg (or 1 mole) of the element,we require nF or n x
96500 C of electricity We can ext>ress this as follows:



n x 96500 C of electricity deposits M kg (or 1 mole) of an element.
Hence,q coulomb of Electricity deposits M.q kg of the element
n.96500

_ Mg

= Ka e s ~...(19.7
n.96500 (19.7)

Substitution the value of g from Equation 194 into Equation 19.7 we get.

WW=——— s (19.8)
n.%500

This equation is useful in calculating the mass of an element deposited by the passage of known
quantity of current. Let us make use of Equation 19.8 in solving a problem.

Example 19.1
Acurrent of 5.0 x tO-> A is passed for 100 minutes through a silver coulometer. Calculate the mass
of silver deposited on the cathode. Atomic mass of Ag =107.9 (or M= 01079 kg mol-%

Solution
Substituting the valuesin Equation 19.8 we get

0.1079 kg mol-I x 5.0 x 103 A x (100 x 60) s
1 x 96500 C mol-1

(n =1, since 1 mole of Age ions needs 1 mole of electrons)
=04 x lo-s

Exercise 19.1

Acurrentis passed through an electrolytic cell containing molten magnesium chloride, how long
would it take to prepare a mole of magnesium metal?

Hint: Mgle + 2e- -t Mg

19.5 Conclusion

In this unit, we have discussed the behaviour of electrolytes in solution under the influence of an
electric field. Since the ions produced by the dissolution of an electrolyte are charged particles,
these are bound to interact with each other. However, these interaction will not be as strong as in
the solid state due to the thermal motion of the ions. At the same time, the ions will interact with
polar molecules of the solvent, water. After explaining the nature of these interactions, we then
analysed in brief as to what happens to these solutions at the electrodes when we passed electric
current through them. This has been summarised up in the two laws of Faraday.

19.6 Summary

At the end of this unit, you have learnt that:

i) interactions occur between ions in solutionsand between ions and solvent;

ii) there are the ion-ion and ion-solventinteractions;

iii) solvent moleculesso held by the central ion are known to form the first solvation shell;
iv) faraday is the quanity of -:-!:-t-ricity carried by 1 mole electrons.

19.7 References
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Unit 20: Electrolytic conductance
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20.1 Introduction

In Unit 19, we talked about electrolysis and some interactions possible in an electrolyte solution.
In this last unit, we shall examine the electrol)'tiC cor.ductance of solutions. There are some useful
applications of conductance. We may not be able to covPr this in this unit. Meanwhile, it is impor-
tatlt you know that other aspects of electrochemistry will be covered in other physical chemistry
courses you will take later in this programme.

20.2 Objectives

By the end of this unit, you should be able to:

i) define electrolytic conductance;

ii) definE>spE-Cificand molar conductance of a solution

iii) describe the dependence of conductance on concentration.

20.3 Electrolytic conductance
The Ohm s law can he used to determine the resistance of an electrolytic conductor to current
pasing through it. It is usual, however, to talk about the cond uctance in place of resistance. Con-
ductance is the reciprocal of the electric resistance.

The resistance of any conductor is directly proportional toits length and inverselY™to its cross-
sectional area (A).Itcan be expressed as, -

Roc
A

OrR:PA e CR \.(201)

The proportionality constant, p, is known as its electrical resistivity.The unit of resistance is ohm
(W) while the unit of resistivity is ohm metre (Wm). The electrical conductance is defined as the
inverse of electrical resistance. Similarly, conductivity or specific conductance (k) of a material is
defined as the reciprocal of its electrical resistivity. Hence,

R=R.A e (20.2)
1
©. k=AR
Since the resistance is expressed in ohm, the reciprocal of ohm (Q _,)was earlier used as the

unit for conductance. However, in51system, the unit for conductance is siemens and its given the

symbol 5. Hence, the unit for conductivity will be Sm-* (15=1N-.
: )



For the measurement of electrical resistance (R.) of a sample, we use a "et-up known as
Wheatstone bridge. It consists of two wires R,, of known resistance values, and a third resist-
ance, R,, the value of which can be adjusted. These-are all connected to a battery source, E, as
shown in Fig. 20.1. R,is adjusted until points aand bare exactly at the same potential. there will be
no deflection in the ammeter.

Fig. 20.1 Wheatstone bridge

Under these conditions, the following relation wiJlhold good:

R _
Rt F,
Or=R, -Rt

or findinge= resistance of asolution (RcrJ,we makeslight alteration:s inthe Wheatstone bridge
described above.Instead of a battery, we use an alternatingcurrent source to preventelectrolysis. The
electrolysis that occurs when current passes inone direction is reversed when it passes inthe other
direction. The direction of current changes so rapidly that the build-up of charges at the electrode
is not possible. Finally, instead of an ammeter, we use an alternating current detector.

At the balance point,

:RS[: |

The relationship between specific conductance and resistance is given as
11

AR
i 1
i.e.k =keen —
R

1
where koellis the cell constant representingthe ratio A:; itisa constantas far as the same cell is used
for measurements.Since the conduct i\-eness of certainstandard solution have been carefully meas-
ured,we could use such a solution in 1ceU and MEaSUre its resistance. Thus knowing'k and1t we
can cakulate the value of k...., theceil ainstant.Oncek...is determined. we can use the.same cell
for the measurement of condudivity ot othel'elecholytelOllltions. Using theseideas,\-..-ork out the
following exen:ise.
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Exercise 20.1

A conductance cell filled with 0.20 M KCl has a resistance of 195.96 W at 298 K. When filled with a
0.050 M AgNO,solution, it has a resistance of 94.2 W.The specific conductance of 0.020 M KVl is
0.2768S m-- What is the specific cond uctance of 0.050 AgNO, solution?

20.4 Molar and equivalent conductance

In order to compare the conductivitles of different electrolytes, we must use the same concentra-
tion. This is because the conductivity of the solution depends on the number of ions present.
Therefore, instead of specific conductance, we use molar conductivity, Im which is the conductiv-
ity per unit molar concentration and is given by the expression:

A « (20.6)
M=—= :
\C
where C is in mol m-3 units. The molar conductivity is usually expressed in S m? mol-* or S cm?
mol-% It may be remembered that, S m? mol-* = 10000S cn? mol-*.

It might be thought that 1., should be a quantity independent of concentration. However, it is
an experimental fact that Im for NaCl, KBr, etc. in aqueous solution does vary with concentration.
This is due to the ionic interactions, which change with concentration. This, m tum, affects the
conductivity, k.

Ifwe plot the molar conductivitiesof a large number of electrolytes against the concentrations
we find that these fall into two distinct categories. In one class of electrolytes, there is a small
dlcrease in molar conductivities with the decrease in concentration. Such electrolytes arcalled
strol1g electrolytes.Since these electrolytes dissociate almost completely even in con entfated solu-
tion, the number of ions do not change much with concentration. The conducuvtty should not
vary much since it isdirectly related to the number of ions present insolution. The minor changes
observed are due to interionic interactions. The second class of compounds, known as w.:akt?lectro-
lytesare those where ionisation is incomplete. The ionisation will increase with dilution,and pence
the molar conductivity increases with dilution. Thus, the conductivity is directly proportional to
the degree of dissociation of a weak electrolyte.

Example 20.1

At 298 K, the resistance 0f2.00 X 10-?M KCl is 195.96 Wand that 0f2.50 X 102 M 5Q.is775.19
W. The specific conductance (k) of 2.00 x 10> M KCl at 2o K 15 0.2768 S m-* Calculate the
molar

cond uctivity of SQ;solution.

Solution
First, we have to find out the cell constant. Using the equation K.
Substituting the given values for 2.0 x 102 M KCI, we get,
Krell=0.2768 Sm-1x 19596 W
=54.24 m-*
Next, we have to calculate the k of KzS0, solution.
kun 54.24m-i

R 7759 N

=0.06997S m-1,
Theconcentration of SO, is given in molarity. Hence, its concentration in mol m? ynits may be
obtained by

C = 1000 X 2.50 X JO3mol m-2

=2.50mol m-3

We can calculate A...using

SN

k X R.



A = k _0.06997 sz mol-t

m C 2.50
=0.0285m? mol-*
20.5 Molar conductance at infinite dilution
We have already seen that the molar conductance of an electrolyte increases with decreasing con-
centrations. This is also shown from the values givenin Table 20.1.

Table 20.1Molar conductance at 298 K

2
Concentration Am/Sm*” mol-1

M HCl KCl CHCOOH AgNO)
1.000 0.3328 0.11119 —_— _—
0.100 003913 0.01289 0.00052 0.011
0.010 0.04120 0.04120 0.00162 |) OU-&8
0.001 004214 0.01469 0.0486 0.01305
0.0005 0.04227 0.01478 0.01350 0.01314

Moreover, as a consequence of interionic interactions,every ion insolution has a diffused ionic
atmosphere of opposite charges. The interionic focces would least affect the motion of an ion un-
der the influence of an electric field when the solution is very dilute. Indeed. the valueof MOM
conductanceextrapolated to zero concentration should be independentof inletionic interactioos.
This is called limiting molar conductivity or molar conducttmce at INJINIU 4ilMliorl and given the sym-
bols Al Kohlrausch gavean empirical formulaon the basis of his experimental results,which

connects the molar cqnductivities with concentration, for strongelectrolytes:
1
Am=A:, - acl
Where A is constant; its value depends on the nature of the electrolyte rather than on the identity

of the specific ions. For example, e trolytes of the type KCI, NaOH, NaCl,etc. have the same
value of A whereas BaCt,CuSO.,etc: have a different value.

Kohlrausch's law of independent migration of ions

On the bas:s of cooductivity measurements on a series of strong electrolytes, Kohlrausch discov-
ered that the m6lar conductance at infinite dilution is the sum of the contn'butions from each ion.
Itis known asthe law of independent migration (or mobility) of ions. This law can be expressed as

Am= veAo+ +Vv-Ao- . (20.8)

Where v+ and V- are numbers of cations and anions per formula unit, respectively and Aare the
corresponding molar conductivities of the ions at infinite dilution. For example, Table 3.2 gives

valuesfor a number of salts.If you compare the values for any pair of salts havinga common

ion, it always shows a constant difference between A.:tvalues. These values can be explained if

we assume that A.I:t is the sum of two terms, onearisingdueto cationand the other due to anion.
Thusthe first set of valuesgives the difference due to the different contributionsof K+and Na+,the
second due to K+ and Li+and the third due to Cl-and No- 3
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Tabic 2 = A . aiues for some electrolytes

A. :
Electrolyte St 1 Electrolyte sy ot 1 Electrolyte Smimoy 1
KO 0.01498 KOH 0.02715 KNOQ, 0.01450
NaO 0.01264 NaOH 0.Q2481 NaNoO, 0.01216
Difference 0.00234 0.00234 0.00234
KCI 0.01498 KNO, 0.01450 KCIQ, 0.01400
LiO 0.01150 LiNO, 0.01101 LiCIO 0.01051
Difference 0.00348 0:00349 0.00349
LiCl 0.01150 KCI 0.01498 NaCl 0.00349
LiNo3 001101 KNOI 0.01450 NaNO3 0.01216
Difference 0.00049 0.00048 0.00048

Ostwald s dilution law
In the case of weak electrolytes, it is not possible to obtain the limiting molar conductance value,
- by extrapolation of molar conductance value to zero concentration since tincrease in molar cond

uctance and the experimental measurements become unreliable. Thiscan
be seen from the values given for acetic acid in Table 20.1. For weak electrolytes, Ostwald derived
a relationship between the molar conductivity and the limiting molar cond nctance. This relation-
ship is known as Ostwald's dilution law.

The molar conductivity of weak electrolytes can be expressed as the product of degree of
ionisation of the electrolyte and its limiting molar conductance:

Am=a.A. s~ (209)

where ais the degree of ionisation.
If C is the molar concentration of theeletrolyte,we can express the ionisation of a weak electrolyte

as follows:
MA M*+ A-
¢ @2 Ca Ca
A C) (aC C
ok = 1AV @)@E0) _ac e (20.10)

[MA] (-aCc) 1-
Equation (20.10) can be rearranged as
-a_ |1
ric — K

= (multiplying both sides of the equation by aC)

= S+ (20.11)
But from Equation 20.9, we know that

1 A,

a=

no 1



Substituting the value of {X in Equation 20.11, we get,

M4 G<Al

DividingthJ:oughout by we get,

s U (20.12)
Itis found that for concentrations higher than 0.1mol dm-I, Ostwald's law is not followed strictly.
We can use Kohlrausch's law of independent mobility of ions to calculate indirect walue for
weak electrolytes as illustrated by the following example.

A2 (CH,COOH) = A (CH,COONa) + A% (HCl) - A2 (NaCl)

Notice that all the terms on i e right hand side are for strong electrolytesand are known; thus,
we can calculate the value for tﬁ)weak electrolyte, CXN\COOH, as shown below:

Th_e values of molar conductance at infinite dilution for sodium acetate, hydrochloricacid and
sodiuin chloride are 0.009101,0.04261and 0.01264 S m2mol-%, respectively.

Hence, (CACOOH) = [(0.009101+ 0.04261)-0.01264] Sm  2mol-1
=0.03907 S m? mol-%

20.6 Conclusion

The electrical conductance has been discussed. Though we have not been able to cover the
conductance methods of acid-base and precipitation titrations,we have discussed molar equivalent
conductance. Inanother course, we should be examining other aspects of electrochemistry.

20.7 Summary

Inthis unit, you have learnt that:

i) for weak electrolytes, their ionisation isincomplete;

ii) electrical conductance is defined as the inverse of electrical resistance;

iii) conductivity of a solution depends on the number of ions present;

iv) ionisation increases with dilution and the molar conductivity increases with dilution
too;

v) conductivity is directly proportional to the degree of dissociation of a weak
electrolyte.

20.8 Tutor-marked assignment

1. Identify which of the following are true or false
a) Electrical conductance is the inverse of electrical resistance
b) No relationship exists between specific conductance and resistance
¢) Molar conductivity is expressed ask/C.
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