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Introduction

The outcome of any chemical process is determiryethd thermodynamics and
kinetics of the reactions involved. The study bé tthermodynamics reveals
whether or not a given process can occur spontahe@nd the process of
reactions when equilibrium is established. Thidl e subject to CHM 301.

Reaction kinetics is concerned with the speed attwbhemical changes take
place. Spontaneity and speed must be favourabtibserve the formation of
products of chemical reactions.

This course CHM 407 concerns itself with the speed,rates of chemical
reactions. The study of reaction rates allowstha prediction of how fast a
reaction mixture moves to equilibrium and how tleaation rate would be
optimized by controlling certain factors such amperature, pressure and the
presence of a catalyst. The study of rate ofteaais the sequence of elementary
steps that lead to the product formation from #ectants, which is referred to as
the reaction mechanism.

Many reactions of technologies and biological intpoce involve complex
sequence of steps, or proceed at a useful ratdrotitg presence of catalysts
Many gas reactions of industrial importance ocauly @n the surface of solids
acting as catalysts. The mode of action of sucfasarreactions are discussed in
this course. Light is a form of energy and lighergy can be used to initiate or
sustain chemical reaction. This is also discussedis course.
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What you will learn in this course

The course is core for students of the Bachelatgee in Chemistry. There are 5
units in the course. The course introduces theesiisdto the fundamental
concepts in kinetics studies and the different wdshof rate studies. Methods of
analyzing experimental results are discussed aptledpto results from actual
studies. Laws and theories are discussed and dppliaccount for experimental
observations in rate studies. The effects of dysitan reaction rate are discussed
and explained qualitatively and quantitatively.

The discussion of complex reactions, and the aisalyd results from
experiments. Physorption and chemisorption prosesseused to explain surface
reactions. Finally, the study photochemistry resehle use of light energy to
initiate and sustain reactions. Light emission abdorption phenomena are also
discussed and explained in the course.

A good mathematical background is required forpprounderstanding of the
course.

Course Aims

The course aims to introduce students to the fueddah concepts in rate and
mechanism studies to explain natural phenomeneaabinblogical and biological
importance.

Course Obijectives

We expect that after studying this course, you khbe able to:

. Define rate law, rate constant and order of reactio

. Differential between order of reaction and stoichédry,

. State the experimental methods for studying theti@arate,

. Derive integrated rate laws for first order, secander and zeroth order
reactions and use them for calculating rate cotstan

. State the methods for determining the order oftreac

. Define elementary reaction and molecularity,

. Explain the modes of action of heterogeneous antblgeneous catalysts.

. Account for acid-base catalysis using the Brongtedry,
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. Explain the significance of the Michael's countyeinzyme catalysis.

. Explain the terms, concurrent, reversible and coutsee reactions

. Analysis experimental results for complex reactioress how product

concentration or reactant concentration varies e of reaction.



. Define and use the Langumair absorption isotherm

. Explain order for a surface reaction

. State Beer-Lambers Law

. Calculate quantum vyield

. List some examples of photochemical reactions

. Derive rate expressions for some photochemicaticeec
. List some applications of photochemical studies.

Working Through This Course

This course involves that you would be requiredgend lot of time to read. The
content of this material is very dense and requine spending great time to study
it. This accounts for the great effort put into dsvelopment in the attempt to
make it very readable and comprehensible. NeJedbethe effort required of
you is still tremendous. | would advice that yaaidyourself the opportunity of
attending the tutorial sessions where you wouldehdke opportunity of
comparing knowledge with your peers.

Course Materials
You will be provided with the following material;

1. Course Guide
2. Study Units.

In addition, the course comes with a list of recanded textbooks which though
are not compulsory for you to acquire or indeeddyeare necessary as
supplements to the course material.

Study Units

Unit 1 Reaction rates: Fundamental methods for rate studies; First,
second, reactions; Analysis of experimental restdts reaction
order (integral differential and half-life methogs)

Unit 2 Zeroth, third and Fast reactior@ymplex reactionsconcurrent,
reversible and consecutive reactions and analyfsexperimental
results for such reactions and enzyme substratepleanand the
Michael’s constant.

Unit 3 Reaction meachanism: Uni and bimolecular reactions, chain
reactions, Theories of reaction rates (Arrheniuslliston and
transition state theory), Linderman hypothesis tedsteady state
approximation.



Unit 4 Heterogeneous reactions and catalysis Physorption and
chemisorption, Types of reaction isotherms. Ordeo$
heterogeneous reactions. Catalyst, Heterogeneouslysia
examples and mechanism

Unit 5 Photochemical reactions: Laws of photochemistry, Quantum
efficiency Photo-chemical reactions and photo-ptaisprocesses,
Photosensitisation,  Applications of  photochemistrand
chemiluminesce.

In unit 1 we discuss the different types of compleactions namely; concurrent,
reversible and consecutive (chain) reactions. Ttadyais of experimental results
for such reaction are also explained in the unit.

Unit 2 deals with the zeroth, third and fast reattand determination of reaction
order

In Unit 3, the mechanism of uni , bimolecular ré@t$ and chain reactions are
discussed. Theories to harmonize observed ratemanhanism are discussed.

In unit 4 we Iintroduce surface chemistry and caialy Physorption and
chemisorption processes are discussed and therediffeeypes of reaction
isotherms explained. The mode of action of the rogeneous catalyst is further
explained and examples and applications of hetermges catalysts discussed.

In unit 5, we discuss, light induced reactions {pbbemistry). In photochemistry,
we study the absorption and emission of light byttenaand in photochemical

reactions, reactions acquire the necessary adivatinergy through light
absorption.

Textbooks and References

Principles of Physical chemistrfsamuel H. Maron and Carl F. Prutton, Oxford
and IBH Publishing Co., New Delhi"4d., 1985. 1997.

Physical ChemistryGilbert W. Castellan, Narosa Publishing Housedi8dn-
Wesley/Narosa (Indian student Edition),Delffi&., 1983.

Physical ChemistryP.C. Rakshit, Sarat Book House, Calcuttae8., 1988.

Physical Chemistry- Principles and Problems, D.V.S Jain and S.Fhalad ata
McGraw-Hill Pub. Company Ltd., New Delhi,1988.



Physical chemistryoseph H Niggle'3edition Harper Collins college publisher 1936

Introduction to physical chemistiark ladd & edition Cambridge university press
1999

Physical chemistritkins PW 3% edition oxford university press 1986

Advanced chemistry ( physical and industrighilip Mathew Cambridge university
press 2003



UNIT 1 CHEMICAL KINETICS

Structure
1.1 Introduction
Objectives
1.2 Some Fundamental Concepts
1.3  Experimental Method of Rate Studies
1.4 First Order and Second Order Reactions
1.5 Summary
1.6  Terminal questions
1.7 Answer
1.1  INTRODUCTION

Chemical kinetics is the study of rates and medmasiof chemical reactions. The
rate of a reaction depends on many factors sucthesoncentration of the
reactants, temperature, Catalyst, etc

We shall start the unit explaining the dependentceate of reaction on the
concentrations of the reactants. In this processshall be defining the terms
such as rate equation, rate law and order of aiomadVe shall then derive first
order, second order of reaction.

Objectives

After studying this unit, you should foe able to:

define rate law, rate constant and order oftreac

differentiate between order of reaction andctt@metry

state the experimental methods for studyingdaetion rates,

derive integrated rate laws for first ordeecond order reactions and use
them for calculating rate constants,

Throughout this unit, the phrase 'rate of reactio@ans instantaneous reaction rate.

We shall shortly study the method of arriving & tkeaction
rates from the values of concentrations of a corepbrat
different time intervals.

The symbol A ' is to be read as delta. It denotes change moepty.




Convention For Expressing Reaction Rates

In order to obtain a single value for the reactiate, it is necessary to divide the rate
consumption of a reactant or the rate of formataina product by the stoichiometri
coefficient of the respective species. To illugrdtis, let us consider the reaction:

aA+bB — cC+dD

In this reaction, A and B are reactants, and C Bndre productsa, b, candd are the
stoichiometric coefficients. The reaction rate édated to the rates of consumption of t
reactants and the rates of formation of the pradastfollows:

Reaction rate

_ 1 -d[A] - 1 —d[B]

a dt b dt
_ 1 -d[C] - 1 —d[D]

c ot d dt
... (18.2)

Using this general equation, you examine E.q 1.1

The number preceding the formula of a substantiedrbalanced equation is its stochiomet

coefficient.

of

ric

1.2 SOME FUNDAMENTAL CONCEPTS

In this section, we shall define some terms suctatesof Reaction, rate law, rate

constant, order of a reaction and stoichiometry.

Rate of Reaction

The rate of reaction or the velocity of reactioraapecified time is defined as

the

decrease in the concentration of a reactant ontlrease in the concentration of a

product per unit time. The rate of reaction at ac#fed time is also known

as

instantaneous rate of reaction; it can be genedafined as the rate of change of
concentration of a specified species at a partidalstant. While specifying the
reaction rate, we must mention the component vaipect to which it is stated.

Let us consider a simple reaction,

A—B

As per the reaction stoichiometry, one moleculeBofis formed for every
molecule of A consumed. The reaction rate can lezipd in the following

ways:



* We can measure the concentration of the reactaatt\arious time intervals.
From these values, we can specify the decreasenoeatration of A with
respect to time at any particular instant. The ttreaaate thus obtained is the
rate of consumption of A.

Rate of consumption of A = D€crease in the concentration of A
Change in time

= 'AlAl
At

* A [A] means change in the concentration of A aind[A] means the decrease
in the concentration of A. While writing a rate egpsion with respect to a
reactant, there is a preceding negative sign (Sinsecustomary to express
the rate of a reaction as a positive quantity).

* We can measure the concentration of the produdt\Ergous time intervals.
From these values, we can arrive at the rate afidtion of B at any particular
instant.

Rate of formation of B =INcrease in the concentration of B
Change in time

= 'Al Bl
At

The rates of consumption of reactants and the @ftésrmation of products are

related through their stoichiomeiric coefficientSsor example, consider the
decomposition of N@

2NQ(g) — 2NO(@) + Ox(9)

We can write the relationship between the ratesoosumption of N@and the
rates of formation of NO and;@s follows:

1 (Rate of; consumption of N p= 1 ( Rate of formation of NO )
2 2 . (1.1)
= Rate of formation of O

Using the convention as expressed by Eq. 1.2, wevcide as shown below;
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Reaction rate =_ (ld [Noz])z 1 (d nop\ - (d o] \ .2
2 dt 2 dt t

You can understand the above relationship if yoarkbhae mind that if two
molecules of N@ are consumed, two molecules of NO and one moleau(®,
are formed. In other words, the reaction rate isaétp:

» half the rate of consumption of NO
» half the rate of formation of NO, and
« the rate of formation of ©

Calculation of Reaction Rate

You may be curious to know as to how the reactaias are calculated. Take for
instance the following reaction:

2NGQ(g) — 2NO(@) + OxA9)

In Figs 1.1 a, b, and c, you can see concentrétijpagainst timet] plots for NQ
NO and Q as per the values given in Table 18.1. In thegardis, the graphical
method of calculation of the reaction rates forehasumption of N@and for the
formation of NO and N@ are illustrated. The reaction rate at any paricul
instant is obtained by calculating the slope oina tangent to the curve at that
point.

Table 1.1 Concentration of NQ and NO and Q& at Different Time interval at
673 K.

Timels [NOJ/M  [NOJM [0 /M

0 0.00100 0 0

50 0.0079 0.0021 0.0011
100 0.0065 0.0035 0.0018
150 0.0055 0.0045 0.0023
200 0.0048 0.0052 0.0026
250 0.0043 0.0057 0.0029
300 0.0038 0.0062 0.0031
350 0.0034 0.0066 0.0033

11
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Fig. 1.1 a) Concentration against time plot for N@, note the falling nature of
the curve which is characteristic of concentrationagainst time plot for a

From the slope of the tangent time drawn (corredpmnto a particular time) to the
concentration (c) against timg ¢€urve for a component, we can obtain the rath@feaction.

Rate of reaction

-(Slope of tangent to the ¢
= against curve for the reactant)
Stoichiometric coefficient of
the reactant

Slope of tangent to the ¢

= against curve for the product
Stoichiometric coefficient of
the product

The concentration of components are given in miyléki) unit 1 M = 1 mol dri¥

reactant.

Rate of consumption of NO = - Slope of the tangent linetat 200s
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att = 200s
= - (-1.31x10) Ms*

= 1.31xI0°> Ms*
Reaction rate % (Rate of consumption ole}\l@—; .31xI0° Ms?
=6.55x 1¢ Ms*

b) concentration against time plot for NO; note tiseng nature of the curve
which is characteristic of concentration againsetplot for a product.

Rate of formation of NO = Slope of the tangent Ee= 200s
att=200s
-1.30x 10 Ms*

Reaction rate % (Rate of formation of NO)

=1/2x1.30x 19M st
=6.50 x 1¢ M s?

C) concentration against time plot for,;Onote again the rising curve.
Compared to the curve for NO, the curve forriSes slowly.

Rate of formation of @= Slope of the tangent line tat 200s

att — 200s
-6.25 x |0* Ms™
Reaction rate = Rate of formation of O
=6.25 x 16 Ms* i

For the curves (a) and (b), the tangents are wiatated.
From the slope values Bh = 200s, you can see that the following relationship is
nearly correct.

Reaction rateé1 (Rate of cons;umptionZN(:)iZL (Rate of formation of NO)

2
= Rate of formation of O

In our discussion, we are mainly interested indbilecentration against time plots
for the reactants. In other worlds, we want to wtilne reactions under conditions
where the rate of the forward reaction is significaut the reverse reaction rate is
low. This is made possible, if we study the reactipto a point where the
product amounts are not high. For example, in #eoohposition of N@ there
could be a decrease in the concentration of, NPto a particular time.
Afterwards, enough nitric oxide and oxygen are fednand the reverse reaction
also could take place leading to the formation @,NIn order to simplify the

13



situation, it is better to study the reaction rabedore significant amounts of
products are formed. In general, the rates of i@astare complex functions of
the concentrations of the reactants arid the pitsdaca given the temperature.
However, there are some reactions in which thesrate proportional to the
simple powers of the concentrations of the reastallYe shall be mostly
concerned with this class of reactions.

Decomposition of NOs
The decomposition of }Ds in the gas phase was studied at 323 K
2N;05(9) — 4 NOx(9) + Ox(9)

The instantaneous rates of this reaction calculated [N,Os] against time plot
(similar to Fig. 1.1) are given in Table 1.2

Table 1.2: Rates for the Decomposition gflat 323 K

[N2Os)/M Rate/Ms" Rate s
NOst
(i) (if) (iif)
0.300 2.73 x 10 9.1 x 1¢*
0.150 1.37x18 9.1 x 1¢*
0.100 9.10 x I8 9.1 x 1¢*

From columns (i) and (ii), you can see that the fat the decomposition of s
decreases with the decrease in the concentratios,©f Further, column (iii)
gives the ratio of the rate to the concentratiohl#Ds. In all the three cases, it is a
constant. This shows that the rate is directly probpnal to the concentration of
N20s
e _Rate -« . (1.3)
[N2Os]

Hence, rate &k [ N2Os |
..(1.4)
wherek is proportionality constant.

Decomposition of Hydrogen lodide

The decomposition of hydrogen iodide was followed aonstant temperature

2HI(g) — H2(9) + 12(9)
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The instantaneous rates of this reaction were lzdtml using the [HI] against
time plot like that of Fig. 1.1. These values areeg in Table 1.3

Table 1.3: Rates for the Decomposition of Hi

[HIf™M Rate/Ms-I Rate Rat®s
[HI] [HIT?

0] (i) (iii) (iv)

3.00 x 18 3.60 x 10 1.2 x 10° 4.00 x 16

2.00 x 1¢ 1.60 x 1G 8.0 x 1¢ 4.00 x 16

1.50 x 1¢ 9.01 x 18 6.0 x 1¢* 4.00 x 10

From Table 1.3, you can see that the rate of deositipn of HI decreases with
decrease in the concentration of Hl, as in the c&ske decomposition of XDs.
Further, it is evident from column (iii) that rdtél] is not a constant. But, as per
column (iv), rate/[HI} is a constant.

From Table 18.3, it is evident that
Rate / [HIf =k ...(1.5)
Hence, rate % [HI]? ... (1.6)

where k is a proportionality constant

For many chemical reactions, the relationship betw#he reaction rate and the
concentration can be expressed in a simple way B&s.i 1.4 or 1.6. We shall first
consider these simple cases. Later we shall digtwase reactions for which the
rate concentration relationship is more complex,

Rate Law Rate Constant
The relationship expressed as in Eq. 1.4 or Eqisldalled theate law. A rate
law is an equation expressing the relationshipvden the instantaneous reaction

rate and the concentrations of the reactantsesetion.

The rate law for a simple reaction with one reaictaay be
of the following type:

Reaction rate % [Reactant] ..(1.7)

wherek is called the rate constant or rate coefficientha specific rate or the
reaction.

Thus by definition, the rate constant is independérconcentration, but it may
depend on other factors. In this equationefers to the order of the reaction. The
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order with respect to a component is the powerhhvthe concentration of that
component is raised in the rate law. ComparingIEq.with Eqs 1.4 and 1.6 we
conclude that

i)  n=1in Eq. 1.4, i.e.; decomposition of,® is afirst order reaction. The
significance of this statement is that the reactade is proportional to the
first power of concentration of J0s.

i.e., Rate & [ N,Os |' ... (1.8)

wherek is thefirst order rate constant.

From Eq. 18.7, it can be seen that if [reactartjhrenk = rate. For this reasoh,is called the
specific rate.

i) n = 2 for the decomposition of HI; i.e., the decomgosi of HI is a
second orderreaction. Again this means that the decomposition rate bfsH
proportional to the second power or square of treentration of HI.
i.e., Rate % [HI]? ...(1.9)
wherek is thesecond order rate constant
Order of Reaction and Stoichiometry
The rate laws as well as the order of the reactoust be determined
experimentally; these cannot be predicted fromstioechiometry of the reaction.
The stoichiometry of reaction gives die relatiopshetween the amounts of the
reactants and the amount of the product. The storetry of a reaction must be
differentiated from the order of a reaction. Let asnsider the following
examples,
Example 1
The gas-phase decompositiop yields NG and Q at a particular temperature.
2N0s (9) 4NQG(9) + O (9)

The experimentally observes rate law for the reaatate =k [N,Os]
Comment on the order and the stochiometry of thetien.

Solution

It can be seen that the stoichiometric coeffic@N,Os is 2 whereas the order of
reaction is 1.

16



Example 2

The balanced equation fir the decomposition obagroxide is given below:
2N0s(g) 2NG(g) + G2 (9)

The rate law is,
rate -k[ N,O ]

Comment on the order of the reaction and the Stmioétry.
Solution
Again the stoichiometric coefficient of,N is 2 whereas the order of reaction is 1.

In the above two examples, the order of reactioh thie stoichiometry are not
identical, but there are cases where: the ordersémidhiometric coefficient are
identical. One of the examples can be seen inalh@nfing reaction:

2HI@ —H2(9 +12(9)
Rate =k [HI]?

In the decomposition of HI, the order of reactiantwo. The stoichiometric
coefficient of Hl is also 2.

From the above example's, you can see that thehgtaietric coefficient and the
order of the reaction need not be the same alwéays. must bear in mind the
following points while arriving at a rate law.

)] In the case of simple reactions, the Catre¢ions of the reactants appear
in rate law; but the Concentrations of the produitisnot appear in the
take, law. It is so since the rate measurementsdare under the
conditions where the reverse reaction rate is gaaiyi low.

i) The order of the reaction must be determinegeexnentally; the
experimental methods will be discussed in the segtion.

iii) The order of a Reaction need not be identiséth the stoichiometric
coefficient of the reactant.

So far we considered the reactions involving onhe aeactant. In case of
reactions involving many reactants, the rate okaction may depend on the
concentrations of more than one reactant. In sades; we can calculate the
order of the reaction with respect to the individigactant and also thaeverall
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order. The overall order is the sum of the powers toclhthe individual
concentrations are raised in the rate law.
In general, for a reaction,

A + B + C— products ...(1.10)

if the rate law is experimentally found to be,
rate -k [AT'[B]"[C]P

then, the overall order of the reactiorm=+ n + p.

For example in the following reaction,

BrOsz(aq) +5 Br &q)+ 6H" (ag) — 3 Br (ag) + 3 H20 () .. (1.11)
Rate = [BrO3] [Br~ ] [H']?

The overall rate of the reaction is four, beingtfiorder in BrG, first order in Br
second order in A

The rate laws discussed so far are catigfbrential rate laws. Such rate laws

describe the dependence of reaction rate on caatient From these differential
rate laws, we can obtain thetegrated rate laws through integration. These
integrated rate laws help us in relating the cotre¢ion of a substance to time. In
order words, using the integrated rate laws, weaadculate the concentration of
a substance at any specific time. In Secs. 18.41&8, we shall discuss the
derivation of the integrated forms of rate laws.tlh® next section, we shall
discuss some experimental methods of studyingehetion rates.

SAQ1

At 323 K, the rate of reaction for the decompositaf N,Os at a particular
instant is

2.74 x 10 M s*. Calculate tie rate of formation o£,OThe reaction is represented
below:

2N,05(g) — 4 NG (9) + G2 (9)

SAQ?2

In the decomposition of hydrogen iodide, what i thlationship between the rate
of decomposition of HI and the rate of formatiorntf

18



For the BrQ ™~ — Br — Hreaction let us compare the order of reactionthedstoichiometric
coefficient for each reactant.

Bro;” Br- H*
Order 1 1 1
Stoichiometric
Coefficient 1 5 6

It may be notices that the stoichometric coeffitseamnd the respective orders of reaction
not identical throughout.

are

1.3 EXPERIMENTAL METHODS OF RATE STUDIES

Many physical and chemical methods are availablestudying the reaction

rates. Some of them are listed below:
) Volume or Pressure Measurement

When one or more of the components are gasesg#dution rate can

be

followed by measuring the volume or pressure changee partial
pressures of .the species are to be calculatedg ute reaction

stoichiometry.

Spectrophotometers have arrangements for generatioearly monochromatic radiation i
visible and ultraviolet regions and also for theasiw@ement of radiation transmitted by t
absorbing substance.

ne

Nowadays many sophisticated instruments such agarumagnetic resonance spectrome
mass spectrometer etc, are used in reaction kin&tie shall not discuss these aspects.

er,

i) Titrimetry

Using acid-base or oxidation-reduction titratiotise reaction course can

be followed if at least one of the components mrdmaction is an acid o
base or an oxidising agent or a reducing agent.

19
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i) Conductometry or Potentiometry

If one or more of the ions are present or produodtie reaction, suitable
methods can be designed based on conductivity denpometric
measurements.

iv) Spectrophotometry

When a component of the reaction has a strong ptisorband at a
particular wavelength region, spectrophotometersildcdbe used for
measuring the reaction rate. Photoelectric coldense are cheaper
instruments and are mainly useful for reactiong ratudies in visible
region.

V) Polarimetry

When at least one of the components of a reactiapiically active, the
reaction rate can be studied from the measurenoéoistical rotation:

Depending of the reaction under study, the conagatr of a reactant or a

product is followed at various time intervals usamgy of the methods mentioned
above. These values are then used for calculdtmgate constant. Examples are
worked out in the next section to illustrate theereonstant calculation. Before

studying these examples, we shall discuss the meatharriving at the integrated

forms of rate laws.

SAQ 3

State the name of a suitable, experimental methaidcein be followed to monitor
the reaction rate in each following cases.

i) H> (g) + Brz2 (9) — 2HBr )
Hint: Bromine absorbs strongly in the visible ragiovhile hydrogen and
hydrogen bromide do not.

ii) CH3;COOGHs (ag) + OH  &g) — CH3;COO @q) + GHsOH (ag)

iii) CH3CHO (g)— CH, (g) + CO (g) (at constant volume conditions)

1.4 FIRST ORDER AND SECOND ORDER REACTION

In this section, we shall derive integrated rat@sldor first and second order
reactions.

20



Integrated Rate Law for First Order Reactions.

Let us consider the following reaction, which igpesmentally found to be first
order
A — Product ...(1.12)

Applying Eg. 1.7 we can write
rate = ﬁlAl =k[A]l ...(1.13)
d
wherek is the first order rate constant and= 1. This means that the .rate of
consumption of A at any given time is directly podonal to the first power of
the concentration of A at that time.

In order to obtain the integrated rate for firsler reaction concentrations of A at
the start of the reaction and at a ti@s mentioned below:

At time = 0 (i.e., at the start), the concentratd = [A]o
At time = A the concentration of A - [A]

Using these limits of concentration and time, we @ategrate Eq. 1.13 after
rearranging it as follows:

Ao d A _ g . (1.14)
[ATo AT
- =  kdt

t [Alt
ie., —{In[A]} =K1 J' ... (1.15)

" Ao
—{In[Ali—=In[A] 0} =k (t—0) .... (1.16)
In [A]o — In [A]; = kt ..(1.17)
Hence, In [A] 0 =kt

....(1.18)
[Al
Eq. 1.18 can be written in the exponential fornicéisws:
[Ali=[Aloe® ...(1.19)
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In order to understand the transformation of Etp Fq 1.16.

The transformation of Eq. .18 into Eq. 1.19 coldexplained as followg

In [Al, =kt 1.18
[Al
-In JA]; =kt
[Alo
Taking antilogarithms
AL =¢
[Alo
[Alt = [A]o € 1.19

Corresponding to Eqg. 1.19, we can draw the conagoitr vs time plot for a first
order reaction. This curve is of the type showifrign 1.2. Such a curve is called
an exponential decay curve. In an exponential demaye, there is a steep
decrease in concentration initially. It. ibllowed by a slow decrease in
concentration subsequently. Note that the decayecgmes parallel tg-axis after
longer time intervals indicating that the reactioill take infinite time for
completion.

[A], M

Fig 1.2: Exponential decay of A.

Radioactive decay is a good example of first ordaction. A detailed discussion
on radioactive decay has been give@HE 213

Let us come back to Eqg. 1.18 It is convenient tokwaith logarithms to the base
10 (known as common logarithms) Hence we can revi#if. 1.18 as follows:

Remember the following formula: = 2.303 logx

2.3031og [A]o =kt

[Ak
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... (1.20)
k= 2.303 log [A]_O
t [Al

E.q 1.20 is useful in calculating the concentratibnthe reactant at a tinte(i.e.,
[A]¢) provided, its initial concentration (i.e., [#] k andt are known. Also, k can
be calculated if [A], [A]: andt are known. Using the graphical method, we can
test whether a reactant follows first order or not.

Graphical Method of Calculating First Order Rate Constant

In order to facilitate graphical representation, [E8,20 is modified as follows

log [Alo = __kt .. (1.21)
[A]t 2.303
Hence log [Ap—log[Ali= Kkt ... (1.22)
2.303
ie., —log [AF Kkt —log [Ab ... (1.23)
- 2.303
log [Ali= -k t + log[Alo ... (1.24)
2.303
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From Eq 1.21 we can derive Eq. 1.22 by substitutirggconcentrations of A at the intervals
and b as follow:

At time =t;
concentration of A = [A]
At lime =t,,
concentration of A = [A]

log [Alo = _kt

[AlL 2.303
log[Alo = _kt
[Al. 2.303
Hence

log [Alo -log _[Ab

[Al2 [Al

=k @-tl) ..(1.26)
2.303

i.elog [AL=_Kk G-t
[AL 2.303 ...(1.27)

By comparing Eq. 1.24 with the equation for a gfinaiine,
y= mx+c,

We can infer that by plotting log; [A], against #ma straight line must be
obtained for a first order reaction. Such plotsdrewn in Figs. 1.3 1.5. The rate
constant can be calculated from the slope as fatlow

k =-2.303 x slope ... (1.25)
Knowing the concentration of a reactant undergdingt order reaction at a
particular time, it is possible to calculate itsicentration at another time interval
using Eq. 1.27

log  [Alh = _kt (2-t) .. (1.27)
[Al, 2.303

The following hints may be useful while calculatitige rate constants using the
integrated rate law:

)] If the concentrations of the reactant are gigemarious time intervals, the
concentration at= 0 is equal to] [ AJ and the concentration at any given
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time is [A} ; log [A]: againstt plot is made as described earlier. This
principle is followed in Example 3.

Instead of giving the concentrations of reactant at various time
intervals, parameters such as partial pressurssrladnces, volumes, titre
values etc. which are, proportional to the coneiun of the reactant may
be given. In these cases, the measurements mageoatime and at any
given timet nay be used instead of [ A ]Jd and [ AHor example, we can
substitute the partial pressure of the reactam¢ausof its concentration in
Eq. 1.2] and obtain Eqg. 1.28.

|0g ‘ PA !O = kt
(Pa),  —2:303

where pA)p and pA); are the partial pressures of the reactant attdreand after
a time,t. In Example 4, we Use this method.

ii)

Sometimes the rate of measurement are Madetdrms of the
concentrations of the product formed. If the stoctetry of the reaction
is such is that one molecule of the product is frwvhen one molecule
of the reactant is consumed then the concentrafidhe product at = «
must be equal to initial concentration of the raeattLet us assume that
the concentration of the product at any given time. Then x also
represents the decrease in the concentration aktwtant after a time,
Thus [ A b= concentration of the producttat cand [A]l=[A]o-X.
Using these (relationships, Eq. 1.2 cob&written as,

log [Alo = kt
TAb-x —2:363

Calculation of this type is illustrated in Example

Let us work out some examples to illustrate theudation of k by graphical
method.

Example 3

On heating cyclopropane to 770 K, it is convertedo i propene. In one
experiment, the following data were obtained:

t/s. 0 300 600 900

[ Cyclopropane] 1.50 x 10° | 1.24 x10° | 1.00 x 10° 8.3x10"

M
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Using graphical method, test whether the above datesfy first order rate
equation. Calculate the rate constant.

Solution

Using the data, log [cyclopropane]/M values arewalkted and tabulated along
with t values.

log [cyclppropane]/M -2.82 -2.91 -3.00 -3.08
t/s 0 300 400 900

-29
1

-0
1

log [cyclopro?éne]

'(—753.1,0) !2(l)0 I 4(l)0 t/s 6(‘)&) ; 8(1)0 . I&)O
Fig. 1.3 log [cyclopropane] against plot
log [cyclopropane] va. plot is shown in Fig. 1.3.

The graph is a straight line, confirming that thaation is first order.

k= —2.303 x slope = —2.303 x (—2.88 x"1@*
=-6.63 x 10s*

Example 4
Azomethane (Ckl- N = N — CH) decomposes at 600 k as pr the equation:
CH-N=N-CH(g) C2H6 @) + N2 Q)

The reaction rate was followed by measuring théigdgoressure of azomethane
(PA) at different time intervals and the data axeg below:
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PA/pa

10.9

7.6

5.3

3.7

2.6

t/s

1000

2000

3000

4000

Using the data, test whether the reaction followgt brder kinetics and calculate
the rate constant.

Solution

The concentration of azometharma) can be relatetb its partial pressure (PA.)

as follows:

pA=caRT Orpaa ca

So we, can use partial pressure of azomethane.ifh.Efy instead of concentration
as shown in Eqg. 1.28 Rearranging Eq; 1.28 we get,

where fA)o and(PA.); are the partial pressures of azomethane at theasthafter
a time,t. We tabulate the data accordingly:

log(PA)t/Pg  1.04 0.88 0.72 0.57 0.41
t/s 0 1000 2000 3000 4000
“1.0T % —
ot 510pe/= (0.49-0.99)

0.8+

[ressesfessnsen et cois ey

(3600 —350) s

=—1.54x10%s"

0}

L)
1000

1
2000

i L
/s 3000

T
4000

5 X
25000

Fig. 1.4: log (Pa)t against t plot for the deconipms of azomethane

log (PA)y, is plotted againgtas shown in Fig.l.4
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From Fig. 1.4, we see that the graph is a strdight Hence, the decomposition of
azomethane is a first order reaction.

Slope =1.54 x18s*
k = -2.303 x slope, = -2.303 x (-1.54 x168™)

=3.55x 10" st
Example 5

The hydrolysis rate of benzene diazonium chlor@#gN = NCI) in its aqueous
Solution was followed by measuring the volume dfagen evolved at different
time intervals. The reaction was found to be fosler. Using the data given
below, calculate the first order rate constant.

Time /s 0 1500 3000 4500 00
Volume of N 0 6.4 12.1 17.6 81
cm’
Solution

In this example, the rate measurement is donenmstef the product. The volume
(V) of nitrogen produced at any given tinhgs proportional to the concentration
of benzene diazonium chloride react&ll The volume at « (i.e., V., indicates
the volume of nitrogen produced by the complete rblydis of benzene
diazonium chloride and, it is proportional to timial concentration of benzene
diazonium chloride.

So, [Ap © V.,
Xa Vi
and [Ab—Xx aV, -V
Hence [A} = Vo
Afo=x Vo=

Using this relationship in Eq.1.29,

log Vo = kt
Voo _Vt 2363

ie., logW¥.—WV)=logV,—__ kt
2.303
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Using the data given abové/{-V;) and log V.. — V;) values are tabulated for
differentt values.

Timels 0 1500 3000 4500
V., — Vp)lenr® 81 74.6 68.9 63.4
log (V.. —Vo)lcm® 1.908 1.873 1.838 1.802

84 N\
i o g— . ’
'".2. e
! (i81-1.90D "
1} “
, ' Slope = o550 =350y . -
gl - ‘
-1 =236 x 10-3 s
! 3
1 ]
]
1
. ]
- 2l A
L
-~ T
&= '
] [
> H}
ot '
& v
£s. :
hand [}
'
1
[ ]
[3
- [ ]
]
ad |
— [ ]
[]
[ ]
H - .
A - . - ——————— e = - - e e e e e
. ; U T .
(1.80.0) 1000 . 2000 t/s 3000 | 4000 5000

Fig. 1.5 log (v, — %) against t plot for the hydrolysis of benzene diamium
chloride

In a first order reaction, the amount of the reaict@maining aften half-life
periods is given by the formula:

log (V.. —V;) is plotted againdtas shown in Fig. 1.5

From Fig. I.5
slope = —2.36 x 10s*
k=-2.303 x slope
=2.303 x (—2.36 x[Bs?
=5.44 xI0° st
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In a first order reaction, the amount of the resictamaining after n half-life periods is give
by the formula:

Concentration
of the reactan
remaining afte

n half-lives
Initial
- (l )” X concentration
2 of the
reactant

Half-Life of First Order Reactions

The time taken for the concentration of a reactariall to half its initial value is
called the half-life of a reaction. It is denoteglthe symbolt. We can derive an
expression useful in calculating the half-life o§u@bstance undergoing first order
reaction using Eq. 1.21.

log [Alo = kt ..(1.21)
Ak 2.303

We must bear in mind that when
t =1t/ [Alt = [A] o2

Using these relationships in Eg. 1.21, we get,

log [Alb = kb ..(1.21)
[Al/2 2.303
i.e log2 = ki,
2.303
or t, = 2.303log2 = 0.693 ...(1.30)
k k

From Eqg. 1.30; we understand that t%2 does not dkperinitial concentration of

the substance in the case of a first order reaclibis means that for a given first
order reaction, half-life period is the same, whatebe the initial concentration;
this leads to an interesting result that the tiraken for the changes in the
concentrations of the reactant such as,

30



[Alo— [A]o/2
or [Alo/2 — [A] /4
or [Alo/4 — [A]o/8
is the same. The half-life periods required to driabout decrease in

concentration of a reactant upto 12.5% of its ahitconcentration can be
represented as in Fig, 1.6

[A], — 24 50%[A],—2 25T[A], ——L25 12.5%[A],

2t1/2 /
3tz :

Fig 1.6: Change in % [A]o over the first three H&l periods of a first order
reaction)}t ¥z isthe half-life period for tile con version, [A 150% [A ]o.

Example 6

The first-order rate constant for the decompositibN,Os at 340 K is 5.20 x Id
s'. Calculate the time required for the concentratibN,Os to fall to (a) one-half
and (b) one-fourth of its initial value.

Solution

a) Using Eqg. 1.30:4 = 0.693
k
= 0.693
5.20 x 16 s*
=133s
Hence, time taken for the concentratiohl£fis to decrease by 50% is 133 s.

b) The time required for the decrease in threcentration of hNOs to 25% of
its initial value is twice the half-life periodgi, 266 s.

Having studied the equations useful in calculating first order rate constant
half-life period of the reactant, let us derive g&mequations for second order
reactions.

Integrated Rate Laws for Second Order Reactions

There are two types of second order reactions.
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) A single reactant could give rise to prouthrough a second order
reaction.

A — Products ...(1.32)
The rate equation is
rate = iIAL =k [A]2 ... (1.33)
t
wherek is the second order rate constant.

Two examples of this type are given below:

2NG; (@) — 2NO @) + G (9)
2HI1 (g) — H2(9) + 12(9)

i) Two different reactant molecules could reactgive products through a
second order reaction.

A + B — Products ...(1.34)
The rate equation is
reaction rate = k [A] [B] ...(1.35)

Examples of this type are given below. Ndtat the stoichiometric ratio t»f the
reactants is 1:1.

Ha(g) + 12(9) — 2 HI(9)
CHsBr (ag) + OH ~ 4q) — CHsOH (aq) + Br~ &q)
CH;COOGHSs (ad) + OH ~ &q) — CHsCOO™ 4q) + C:HsOH (aq)

Again the study of these reactions could be sinegliff the initial concentrations
of both the reactants ([ A &nd [B }) are the same, i.e..,

i.e.[AJo-[Bloandso[A]=[B]
where [ A] and - [ B ] are concentrations of teagtants at any given time,

Then, Eg. 1.35 takes the same form as Eq.1.33

Rate =-d[A] = K[A][B] = k [AJ[A]
d ...(1.33)
=% [A]?
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Thus, we could see that the rate equation takesahe form for a second order
reaction, if the reaction is:

i) second order in a single reactant or

i) first order in each of the two reactantglsuhat the concentrations of the
two are same throughout the reaction.

We use EQ.18.33 as the rate law for both these tipes. We derive the
integrated rate law for these two under case (i).

Case (i): Integrated Rate Law for a Reaction that Bllows Differential Rate
Law as per Eq. 1.33

We start with the differential rate law,
_d[A] =K[A]? ...(1.33)
dt

The integrated form of this equation can be obthuging the following limiting
conditions:

At time = 0 (i.e., at the start), the concentratadnA = [ A Jo. At time = t, the
concentration of A = [A]t.

Applying these limits on the rearranged form of E@3, we get,

[Ale d [A] !

_ A S ¢ Kt ..(1.36)
Je A T[]
ie., _ YA =kt-0 ...(1.37)
()
[Alo
1.1 =kt .(1.38)
(T A
1. 1 =kt .(1.39)
[Af [Alo
_1- 1 +kt ..(1.40)
or (Al [Alo
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The second order rate constant can be calculatgdoliyng I/[ A ]; againstt. A
straight line curve must be obtained, if the reacts second order in the reactant.
The slope of the straight line gives the seconeéiorate constant.

k = Slope ..(1.41)

Each successive half-life is double the precediffltie in a second order reaction. In a firpt
order reaction, all successive half-life periods same.

We shall later illustrate this method in Example 8.
Half-Life of a Second Order Reaction

For reactions following second order rate as p&3,1an equation could be
derived which is useful in calculating the haltliperiod.

At the half-life period (t =3t), [ A ]t - [ Ao J/2. Using this in Eq.1.40,

1 - 1 kip
[Ad/2 [Ab
2 = 1 -kt
ie., A Ab
¢ "o 4t

[Al, —— 50%[A], ——> 25%[A],——> 12.5%[A],

3t

1

Tt

Fig. 1.7: Change in % [A]O over three successive ldives in a second order
reaction tl refers to half-life for the change in oncentration from [A]O to
50% [A]O

...(1.42)

t, = _ 1
k [Al

From Eqg.1.42, we understand that is inversely proportional to initial
concentration for a second order reaction. Asahitbncentration of the reactant
decreasedy, increases. If for the decrease in concentratiod @b 50% of its
initial value, time required is 100 s, then for tfenge from 50% A to 25% A, it
will require 200 s.
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Three successive half-lives for a second ordertimacan be represented by
Fig.1.7

Example 7
At 700 K, the second order rate constant for tlaetien,

2HI(g) — H(g) + 1x(0)

is 1.83 x 1¢ M s. Calculate the time taken for 1.00 x“®l Hl to fall to
(a) one-half and (b) one-eighth of its initial centration.

Solution

a) Using Eq. 1.42,4 = 1 = 1
k [A] 1.83 x IHx 1.00 x 1¢

=546 x 10s.

Time needed for the decrease in concentration ofoHine-eighth of its initial
value is seven times the value calculated abovehawn in Fig. 1.7; i.e. time
needed is 3.82 x 1@.

Now we derive the integrated rate law for a reactiwat is second order overall
and is first order in each of the two reactants ifvdifferent initial
concentrations.

Case (ii): Integrated Rate Law for a Reaction tht Follows Rate Law as per
Eq. 1.35.

Let us start the reaction between A and B withedéht initial concentrations,
[A] o and [B]o. Let these two react to give products as per dte law given in
Eq.l.35

A + B — Products ...(1.34)

Reaction rate K[ A][B] ...(1.35)

For simplicity we have taken the reaction in whitte stoichiometric coefficients of th
reactants are same. But similar methods can be®wetl for reactions with different
stoichiometric coefficients.

1%}

As per the reaction stoichiometry, A and B reacthia ratio 1:1. Aftet seconds
let the concentrations of Aand B be [ )kand [B } - x.
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Hence, the reaction rate = -d [A]= -d [B] = k[A][B]
t

d

ie. = -d {[AJ]o—x} = k{[AJo—-x}{[B]Jo- x}
d

i.e. =

d{[Alo + & = k{[AJo-x}{[Blo- x}
d  dt
So ‘& =k {[A]o— x H[B]o - x} .. (1.43)
o

d [A]J0 =0 since [A] 0 is a constant.
td

In order to get the integrated form, we have tmdfarm Eq. 1.43 as shown
below:

o = kdt o (1.44)
{[A]J0 — x K[B]O — x}

Let us write the expression, 1 as follows:
{IAI0 — x H[B]O - x}

1 = ) + q ....(1.45)
{Al0 — x {[B]O — x} {[AI0 —x} {[B]O —x}
ie., 1 = p{BJ0—x}+ q{[AJ0—x}
{Al0 — x {[B]O — x} {[Al0 — x }{[B]O — x}
In other wordsp {[B]O — x} + q{[A]0—x} =1 ...(1.46)

Put x = [A]0, therp {[B]O — [A]O = 1

or p= 1 .. (1.47)
[B]O —[A]O
Hence, p= _ 1 ... (1.48)
[A]O - [B]O
Put x=[B]0Oin Eq. 1.46
Hence {[A]0 - [B]O} =1
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or g = 1 ...(1.49)
[AJO - [B]O

From Egs. 1.45, 1.48 and 1.49

1 = _ 1 + 1
{[}A]0 — xH[BJ0 - %} {[AI0 - [BJOXIAJO — x} {[AI0 - [B]JOK[B]O -
X

... (1.56)
We have adopted thpartial fraction procedure in the above steps.
Using Eqg. 1.50 in Eq. 1.44

- X . X =kdt ... (1.57)
{[AJO — [BJOH[AIO — %} {[AJO0 — [BJOK[B]O — x}

You can see that the two terms in the L.H.S. ofLExf contain either {{A]O — x}
or {[BO] — x} in the denominator. The splitting ¢fie expression in L.H.S of Eq.
1.44 through partial fraction method facilitatesges of Formula.

Attime=0,x=0 (“x” denotes the change in concentration afrB due to
reaction)

At time =t, x=t

X xd 1 =k

X ! ... (1.57)
Jo (A0 - [BlO)BIO- % [, (A0~ BIOHIAID - %]

Xt

1 1 X
-0 [~ @10-X 5 g [ -in@a0-3) =«
Aoy I (Blo—x)—InfBl} + =i {0 (Al o—x) ~ InfAly= kt

1 In ([Alo=xt) [Blo =« ...(1.54)

[Alo—[Blo ([Blo—X1) [A]o

log ([Alo=xt) [Blo = K{[A]o—[Blo}t

([Bb —xt) [Alo 2.303 ...(1.55)
log ([Alo—xt =log [Ab +k ([Alo—[Blo):
([Bp —xt B} 2.303 ...(1.56)
By plotting log [Ap —xt against t, a straight line is obtained. The slofpine
[B]o —xt
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straight line is equal td ([A]o— [Blo)
2.303

k= 2.303 x slope ... (1.57)
([Ab - [Blo)

The name saponification is derived from the faet #paps are produced by the hydrolysig of
esters of long-chain fatty acids using alkalies.

Let us discuss the saponification of ester as amele for the calculation of
second order rate constant. The hydrolysis of ebteran alkali is called
saponificaion. For example, the saponification oftimyl acetate can be
represented by the following equation:

CH;COOCH; + OH — CH;COO + CH;OH

The saponification rate is studied as follows. Aateon mixture is prepared with
known concentrations of alkali and ester. At regiéervals, certain volume of
the solution is withdrawn and titrated against de&ad HCI. From the titre values,
the concentrations of the unreacted alkali and uheeacted ester could be
determined at various time intervals.

The rate constant can be determined using,
i) Eq. 1.40 and 1.41. if the initial concentratiaisster and alkali are same;

i) Egs. 1.56 and 1.57, if their initial concentoais are different
Now study the following example.

Example 8

The saponification of methyl acetate using sodiwmrbxide was studied at 298
K. The initial concentrations of the alkali andegsin the reaction mixture were
both 1.00 x 18 M. The reaction rate was followed by titration @fdefinite
volume of the reaction mixture with standard HCleTconcentrations of
unreacted alkali, [ Ai] at various time intervals are given below:

Time/s (240 550 720 ' 1000 ; 1550

107A]/M  |6.85 4.81 4.17 3.38 2.49

Calculate the second order rate constant.
Solution
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Since the initial concentrations of the alkali dhd ester are same, we can use

Egs. 1.40 and 18.41 for solving this problem. Wmulate _ 1 values

[A
against various time intervals as follows:
Y 146 208 240 296 402
[Alt
t/s 240 550 720 1000 1550

As suggested by Eq. 1.40, 1/[A]t against t pla ®raight line (Fig. 1.8) showing
that the application of methyl acetic follows sed@mder kinetics.

Using Eq. 1.41, k = Slope

=0.194 M s*
Joemgm
(1450 - 360)
) =
M . =0.194 M- g
360+
'l_M
Al
280=4
200+
1
1
'}9/1/‘"“"“"“"3“""“"""""“‘1!
T =T T VLW
(120, 100) | 500 & 900 +t/s 1300 | 1700

Fig. 1.8: 1/[A] against plot for the saponification of methyl acetate.
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Having some experience with the differential aralititegrated forms of rate laws
for first order and second order reactions, welshatuss zeroth order reactions
in the next section. Also, we shall give some exaspf third order reactions.

SAQ 4

State the units of the rate constants for zerodemifirst order and second order
reactions. The rate of reaction is measured inM s

SAQ 5

The decomposition of HI is a second order reactary.00 K the rate constant for
the reaction is 1.83 x foM™ st. If the initial concentration of Hl is 1.00 x 10-2
M, calculate its concentration after 16805 s.

1.5 Summary
1.6 Terminal question

1) In the formation of ammonia,
N2 (9) + 3H2 (9) — 2NHs (9)

the rate of consumption of hydrogen at a particinlstant is 4.78 x It
M s™. What is the rate of formation of ammonia?

2) The rate constant for the decomposition g\t 340 K is 5.20 x Id
s'. This reaction follows first order kinetics. If ehinitial rate of
decomposition of BDs is 2.60 x 1¢ M s!, calculate the initial

concentration PO:s.

3) What is the time required for 87.5% decosiipan of N,Os at 340 K? Use
data from the previous question.

4) What is the half-life period for the firstrder decomposition of

azomethane at 600 K
ifk =3.55x 10 s'?
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5)

The reaction,
2l @g + SO gag) — l2(adg) + 2SO &9
was studied at 298 k. The following result wereagted where
2-
rate =A[S,0 8 |
At

[l ]0 and [$C§_ 10 denote the initial concentrations of the species

10 [I”]0/M 16 x [S2CE" Jo/M 16 xInitial rate/M &
8.0 4.0 12.50
4.0 4.0 6.25
4.0 2.0 3.12

Determine the rate law.

1.7 Anawer
SAS
1) Using Eq. 1.2 d[Oz] = Rate
—d—
=2.74 x 18 Ms*
2) 1 ( -d[HI] ) = d[H
2 d d
3) i) Spectrophotometry
i) pH measurement, conductance or titration
iii) pressure measurement
4) Units of k :
zeroth order : VES
first order : st
second order : Ms?*
5) Substituting in Eq. 1.40
1 1 -3 5 1
— +1. 17 x 1. 1P| M
Al = [ oo x1g F B3 X 10X 168 ]
[A]; =2.45x 1G M
TMA
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1) 1 -dH2] = 1 dNHy
3 —tt 2—td—
Hence, dNH] - 2 (-d[H2] )= 2 x4.78x16Ms?
td dt 3
=3.19x10Ms*
2) -d [N,Os] =k [N2Og]
d
Hence, [NOs] = 1-d [N;0s] = 2.60 x 1d M s
K td 520 x 10°s™
3) [Al: = 12.5% [A} = [A]o/8
UsingEq. 1.20¢-2.303log [A]o
k —AKS
- (_2.303
( 5.20 x 16109 § s = 400s
4) Using Eq. 1.30,t= 0.693 - 0.693
k 355 x 10 s=1950s
5) Let us write the rate law as,

v=k[I T "[S:02"]"

As in Example 11, m =_log 12.50 x¥6.35 x1¢f =,

log 8.0 x 10-2/4.0 x F0

n=1log6.25x 1§/3.12 x 16 =1
log 4.0 x1G3/2.0 x 10°
The rate law is,
rate =k [ F ] [S;03]
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UNIT 2 HIGHER ORDER OF REACTION

2.1  Introduction
Objective
2.2 Zeroth Order
2.3 Third Order Reactions
2.4 Pseudo First Order Reactions
2.5  Determining the Order of Reaction
2.6 Fast Reactions
2.7 Sommary
2.8 Terminal question
2.9 Answer

2.1 Introduction

In this unit we will study zeroth and third ordeguations. These equations will
be used for calculating the rate constants of ¢aetions. We shall then explain
the methods of determining the order of reaction.

Finally, the methods of studying fast reactiond ba dealt with.

Objective

. derive integrated rate laws for zeroth ahddtorder reactions and use
them for calculating rate constants,

. state the methods for determining the oadeeaction

2.2 ZEROTH ORDER

The rate law for a zeroth order reaction is offtilwing form,

Zeroth order reaction is generally a heterogenesagtion.

- d[A] = K[A]° =Kk .. (1.58)
d
Since AP =1

In a zeroth reaction, the reaction rate is indepahdf the concentrations of the
reactant.

Some examples of zeroth order reactions are gietawb

i) Decomposition of ammonia on a hot platinum surface,
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Pt
2NHs(9) — 2N2(9) + 3H:(9)

i) Decomposition of nitrous oxide on a hot platmsurface.
Pt

2NO (9) — 2N (9) + O:(9)

i) Decomposition of hydrogen iodide on finelivided gold at 320 K.
Au

2HI (@) — H2(9) + 12(9)
Let us derive the integrated rate law for a zeawtter reaction.
Integrated Rate Law for Zeroth Order Reaction
Let us consider the zeroth order reaction:

A — Products

Let the concentration of A at the start be [A]o atsdconcentration at the tinte
be[AL

The integrated form oEq.l.58 can be derived as follows:

j[ -d [A] =J‘ kdt ... (1.59)
[Alo 0
-] Al [Al: k(t-0)
[Alo

- [A]; + [A]O = kt
ie [AJO — [A]; = kt
or [A] = [A]O — kt ... (16.0)

On plotting [A}], againstt, a straight line is obtained for a zeroth ordgeaton.
The slope s equal tok-

K = Slope ... (1.61)
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Example 1

The decomposition of hydrogen iodide on gold at B2i8 zeroth order reaction
and the rate constant is 1.20 % s

a) If the initial concentration of hydrogen iodite 0.500 M, calculate its
concentration after 3.00 x 36

b) How long will it take for all of the hydrogendale to decompose?
Solution
€) Using Eq. 1.60, [A]= [A]o- kt

= (0.500 - (1.20 x 1d x 3.00 x 16)) M
=0.140 M

(b) If hydrogen iodide completely decomposesntfA ], = 0

or - [Al0 = 0.500 M
Kk 120 x 1HM st
=417x108s

Hence the reaction will be complete after 4.17 3510
Half-Life of a Zeroth Order Reaction
As discussed for first and second order reactions,

[A]i=[A]o/2 whent = t%,
Hence, Eq. 1.60 becomes,

[Alo/|2 - [A]o — ktY2
or ktY2= [A]o/2

tY2 = [A]O

2k ... (1.62)

This means that the half-life of a zeroth orderctiea is directly proportional to
the initial concentration of the reactant.

Example 2

Calculate the half-life for the decomposition ofdnggen iodide on gold at 323 K.
Use the data from Example 9.
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Solution

Using the data from Example 9 in Eq.18.62,

tw = [AJ0 = 0.500 M =2.08 x 103
X 2 x 1.20 x 1TOM°1

From Examples 9 and 10, you can understand thareheth order reaction is
complete in two half-lives as shown in Fig. 1.9

t
[Alo —— 50%[AJo —— 0%[Alo

21

Fig. 1.9: Completion of a zeroth order reaction; t1 is the time taken for both the
conversions, [A]o — 50% [A]0 — 0% [A]o

2.3Third Order Reactions
There are a few third order reactions. Two examateggiven below:

2NO @) + O (9) — 2NO: (9)
2 NO @) + Br, (g) — 2NOBr ()

The methods of arriving at differential and integrated rate laws for third
order reactions are similar to those of first and escond order reactions. We
are not going to discuss the same.

SAQ 1

Using the data in Example 9, calculate the timeiireq for the decomposition of
HI on told at 323 K to proceed to 75%.
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2.4  PSEUDO FIRST ORDER REACTIONS

One of the ways of simplifying the study of reangonvolving more than one
reaction is to study under pseudo first order cionk. For example, considered
the reaction:

CHsBr(aq + OH &g CHOH (ag) + Br (aqg) ...(1.63)
Reactions rate = k [C4Br] [OH ] ....(1.64)

If the concentrations of CG#Br and OH are comparable, then the reaction is
second order overall as indicated by Eq. 1.46. 8sgphat the concentration of
HO is much larger (say, 10 times or more) tharctimeentration of CgBr. In
such cases the concentration OH  does not chamgfe daring the reaction and
can be considered constant. Hence, the reactierdegtends on the concentration
of CH3Br only.

Reaction rate &' [CH3Br]
Wherek' = k[HO ];k’ is the pseudo first order rate constant. The i@actan
be treated as first order for calculation purpostsice, the integrated rate law is

similar to Eq 1.21

log [CH3Brj0 = k't
[CH3Bf] 2.303

In general, the reactions like the above which effectively first order due to
large excess of one of the reactions are calleddus®rst order reaction.

Let us discuss the following two reactions whick atudied under pseudo first
order condition.

i) Acid Hydrolysis of Ester

The hydrolysis of ethyl acetate in presence of aemal acid (say, HCI) can be
represented by the following equation:

CHsCOOGHs + H,0 + HsO + CHCOOH + GHs0H + HO"
The reaction rate depends on [ester], [water] afgD[]. Here BO" ion is a
catalyst. Since the concentration of the catalystsdnot change during the
reaction, and water is present in large amountyehetion becomes pseudo first
order in ester.

Rate =k’ [ester]
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wherek’ includes concentration ands®'. If the reaction is carried out a solvent
other than water, the first order dependence omeiivalso could be seen.

The pseudo first order rate constant is determimetitrating a definite volume of
the reaction mixture containing ester and to HGhvetandard alkali. Let §/V;
and o be the volumes of standard alkali at the statéraf time t and after the
completion of the reaction.

Infinite reading (o) is usually taken after heating the reaction mitfor a few minutes o
after keeping the reaction mixture at the expertaeemperature for a long time.

Voo = Volume of alkali equivalent to i) acetic acidrated after the
completion of the reaction and ii) HCI present.

Vi = Volume of alkali equivalent to i) acetic aciddgproduced at the time
t and ii) HCI present.

VO = Volume of alkali equivalent to HCI only.

Since the concentration of HCI is constant througltlee experiments,
[A]o (i.e, Initial concentration of ester) a (Vo - VO)
and [A} (i.e Concentration of ester remaining unreachéyla{Vw - VO)

We can calculate pseudo first order rate constanthie acid hydrolysis of ethyl
acetate by using the following modified for of B&.21.

k, t = |og [A]O = |Qg VOO = VO
2.303 [A] Vo - VO
... (1.65)
where K’ is the pseudo first order rate constant.
i) Inversion of Sucrose
The hydrolysis of sucrose to form glucose andtése in presence of

mineral acid is similar to the acid hydrolysisestter as far as the reaction
kinetics is concerned.

CioH20011 + HoO + WO — . @H1506 + CeH1206 + H3O
Sucrose Gkro Fructose

Sucrose turns the plane-polarised light to thetrigle., it is dextro rotatory).

Glucose also turns the plane-polarised light toligite, while fructose turns it to
the left (i.e., it is laevo rotatory). On completi@f the reaction, the reaction
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mixture is laevo rotatory, since the angle of rotats more for fructose than for
glucose. To start with, the reaction mixture istdasotatory due to Sucrose. Thus,
the completion of reaction (infinite reading) is nked by the change in the sign
of rotation. Due to this reason, the reaction lkedanversion of sucrose.

If ro, ry, andr,, are, the angles of rotation at the beginningrditee t; and after
completion of the reaction, then the pseudo firsteo rate constank? for the
inversion of sucrose is given by:

f[g—T© (1.66)

k' = M’Iog 0

t t—1roo

Eq. 18.66 is a modified form of Eq. 18.21, wheréo[#s proportional torg — r o)
and [A} and is proportional tar§ — r ).

SAQ 2

Give the details of the graphical method of obtagnihe pseudo first order rate
constant for

)] acid hydrolysis bf ethyl acetate

i) inversion of sucrose.

2.5 DETERMINING THE ORDER OF REACTION
In order to write the rate law, we must know thdesrof reaction with respect to
each reactant. In this section, we discuss sombadstfor determining the order
of reaction.
1) Method of Initial Rates
The instantaneous rat; of reaction extrapolatethéoinstant when the reagents
were just mixed is called the initial rate of thedaction. Let us consider the
reaction

A + B — Products

Let the rate of reaction be represented as,

v=k[AI"[B]"
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where the reaction isi” order in A anch™ order in B. The rate constant for the
reaction isk. We have to obtain the initial rates from atleast ®xperiments in
which the initial concentrations of A y(a&nday) are different while the initial
concentration of Bl,) is constant

Rate in Experiment |- ka," b;"

Rate in Experiment Il = ka™ b,"

From theratio w;
¥, we can calculate m, sinceand a are known.

m

Rate in Experiment Il v ka™ by"

Rate in Experiment = vy = kay" by" =
) e

Extrapolation is the process of extending a cupi® @& desired ory coordinate to obtain the
corresponding y ox value.

Initial reaction rate, could be graphically arrivadby plotting the concentration of a reactant
against time. The tangent to the concentrationeisvdrawn at the very start of the reactipn
and its slope is calculated. The negative of thpesialue is the initial rate.

Taking logarithms we can write,

logvi = mlog &
V2 a2

Similarly, the rate is measured for one more expent in which the initial
concentration of A is, and the initial concentration of B lis.

So rate in Experiment Ill v3 =& b,"

n

Rate in Experiment l-vo = ka" by" - ...(1.69)
Rate in Experiment Il v k&' b,

logv, = mlog b
V3 b

Sincev,, vz b; andb, are knownn can be calculated. The overall reaction order =
m + n. You can understand this method from the follonesgmple.
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Example 3

For the reaction Gl(g) + 2 NO (g) ——> 2NOCI (g) thetial concentration
[Cl;]oand [NO} are given along with initial rates.

Rate = -d[C}]
dt
[Cl2]o/M [NO]o/M Initial rate/Ms*
0.10 0.10 3.0 x 0
0.20 0.10 6.0 x 0O
0.20 0.20 2.4 x 0

Calculate (i) order of the reaction with respectetch of the reactants and the
overall order: (ii) what is the rate law? (iii) calate the rate constant.

Solution
i) We can write the rate law as, k f{¥1[NO] ™

Similar to Esq. 18.68 and 18.70, we can write tdgafithm rations and, calculate
m andn as follows:

vi = k(0.10)"(0.10)"= 3.0 x 1M s*
v2 =k (0.20)"(0.10)"=6.0 x 10 M s*
v3=k (0.20)"(0.20' = 2.4 x 1G M st

log 3.0 x 1(? log @

Using Eq. 1.68, m = 6.018° = 30 =1
log 0.10 log _G?U
0.20 0.10
log 6.0 x 103 log L‘]‘
Using Eq. 1.70, n = 2.40¢1 = 6.0 =1
log 0.10 log 0.20
0.20 0.10

Hence, the reaction order in NO and first ordeClin The overall order is
2+1=3.
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i) The rate law is given below:
Rate = k [C]] [NO]?

[A] /10% M 5.00 4.00
t% /s 240 300

Calculate the order of reaction.

2.6  FAST REACTIONS

Many reactions are o fast that ordinary experinmem&thods mentioned in Sec.
18.3 are inadequate to make measurement of reaeties or the rate constants.
Such reactions are called first reactions and #iklife periods of fast reactions
are less than 10s. Some of the special techniques used for mewgutie
constants of fast reactions are:

» flash photolysis
+ flow methods, and
+ relaxation methods.

Of the above three, we shall discuss the first ogetm CHE 411. Now we
consider the principles of the other two methods.

Flow Method

Two techniques are available under low method oimtiouous flow method (Fig.
1.10 the reacting solutions or gases are takeaparate containers (A and B) and
are allowed to flow through the mixing chamber {i@p an observation tube (D).
At various points along the observation tube, tbmposition of the mixture is
determined by some physical methods.

iii) The rate constant can be calculated using @mg of the three rates given
above.

v;=3.0x 10 M s’ =k (0.10M) (0.10 Mj

k= 3.0x10 M?st=3.0Mm?s?
(0.10)
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Care must be taken in applying the method of iniages. For complex reactions
like the formation of HBr (discussed in the nexttgm) the product also affects
the rate. The method of initial rates is applicablsimple reactions only.

Clock Reactions
In the ease of some reactions, the time takerh®cblour change of the reaction
mixture can be used for measuring the initial r&ech self indicating reactions
are known as clock reactions. Example, the kinetics of the reaction,
2KI + KoS5058 — 2 KoSOy + |
Potassium
perdisulphate

can be monitored as a clock reaction. A reactiomtume is prepared using
potassium perdisulphate and potassium iodide ingheh concentration and
sodium thiosulphate in much lower concentrationgup of (starch is also
present in the reaction mixture. The reaction nietcolourless in the beginning
and it turns blue after some time.

The time,A;, between the mixing of me reactants and the appearof blue
colour noted. The blue colour develops due to itherdtion of free iodine, after
sodium thiosulphate (present in less concentrat®odnsumed completely as per
the reaction:

2 NaS,0p + I, — 2Nal + NaS,Og
Sodium
tetrathionate

The order of the reaction with respect to KI (mgl dine order of the reaction with
respect to KS,0Og (n) can be calculated by using the following folanu

log (1/At) = m log [KI] + n log [KeS;Og] + constant
A plot of log (1At) against log [KI] is made usingt values obtained by varying
[KI] and keeping [KkS;0Og] constant. The slope of the straight line gives m.
Similarly n is obtained from the slope of the gidiline got by plotting log (2v)
against [KkS,0Og]. For the second plotAt is obtained by varying [¥5,0s] and
keeping [KI] constant.
Experimentally it has been found that m = 1 andin =

Hence, -d[kS;0g] = k [KI] [K 2S,04]
For clock reactions, two more examples are givéovine

1) Acid catalysed iodination of acetone

2) Saponification of ester (using phenolphthalatigator).
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Some methods of studying fast reactions will beussed in Sec. 1.72.

2) Trial and Error Method

We can determine the order of reaction

i) by substitution for experimental data into Eg21, 1.40 and 1.60

i) by graphical method using plots such as log §&hinstt, 1/[A] againstt
and [A] against. The order of the reaction is one, two or zeroetheling
on

i) which of the equations gives rise to a constatde fork or

i) which of the plots gives a straight line.

3) Half-Life Method

The half-lives are determined using different aditiconcentrations of; the

reactant. If the half-life is independent of inittmncentration, the reaction is first

order. If the half-life is inversely proportionalo tthe power of initial

concentration, the reaction is second order. Ifithi-life is directly proportional

to the first power of initial concentration, thection is zeroth order.

In general, half-life periodt) is proportional to [AJ*" where [A} is the initial
concentration of the reactant amés the order of the reaction.

If the half-life periods at& andt, corresponding to the initial concentrations

[A]1 and [AL of a reactant, then

B - ([Alz )1'“ AL Y
t [Al = [Ad
n-1= logta/ty

log [AM[A] 2

n=1 + |09t2/t1 (171)
log [AW/[A] 2
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Example 4

For the decomposition of acetaldehyde in gas-patg81 K, the half-life periods
are 328 s and 572 s corresponding to the initiatentration 9.72 x 1M and
4,56 x 10° M.

Solution
Using Eq. 1.71
n=1+ log 572/328 0.2415

log 9.72 x 10-3/4.56 x 10-3 =1+ 0.3287.735

The order of the reaction is 1.735. Note that tlieoof the reaction is fractional.

4. Isolation Method

In the case of reaction having more than one ragcthe rate law can be
simplified if the concentrations of all reactanteept one are taken in excess. The
reaction rate then depends on the reactant presé&gser quantity. The order of
the reaction is determined by one of the methodengabove. It is equal to the
order in the reactant present in lesser quantitys procedure is repeated in turn
with each of the reactants being in lesser amoumievothers are in excess. The
procedure is called Van't Hoff's isolation method.

For example, consider the reaction,
A + B — Products
For which the rate law is,
Rate = k [A]"[B]" .. (1.72)

In the first set of experiments B is in excess @®mared to A, such that the rate
depends on A only.

Hence, the rate kq[A]™ ... (1.73)
Where k; = k (Initial concentration of B) .. (1.74)
Since B is in excess as compared to A, the coretémtrof B almost remains a
constant throughout the experiment. From the ta¢enteasurements) can be

found out using graphical method.

In the second set of experiments, [A] is much laagecompared to [B]. The rate
measurements are made and using the rate law beltad,n is calculated.
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rate = k[B]" .. (1.75)
where ko =k (Initial concentration of A] ... (176)
The overall order of the reactionris+ n.
SAQ 3

For the alkaline hydrolysis of ethyl nitrobenzoattee half-life periods and the
initial concentrations are given below:

Fig. 1.10 Apparatus for continuous flow method

Using the method, reactions which get completedinit0® s can be studied. But

this method requires a large volume of the reastdntorder to study the reaction
rates using small volumes of samples, a refinedhotkis used which is known as
stopped flow method. The reacting solutions areddrthrough jets into a mixing

chamber where mixing occurs very rapidly (within*0) The solution passes at
once into the reaction vessel from the mixing chamfhe flow is then stopped

and measurements are made using suitable physiethlods. This method is

widely used for the study of enzymes kinetics.

Relaxation Method

For studying reactions, which are complete withd® % or even less, one of the
problems encountered is that the time of mixing ris&ctants should be much
smaller than the time taken for the completion e teaction. To avoid this
problem, relaxation methods have been develope@ ielaxation method, we
disturb a reaction at equilibrium using an extermdluence such as sudden
variation of pressure otemperature (known as pressure jump or temperature
jump). The system is said to be perturbed fronedpsilibrium position.
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The perturbed system then returns to a new equifibrposition. Relaxation
refers to the passage of a perturbed system tondwe equilibrium. The
concentration of the perturbed system is recordec@ous time intervals, using
suitable physical methods. From these measurenieigqossible to measure the
rate constants.

27 SUMMARY

We derived the integrated forms of rate expressfonghird order and zeroth

order reactions. We defined and illustrated theugsdfirst order reactions. We

explained the methods of determination of ordeeattion.

Finally, we gave an outline of the methods] of gind fast reactions.

2.8 TERMINAL QUESTIONS

6) Explain two methods for the study of fast reacsi

7) The relaxation methods are suitable for measurimg tates of fast
reactions. The experimental techniques (such ssétry mentioned in
Sec. 18.3) are not useful for this purpose. Explagnreason.

29 ANSWER

Self Assessment Questions

1) Using Eq. 1.60

[Al; = 25 x0.500 M =0.125 M
100

+= (0.500 — 0.125)
1.20 x 10"

=3.13 x 16s

2) i) After obtainingVo, V; andV,, as explained in sec. 1.6, 10d.(- V\)
is plotted againdt

k'= -2.303 x slope

where k' is the pseudo first order rate constant for thed aci
hydrolysis of ester.

i) Usingro, re andr = values, logr —r) is plotted against
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k =-2.202 x slope

wherek’ is the pseudo first order rate constant for thverision of
sucrose.

3) UsingE.q1.7h,= 1 +log 300/240
log 5.00 x 18400 x 107

0.0969
n=1*700069 - °
Terminal Questions
1. Seein Sec 1.11
2. Methods such as titrimetry need mixing of thactants. In the case of

many fast reactions, the reaction is faster thanrtixing time of the
reactants. Hence, methods such as titrimetry areiseful for measuring
rates of fast reactions. Relaxation method avdimdsproblem of mixing
the solutions, and hence, is useful for measuhegates of fast reactions.
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UNIT 3 SOME REACTION MECHANISMS

3.1 Introduction
Objectives
3.2 Some reaction mechanisms
3.3  Theory of Unimolecular Reactions
3.4 Theories of reaction rates
3.5 Summary
3.6  Terminal question
3.7 Answer
Appendix

3.1 INTRODUCTION

Chemical kinetics is the study of rates and medmasiof chemical reactions. The
rate of a reaction depends on many factors sucthesoncentration of the
reactants, temperature, catalysts, etc. Some sé thaetors were examined in unit
1.

We shall discuss the mechanism of simple reactidve. shall illustrate the

significance of rate determining step in explaining rate law. We shall study the
effect of temperature on reaction rates. We shatliesthe theories of reaction
rates.

Objectives

After studying this unit, you should be able to:

. define elementary reaction and molecularity,

. propose mechanism for simple reactions using tperaxental rate law

. discuss the theory of unimolecular reactions,

. explain Arrhenius equation, collision theory anthated complex theory,
and

. describe the methods of studying fast reactions.

3.2 SOME REACTION MECHANISMS

Many chemical reactions take place through a sefisteps. Each step is known
as anelementary reaction. A reaction mechanisnis a series of elementary
reactions proposed for explaining the rate law toe overall reaction. The
elementary reactions are written as chemical egmatuch chemical equations
give a possible explanation for the reaction path.

For an elementary reaction, the molecularity isstume as the order of reaction

‘The rate
law for each elementary reaction can be writtenngignolecularity. The
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molecularity is the number of reactant moleculesatoms in an elementary
reaction. If there is only one reactant molecule #&om) in an elementary
reaction, the reaction is said to be unimolecudar elementary reaction in which
two molecules (or atoms) react is bimolecular react Most reaction
mechanisms consider mainly unimolecular and bimgégaeactions. The chance
of termolecular reactions (where three species@mmmmbine) occurring is much
less, because he probability of three speciesdandlisimultaneously is quite low.
An example each for unimolecuar and bimoleculactieas is given below.

Unimolecular Reaction

Os(9) > C2(9) + O @) ..(2.1)

A unimolecular reaction has a first order rate laence the rate of decomposition
of O; could be represented as follows;

Rate =k [ O3] ..(2.2)
Bimolecular Reaction

Os (9) — 02 (9) +2C; (9) -(2.3)
A bimolecular reaction has an overall second order law, being first order in
each reactant. Hence, for the elementary reacivengn Eq. 18.79, rate can be
expressed as follows:

Rate =k [0 ][ O3] ...(2.9)

Some of the guidelines followed in suggesting fieactmechanisms are given
below:

1) The elementary reactions when added musedeal to the coverall
balanced chemical equation for the reaction.

For example the overall reaction in the decomparsiof G; in the upper
atmosphere is,

205 (9) — 302(9) -.(2.5)
This reaction could be taken as the result of tlewing two elementary
reactions:
Step (i): Q(9) — O2(9) + O (9) -.(2.1)
Step (ii): Q(9) 0 @) — 20, (9) .--(2.3)
Overall reaction: 2¢4g) — 3O, (9) (Same as in Eq 2.5)
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2)

3)

4)

5)

While writing such a mechanism, one possible supmoiproving the
presence ofintermediates. For example, in the mechanism suggested
above, atomic oxygen is an intermediate. Such nmgdrates can be
detected by physical or chemical methods. Theygamerally reactive
species. Further an intermediate is produced didaikly used up.

The mechanism must agree with the overall rae determined;
experimentally. In other words the rate laws fog #lementary reactions
must be combined in such a way that the overadl leaw is explained. In
order to accomplish this, we must be able to dettideate determining
step Out of the elementary reactions suggested, theesit one is called
the rate determining step. The overall reactioe c@nnot be faster than
the slowest step in a mechanism. The rte detergstiep decides the rate
of the overall reaction.

For example, in the mechanism suggested for thendeasition of ozone,
Step i (i.e., Eq 2.3 is possible the rate detemgrstep. We shall explain
this shortly.

The possibilities of both forward and reversact®ns occurring fast must
also be considered! That is the possibility of aaiyic equilibrium must
also be examined. This is one of t the ways to

find a suitable relationship for expressing the cmmration of an
intermediate and

eliminate the term denoting the concentration efititermediate from the
rate expression for the overall reaction.

Kinetic information can only support a propdseechanism; it should not
be taken as a proof since a mechanism cannot begedbsolutely.

Only a few guidelines are given here for proposamgeaction mechanism.
However, these are sufficient for studying the tieacmechanisms of simple
reactions.

The studies on organic and inorganic reaction mashes have led to the growth
of separate branches of chemistry. You are advieethke up the course on
Organic Reaction Mechanisms, if you desire to stikgories of organic
reactions.

Now, we shall discuss the reaction mechanism inmglv

a fast equilibrium followed by a slow step.
a slow step followed by a fast step, and
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e achain reaction.

We shall also state the following types with anregke in each case without
discussing the reaction mechanisms.

« Consecutive reasons,
* Opposing reactions; and
» Parallel reactions
Example 1
For the decomposition OfO
205(9) — 302 (9) ...(2.5)

the overall rate law is given below:

Overall rate = k[%l 2 ...(2.6)
[©]

Suggest a possible mechanism to explain the ol$eate law.
Solution
You can see that the overall rate contains the ferrthe concentration of oxygen

which is a product. This indicates that the mecdranconsists of more than one
step. A possible mechanism is suggested throughZEgsind 2.3

ky
Stepi):  Q(9) <—k_> ©(9) + O (9) (fast) ..(2.7)
ko
Stepii): Q@) +O0(@)——»> 290) (slow) ...(2.3)

Note that the addition of Eq 2.3 and the forwardcton of Eq. 2.7 gives the
overall balanced equation as per Eq. 18.8l. Imtkeehanism suggested aboke,
and k, are the rate constants for the forward and therseveeactions as per
EQ.18.83k: is the rate constant for the reaction as per Bj. 2.

As per the mechanism suggested above,
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Overall rate =k, [O3] [O] ..(2.4)

Now we shall eliminate [O] in Eq. 18.80. For thigrpose, we shall assume the
following

Rate of formation of O = Rate of Consumption of O ...(2.8)
ie., ki [O3] = k4[O2][O] + ko[O4][O] ...(2.9)

This assumption is valid because [O] is extremehals at any given time. Its
variation with time (d[O]/d] is still small and it may be taken to be zeroisTh
type of assumption is called steady state apprdi@mand we shall discuss it in
Sec. 2.3

The above equation is written in the basis of theppsed mechanism which
implies that oxygen atom is formed in the forwaedgation of step (i) and is

consumed in the reverse reaction of step (i) amdstép (ii). The forward and

reverse reaction is as per step (i) are much hast the reaction as per step (ii). In
other wordsk; [O3] [O] is negligibly smaller thak,[O] [O].

Hence Eq. 2.9 becomes,

ki [Og] = k4[O7] [O] ...(2.10)
or  [O]= ki [Of] ...(2.11)
ki[O

Using Eq 2.11in Eq 2.4

Overall rate = }O3][O]

=k k  [03][O3 ..(2.12)
K1 [

ie., Overallrate= k [ ...(2.13)
[O]

wherek is the composite rate constant since it combinegdlte constant&;, k»
and k; per the equation,

k= kik ..(2.14)
k1
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You can see that Eq. 2.13 is the same as Eq 2.6
Example 2
The rate expression for the reaction,
NO; (g) + CO @) — NO (9) + CQ (9)
is given below:
Overall rate =%« [NO,]?

Spectroscopically N© radical has been detected. Suggest a mechanism in
keeping with these facts.

Solution

While suggesting the mechanism, the following fawtsst be borne in mind:

)] The stoichiometry for the overall reaction mhe as per Eq 2.18

i) As per Eq 2.19the rate does not depend on [CO] but depends @a]fN
This means that the reaction consists of more timenstep and CO does

not take part rate determining step.

iii) NOj is a probable intermediate in the reaction. Kegmpmview the above
features, the following mechanism is proposed:

Step i): NQ (g) + NG, (g) —NOs(g) + NO @) (slow)
(2.20)
Step ii) NQ (g) + CO @) — NO; (g) + CO, () (fast)

(2.21)

Overall reaction: N@(g) + CO @) — NO (@) + CG, ()
The stoichiometry is as per Eq. 2.18. Since [CO¢sdoot appear in the rate
expression step (i) is assumed to be slower theg(g). It is almost assumed that
the intermediate, N§) is consumed at a faster rate than it is formadother
words.
i.e., Overall rate = Rate of formation of NO

But rate of formation of | _ 2
NO3 (as per Eq. 2.20] = k[NO2]
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which is same as Eq. 2.19

Example 3

The rate for the reaction between hydrogen and i@ quite complex as given
by Eq 2.23

Hz (9) + Bk (9) — 2HBr () ...(2.22)
_d[HBr] -  k[Hj][Br”* ..(2.23)
d 1+ K [HBr]
[Brz]

Suggest a mechanism which could explain in the albate law.
Solution

To explain the rate law a reaction sequence ipgeed as follows:

ka
Br, — 2Br Chain initiation ...(2.24)
ko
Br+H, > HBr+H ~ ...(2.25)
ks
H+ Br,— HBr+ Br Chain termination ..2B)
Ka
H+HBr - H+Br ) ...(2.27)
ks
2Br — Br2 Chain termination ...(2.28)

The rate of reaction can be represented by Eq02&bting that HBr is formed
as per Egs. 2.25 and 2.26 and consumed as per&q. 2

d [HBdr] = ko [Br][H ] + ks [H] [Br2] — ks [H] [HBI] ...(2.29)

The negative sign precedikg[H] [HBr] in Eqg. 2.29 is due to the consumption of
HBr is per Eq. 2.27. The reaction sequence givaveals an example of a chain
reaction. In a chain reaction, an intermediate teedo produce another
intermediate. For example, Br, a radical intermedroduced as per Eq. 2.24
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reacts with Hto produce another radical intermediate, H. Ad#ireacts with By

as per Eq. 2.26 to give Br and so on. Reactionessmted by Eq. 2.24 is the
chain initiation reaction, since it is the start of the chain reactReactions such
as Egs 2.25-2.327 are knowndmin propagationreactions. Although Eq. 2.27
represents a propagation reaction producing Exlst results in the consumption
of HBr. For the latter reason, Eq. 2.27 represanishibiting reaction. Eq. 2.28

is a chain terminating reaction since the intermediates combine to give a
molecule.

Often an intermediate in a chain reaction is a fadical. A free radical is an atom or|a
fragment of a molecule and has an unpaired electron

To simplify Eq, 2.29, we must express [H] and [Briémms of [Br2], [H2] and
[HBr]. Such a step is required since the conceptnatof the intermediates are not
easy to measure whereas the concentrations oé#ttants and products could be
measured. Such a simplification is possible assgnilmat the net rates of
formations of intermediates are equal to zero.

i.e., d [Brl=¢ ... (2.30)
d

and d[H] -0 (2.30)
td

As per the elementary reactions given above, Borimed as per Egs. 2.24, 2.26

and 2.27; Br is consumed as per Egs. 2.25 and 2128 two bromine atoms are

as per Eq. 2.24 for every bromine molecule dissediand two bromine atoms

are consumed as per Eq. 2.28 for every bromine cul@eformed. Using these

ideas and g. 2.26, we can write,

d [Br] = 0 = % [Bra] — kz [Br][H 2] + ks [H][Br2] + ks [H] [HBr] — 2ks[Br]? ...(2.32)
at

Similarly, H is formed as per Eq. 18.98 and consliae per Eqgs 2.26 and 2.27.
Using these ideas and Eq.2.31 we can write,

d_[ﬂ}j: 0 =k [Br][H 2] — ks[H][Br 3] — ks [H] [HBT] -..(2.33)
t

By adding Egs. 2.32 and 2.33 we get,

2kq [Br] = 2ks [Br]?

or [Br] = (%)/ [B] * .. (2.34)
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From Eq. 2.33 we can write,

H] = ko [Ho] [Br]
ks [Br] + kg [HBI] ...(2.35)

Using Egs. 2.34 and 2.35, we get

kl 7 Y
k 4) [H] [Bra]
P
ks [Bry] + kq [HBI] ...(2.36)

Rearranging Eq. 2.29, we get,
d |H0Et3 | = ke [H2][Br] + [H] (ks[Bra] — ks [HBT]) -..(2.37)

Using Egs. 2.34, 2.36 and 2.37, we get
Yo

d [HBr] =k, (% [Bf] * [Ha] + (ks [Bra] — ks [HBI]) (ko (Ku/ks) %2 [Ha [Br]
d > ks [Bra] + k4 [HBI]

= ks (Kalks) ™ [Bro] * [Ho] .. (2.38)
ks [Bry] + ks [HBI]

Dividing the numerator and denominator of R.H.&biBr],

d[HBr] = 2Z¢ (ki/ks) * [Ho] [Bro] *
d 1. K MBI ... (2.39)
ks [Br2]

By comparison you can see that Egs. 2.23 and 2639aane, where

_ ki \ ” v _ ke
k = X 1) and k =2
2<k5) ks

The presence of the term [HBr]/[Brin the denominator of Eq. 2.23 or Eq 2.39,
has the following significance.

+ HBr formed inhibits the rate of the reaction
* At high [Bry], the inhibition is less

Both these predictions have been verified experiaiign

68



In the H-Br, reaction, inhibition takes place due to the prodtermed.
Sometimes, impurities are deliberately added to esamaterials to inhibit
undesirable reactions. For example, food produetselly get spoiled due to
chain reactions involving oxidation. To preserves tfbod products, it is
customary to use the preservatives which inhibitdaon by removing chain-
propagating radicals. Such "antioxidants" are aldded to plastics and rubber to
prevent their degradation.

Free-Radical Reactions

In H, - Br, reaction, H and Br atoms have unpaired electiomsthese are free-
radicals. In 1929, Paneth and Hofeditz reportedfdhmation of polyatomic free
radicals (CH radicals) by the thermal decomposition of leadateethyl. It was
found that lead was deposited as a mirror, in thieportion of a tube through
which hydrogen gas carrying lead tetramethyl vapoas passed.

ky
CHs —» 2CH

ko
CH; + GHg —» CH+ GHs

ks
CHs —» GH;+H

Kq
H+GHe —» H+ CoHs

ks
H+ GHs —> GHs

The free-radicals such as glnd GHs are detected by direct experimental
methods or from the products they give. Experimgntdtained rate law is given
by the equation.

rate =k [C,Hg] .. (2.41)

wherek is the overall rate constark:is the complex combination of the rate
constants of the individual elementary reactions.

Consecutive Reactions
We have postulated the existence of intermediates.many cases, the

intermediate in one step is the reactant in the.nBuch reactions are called
consecutive reactions. The rates of consecutivetioss could be stated in terms

69



of the concentrations of the reactants taken Ihjtiand the products formed n
each stage.

Example

Acid hydrolysis of diethyl adipate.

The radical intermediates can be removed by usihgtances like NO. Since NO molecule
has an unpaired electron, it combines with a raditarmediate which also has an unpaired
electron. This could result in chain terminationeréel NO molecule is called the radicpl
scavenger and it is said to quench the chain waclio prove the chain mechanism, such
radical scavengers are used.

Just as we can terminate a chain reaction usinigaladcavengers, we can start a chai
reaction using free radical sensitizers such as<CR{)( or Hg (CH),. To increase theg
decomposition rate of an organic compound, Pb3JCldr Hg (CH), is added. These
substances decompose, and introduces, Ctddicals into the system. This starts the
decomposition of the organic compounds throughanckeaction. Pb (C)l, and Hg (CH),
are said lo sensitize the decomposition of orgaaimpounds.

n

Opposing Reactions

In opposing reactions, rates of forward and revezaetions are both appreciable.
While proposing a mechanism both the reaction naest be considered.

Example

Formation of butyrolactone fromzhydroxybutyric acid.

HO — CH,}—'CH,~~ CH,— COOH I'&== < CH,— CH

Parallel Reactions
If a reactant can undergo more than one reactiom,résulting, reactions are

called parallel reactions. The rates of a set ol reactions can be measured
concentrations of the products formed in each case.
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Example
Nitration of phenol yielding-nitrophenol angb-nitrophenol,
o-nitrophenol
Phenol
ka

p-nitrophenol,

In the next section we shall explain the theoryminolecular reaction rates.

SAQ 1

For the following elementary reactions, write tagerlaws:
i) G; (9) + NO @) — 02 (9) + NG, (9)

i) CH3NC (@) — CHsCN (0)

i) Clz(g) — 2Cl ©)

For the reaction,
2NO (@) + G2 (9) — 2HG (9)
the rate law is given below:
Rate = kINO7 [O]
Is the following mechanism consistent with the tate?
k
Stepi) NO + Q 4_;, NQ Both rates fast and equal
2

ks
Step i) NQ+ NO—> 2N@ Slow
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Hint: Consider N@ as an intermediate.

3.3 THEORY OF UNIMOLECUIAR REACTIONS

A unimolecular reaction is an elementary reactiomvhich only one molecule or
a radical reacts. The unmolecular reactions folfivst order kinetics. A number
of gas phase reactions follow first order kinetiteese reactions are assumed to
proceed through unimolecular rate-determining sBg. how does the reactant
molecule attain the activation energy? The actwvatenergy is the minimum
energy needed do the reactant molecules to reattyedd products. If the
molecules obtain their activation energy throughlisions, it is difficult to
explain first order kinetics. A collision processeuls atleast two molecules and
hence, second order kinetics could be expectedhbufirst order kinetics. In
1992, Lindemann and Hinshelwood proposed a meamawisich could explain
the unimolecular reactions in which molecules attdieir activation energy
through collision.

Let two molecules of the reactant g3 ¢ollide yielding an activate molecule
(X ) and a normal molecul&). Such a collision is called an activating collision.

ka
X+ X—->X*+X ...(2.42)
Rate of activation oK = ky [X] [X] ... (2.45)

The activated molecule™*, can undergo either of the following reactions:

i) X* can undergo collision with another molecuteand lose its excess
energy. Such a collision is called a deactivatioljsion

ka
X+ X—->X+X

Rate of decay of X* = KX*] [X]
i) Alternatively, of X can decay to yield the product, Y.

ko
X —» Y ...(2.46)
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Rate of decay ok~ = Rate of product formation = d [Y] ks [X ] ...(2.47)
d

Note that decay of " is a unimolecular reaction.
If the decay ofX  yielding products is the rate-determining stepntithe overall
rate of the reaction is given by the following eagsion.

Rate =k, [X ] ...(2.48)

In order to express the concentration f, an active species, in terms of
concentrations of reactants (or products) in theugd state,steady-state
approximation is used. According to this procedure, it is assuthatl a steady-
state is reached after a reaction starts suchthieatoncentration of the activated
species is more or less a constant and does nogeheth time.

ie. dX'] -0 ...(2.49)

According to steady-state approximation, the cotrations of all reactive intermediates aye
constant and small during the major part of thetiea.

This means that the activated specks, is consumed as soon as it is formed.
SinceX is formed as per Eq. 18.15 and is consumed aBSg@®er2.44 and 2.46,

92%L=0=&MF—MMHXW—mMW ...(2.50)
ie., X T (Ka [X] + ko) = ka [X]?
or q —_ka[X]? ..(2.51)
e N E™

Using Egs. 2.48 and 2.51

rate =k ko[X]? ..(2.52)

From p =cRT or pa c.Hence, when the pressure of a gas is high, itsesuration is high.
When the concentration is high, there will be langenber of collisions.

(& [X] + ko)

At High Pressures

At high pressures, the number of collisions is éa@nd the probability of
deactivating collisions occurring; is high thattle rate of deactivation is larger
than the rate of product formation (through dec#yd; unimolecular decay o

is the rate-determining step at high pressures; i.e
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Egs. Such as 2.54 or 2.37 are instances of limitiogditions. Using such approximatid
procedure, it is possible to simplify a complicagephation as Eq. 2.52.

>

K'a[X'][X]>>k [X *]
or k'a [X] >>k, ...(2.53)
In other wordsk’a [X] + kp ~K'a[X] ...(2.54)

Using this in Eq. 2.52, we get

rate = kakb[X]2 = kakb [X] ---(2-55)
ka [X] ke

In other words, the rate is first order at highsstees.
At Low Pressures

At low pressures, the number of collisions decreaséhis means that the
activated molecule yields the product as soon fibised and there is not much
time left for deactivating collision to occur. Inther words, the bimolecular
formation of X ~ is the rate-determining step. Further, the rateledctivating
collisions is much small as compared to the raterofluct formation.

ko [X]>>ka [X][X]
or ko >> k3 [X] ...(2.56)
or ka [X] + ko ~ ko ...(2.57)

Using this in Eqs.18125,
rate = kakb[x]2 = ka [X] 2 ...(2.58)
ko

Hence the reaction follows second order kinetids\atpressures,
The variation of the order of reaction with pregsas predicted by Lindemann -
Hinshelwood theory could be observed in reactiaich @s the decomposition of

Using this theory we could explain the unimolecudacomposition of pDs at
high pressures.
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3.4  THEORIES OF REACTION RATES
The rates of many reactions increase with the inséeemperature. Arrhenius
proposed the following empirical relationship betwethe rate constarit, and
temperatureT.

Ink=InA-EJRT ...(2.59)

or logk = logA —E4/2.30RT ...(2.60)

where A is called the Arrhenius factor or frequeriagtor or pre-exponential
factor andE, is the activation energy. Activation energy is theeshold energy
that the reactant molecules must have in ordezdotr If log k is plotted against
1, a straight line (Fig. 2.1) is obtained for mamagctions. In such cases, the
=
slope of the line is — Ea/2.303R and the interesptl= 0 gives log A.

T
Egs. 2.59 is also written in the exponential fosrfalows:

[

log k )

it >—logA
-’

1
- T K
Fig. 2.1. Plot of log k against__1.
T
E/RT
k=A¢€ ...(2.61)

A possible reason for the: deviation from Arrhengggiation in some reactions is
that A aim E; may vary with temperature. The temperature depweleof
Arrhenius factor will be discussed in collision ¢ing. In the present discussion,
we consider that A anH, are constant for a reaction. If the activationrgpas
high for a reaction, it means that the temperatiegendence of the reaction rate
is also high. In such cases, even a small changengferature results in a large
change in the rate constant.

Although activation energy of a reaction can bewated Wm logk vs I/T plot,
another way of obtaining it is to calculate ratenstants K; and k;) at two
temperaturesTy and T, ). AssumingE, and Ato be constant and using Eq. 2.60,
we get.

75



log ks = logA —E/2.30RT; ...(2.62)
and logk; = logA —E4/2.303RT, ...(2.63)

Subtracting the terms in Eq. 2.63 from those inZE62,

log Q=;Ea_[1—_1]

ke 230 [T, T
=_Fa  (Ta_ Ty
2.30R T T»
i.e., log & = _Ea_ (T2 — T]_) ...(2.64)

Ky 2.30R T, T,

The unit ofA depends on the unit & For first order reactions has & unit which is the same a
the unit for frequency. This could be a reasonit®omname, frequency factoA is also called the
pre-exponential factor since it precedes the expialeerm in Eq. 2.61

12}

Let us work out an example.

Example 4

The rate constants for the decomposition oG are 1.01 x 18s* at 552K

and 3.85 x 18 s’ at 600 K.Calculate the activation energy and the frequency
factor for the assuming them to be independergraperature.

Solution
From Eq. 2.64,
_ RTiTy oq ke
E.=2.303 o-T) g ke
—| 2.303 x 8.314 x 552 x 60¢, 3.85 x 10 1
= [ 48 9 T1o1 x"io} J mol

Substituting for T = 600 K,Ex - 2.09 xI0 J mol* andk = 3.85 x 10 st in
Eq. 2.60
we get, logA = logk + Ea/2.303RT
= 4.4145 + 2.09 x 10
2.303 x 8.324600

log A =-4.4145 + 18.1924 = 13.7779
A = Antilog of 13.7779
A =6.00x16°s™
We can understand the significance of the teras,A and €¥R" during the
discussion on collision theory of reaction rates.
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Collision Theory

Collision theory is applicable to bimolecular reéant in gas phase. With some
modifications, this can be applied to unimolecul@ee Sec. 18.9) and
termolecular reactions also. We explain collisidredry using a gas-phase
bimolecular elementary reaction of the following.

X+Y — Product ...(2.65)

As per collision theory, the rate of a bimoleculeaction depends on
* The total collision frequency and
* Boltzmann factor.

Although the steric factor is also to be considesdule calculating the reaction
rate, it will be treated under the refinement dfision theory.

To understand the significance of Eq. 2.26, seeeAfjx I.

average speed of- RT )™
a gas moleculeu M,

i.e., Average speed of fﬂ} &

a gas molecule U) m
Since R =Naky, Mm =Na m

WhereM, is the molar mass and m is the mass of one ma@exfugjas and\, is Avogadro
constant.

While calculating the relative motion of particlésjs customary to use reduced mass in the
place of mass of one molecule of the gas.

Hence average relative [ kb'Bj i

Speed of the molecules = | m
of Xand Y
which is same as Eqg. . . . 2.68

p= MM, 1
M+M, Na 272

whereMy , M, andN, are the molar mass of X molar mass of Y and Avogadnstant
Eq. 2.72 comes from Eq. 2.70 since,
Mass of one molecule of a substance

= Molar mass
Avogadro constant
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Total Collision Frequency

Total collision frequency (&) is the number of collision between the molecules
of X and the molecule of Y in unit time in unit wwhe. Only X-Y collision are
counted but not X-X or Y =Y collisions, since om{yY collisions are possible for
the reaction indicated in Eq. 2.65

The total collision frequency (Z) in general cand&ived using the following
relationship:
n x (collision diameter§
x (average relative speed of gas molecules)
Z = /! % (number density) ...(2.66)
x (number density)
x (correction factor)

For calculating the total collision frequency (ZX&Mnong the molecules of X and
Y, as per Eq. 2.66, we use the following relatiopsh

1) Collision diameter sxy = ¥2 ox + ov) .. .(2.67)

where ox and oy are the diameters of the molecules, X and Y,
respectively. The collision diametegy is the distance of closest approach
between a molecule of X and a molecule of Y.

1)) Average relative speed of the
molecules of X and Y B [ KT Vj

i

.. .(2.68)

where k, is the Boltzmann constant (subscript b is addedk tdo
differentiate it from the rate constant), T is tesrgiure and is reduced

mass.

Notethat _1- 1 , 1 ... (2.69)
pooomx My

or = Mmy
m+ my ...(2.70)

wheremx andmy are the masses of one molecule of X and Y, reptateely.
iii) Let us now calculate the factor, (humber dé&)jsik (number density).

Since we have two types of molecules, X and Y, \weehto consider
number densities of both X and Y. Using Eq. 2.75
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To understand the significance of
Eq 2.66, see Appendix |.

Average speed of B |RT ¢
- [ MM n
a gas molecule (u)
1/2
i.e., Average speed of _ [_%Kﬁ'r_]

a gas molecule (u)
.. (2.71)

Since R=NMkp, Mm=Nam

Where My, is the molar mass and m is the mass of one ma@exfigas and Nis Avogadro
constant.

While calculating the relative motion of particlésis customary to use reduced mass in
place of mass of one molecule of the gas.

Hence ags relative 8KT
speediwd molecules = T
of Xand Y

this is same as Eq. (2.68)

IleMY 1
M= Mx + My Na
.. 272

where M, MY and N, are the molar mass of X, molar mass of Y, and Adogaonstant.

Eq. 2.72 comes from Eq. 2.70
Since,
mass of one molecules of a substance

Molar mass
= Avogadro constant

the
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Number density of a gas has been defined in

Subsec. 2.28 of Unit 2.
Number density

Numberef-moleetlesofthe gas—
Volume of the gas

- Pressure of the gas
Boltzmann constant x temperature

= —P
T .. (2.73)

Also note that
Concentration

Number of moles of the gas

= — Volumeofthegas—

= _P
RT

i.e., Concentration of a gas

_ P _ Number density
TNk T T N . (274)

Where N, is Avogadro constant.
i.e., Number density of a gas =
Na X (concentration of the gas) (2.7

Boltzmann factor is helpful in calculating th
number of molecules possessing ene
equal to or greater than a particular val
Boltzmann factor, in other words, is helpf
in calculating the population of the ener
levels.

Number of moles of X

[X] = volume

Number of molecules of X

= —NxVolume——

Number density of X

N

5)

e
raqy
le.

ul

Jy
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(number density of X) x (number density of Y)

In the case of collision between the molecules ofaxd Y (i.e., between
molecules of different gases), there is no necegsitthe correction factor. It is
because we calculate the collisions between; eactecuie of X and each
molecule of Y. Each collision is counted only onS® omitting the correction
factor and using Egs. 2.66, 2.68 and 2.79, we get,

8kyT )*
Zuy = oRy [k;’—u] N [X][Y] ..(2.79)

Thus we have obtained a relationship useful inutatong the total collision
frequency for the collision between each molectlX and eaOh molecule of Y.
Next we study the significance of Boltzmann factor.

Boltzmann Factor

You must realise that not all collisions betweea mholecules of X and Y would
result in the product formation. Only those codliss, in which, the energy of the
colliding molecules equals or exceeds some critialle E, (known as activation
energy as per Arrhenius equation), are effectivéringing about the reaction
between X and Y. IfE, >>RT, then the Boltzmann factor, €"" gives the
fraction pf the collisions in which the collidingatecules possess energy equal to
or greater than the activation energy.

Boltzmann factor = &¥R" ...(2.80)
Calculation of Reaction Rate

The product of the total collision frequency ané Boltzmann factor gives the
number of molecules of X or Y in unit volume reactag per unit time. This
follows from the definitions of the terms, totalllcsion frequency and the
Boltzmann factor. In order to obtain the reactiaterin terms of concentrations of
X orY (or thenumber of moles of Xor Y unit volume) consumed per unit time,
we have to divide the product,Z-R" by Avogadro constant;

Reaction rate = -d[X] = 'd[Y]
0§ t
Zy eERT ...(2.81)
Na

Using Egs. 2.79 and 2.81,
Y

2 | 8kpT ) 1
reaction rate Z1OXY| = 7| NA[X] [Y] e ~5/RT i,
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_ 2 |8kl |* _
= Toxy [n " J Na [X] [Y] e ~Fa/RT ...(2.82)
By definition, the reaction rate for a bimoleculklementary reaction as per
EQ.2.65 is as follows;
Reaction rate k [X] [Y] ... (2.83)

Comparing Egs. 2.82 and 2.83

K=n G)Z(Y [8?:;

Ya
] Na [X][Y] Nae®RT ... (2.84)
Eq. 18.155 gives the theoreticzal value of the maastant for a bimolecular
reaction as per collision theonyoxy is called the mean collision cross-section.
Collision Theory and Arrhenius Theory — a Comparism

You compare Arrhenius Equation (Eqg. 2.61) with E@4. You can see that the
frequency factor A is given by,

8koT )
A= moy [%] N .. (2.85)

From Eqg. 2.85, you can see tifats not independent of temperature as predicted
by Arrhenius equation. However, over a short rapigeemperature, the variation
in A is not significant. Arrhenius factor can be writies a product ok’ and T *
whereA ‘ is a temperature-independent constantlisdtemperature.

A=A T*

8k, T ™
Where A = 7t(52xy2 [%] Na

The factor T* indicated the temperature dependence of A as givEq. 2.85

Hence logA = logA’ T2 =1logA’ + 1/2 logT
Using this in Eq. 2.60

logk=logA’ + 1/2 logT —E4/2.303RT
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orlogk—1/2 log T = logA’ —E42.303RT

A better method of arriving at the experimentaluesl of Ea and A is to plot |dg
—1/2 logT against 1IT.

The slope of the plot gives,Ealue since
Slope = E4/2.303R

The intercept gives lo@’ value fromA’ values, A at any temperature can be
found out since

A=AT”
The value ofA so obtained is the experimental value.

It was found that in the case of reaction betweaeple molecules, the agreement
between the experimental value Afand the value obtained as per collision
theory (Eq. 2.85) is fairly good. In the case ohattons involving complex
molecules, there is a discrepancy between the talwes ofA. To explain the
discrepancy between the two valuesApfa refinement was suggested for Eqs.
2.84 and 2.85 in terms of steric factor.

Steric Factor

Although the molecular collision may have requisteergy, the reaction would
take place only if the molecules have proper oaeon. In other words, the
reacting species must have proper spatial oriemdtr the reaction to occur. In
the case of complex molecules, the probabilityttdiaing proper orientation for
the reaction is much less as compared to simplecutds. To stress the need for
the poor spatial requiremergteric factor or probability factor (P) was also
added to the right hand side of Eq. 2.84

8k, T 1™
Hence k= FanZY [T}J Ny NaeERT ... (2.86)
2 (BkeT )"
A = Roxy TH Na (287)
Also, P =AExperimentaI
Atheoretical (2.88)

The steric factor is smaller for reaction betweemplex molecules. We expect
the steric factor to be less than unity. But mast feactions are known for which
the steric factor is much greater than unity Cilfistheory. Collision theory
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cannot explain such cases. Let us now studyAittevzated Complex Theory
which gives a better method of calculating reactees.

Activated Complex Theory |

The activated complex theory or the absolute thebmeaction rates depicts the
formation of activated complex {jfrom the reactants (X and Y) as a preceding
step for the formation of the product, P.

X+Y— A
A* P
The main features of the activated complex theogygaven here.

The reactant molecules come into contact with edbhbr. In this process, a few
bonds get distorted, some bonds start forming with exchange or release of
atomic or groups. The composite molecule so forfnech the reactants prior to

the formation of the product is called the actidat®@mplex. The activated then
decomposes to give the product. The reaction seguaruld be represented as in
Fig 2.2

Activated complex is th
c configuration of the atom
which the reactant moleculgs
have near the top of th
energy barrier that separat
the reactants from th
products. Transition state Is
the highest point in the
potential energy curve.

S

P
-
P
-

Potential enérgy

Reaction coordinate

Fig. 2.2. Graphical representation of the change irpotential energy as a
function of reaction coordinates.

The total potential energy of the system is depdmdé¢he y-axis and thesaction
coordinate in the x-axis. Reaction coordinate is the sequence of samebus
changes in bond distances and bond angles. Sudigehaesult during the
formation of the products from the reactants.

Consider the reaction between a molecule gfaHd a molecule of.l To start
with, let us imagine that the two molecules aregdart and the total potential
energy of the system is the sum of the potentiatgias of H and b. This part of
the reaction course is represented by the horik@aidion AB of the curve in
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Fig. 18.11. As the two molecules approach eachrdtheuch an extent that the
orbital begin to overlap (appoint B in the curvel;H and |-l bonds begin to
stretch and H-I bond begins to form. The total ptig¢ energy starts increasing
and this is represented by raising portion of theve BC. As the extend of H-H
and I-I bond breakage and H-I bond formation irsgea point is reached when
the potential energy is maximum (point C). The\atgd complex, represented
below as a composite molecule, has the maximurmpatenergy.

Activated complex is the configuration of the atowlsich the reactant molecules have near the
top of the energy barrier that separates the retscfaom the products. Transition state is the
highest point in the potential energy curve.

The bond-breaking is an energy demanding processh@nbond-making is an energy releasing
process. The net energy requirement for the foonatf the activated complex and is
decomposition to products must be available thrainghtranslational or the vibrational energy
of the reactants.

Addted Complex

The maxima point in the potential energy curvealed the transition state. Even
a slight distortion of the bonds in the form of qmession of H — | bond and
stretching of H — H and | — | bonds enables thévatsd complex pass through
the transition state. The path along CD represhet€ourse, of the events which
result in the complete breakage of H — H and berids along with the formation
of H — | bond. The horizontal portion DE represethis total potential energy of
two H — | molecules. Although a fraction of the imated complex molecules

could form the reactants (along the path CB) then&tion of the produces is
almost a certainty, once the activated complextisha transition state. The
fraction of the activated complex converted intoodurcts is called the

transmission coefficient and, in majority of casess unity.

Energy Requirement for the Reaction

Now let us consider the energy criteria for thectiea. The energy requirement
for the reactants to cross the energy barrier isetanet from translational or the
vibrational energy of the molecules. At the trapsitstate, the activated complex
has some complicated vibration like motion of atimas. The activated complex
has one particular mode of vibration along whiclsiunstable. If the activated
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complex vibrates with the frequency correspondmghis vibrational mode, the
activated complex decomposes into products.

Rate Constant Calculation using Activated Complex Tieory
Based on statistical thermodynamics, Eyring dewsdothe activated complex
theory. The basic postulate of the theory is thedrd exists an equilibrium
between the activated complex and the reactantaid_eonsider thbimolecular
gas phase reaction,

X+Y > A ... (2.89)

where X and Y are the reactants, andig\the activated complex: The activated
complex then decomposes to give the product, P

Af P ... (2.90)

The rate of formation of the product depends on,

i) the concentration of the activated complex and

i) the frequency which it is converted inteetproduct. This is the frequency
of one of the vibratioial nodes with respect to ethihe activated complex
is unstable. Using detailed calculations it is guesto derive an
expression useful in calculating the rate constdhtthe elementary
reaction, X + Y— P (for which the steps are given in Eqs. 2.89280).

We shall only state the final expression withoutingothrough the
derivation in full.

k= RT kT = RgT? .. (2.91)
= Ko h- ko

whereK,=  The Equilibrium constant for the formation dfiet activated
complex after adjusting for its vibration with regp to which it is
unstable.

T = Temperature

ko, = Boltzmann constant
RT/p?is the correction term whepe® is the standard pressure (1bar)

h = Planck constant
R = Gas constant

Using van't Hoff isotherm ..42)
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AG*=-RTInK,

whereAG * is molar Gibbs energy of activation. ... (2.93)

+
Hence K,= e 2 /RT

Using Eq. 2.93 in Eq. 2.91

K = Rk T 2 FAGRT
hp’ ... (2.94)

Using
AG* = AH* - TAS? ... (2.95)

whereAH * andAS* are the molar enthalpy of activation and entropy o
activation, respectively.

Using Eq. 2.95 and 2.94

k = RigT? @M —TAS")RT
hp

2
k = RigT~ e~ (H-RT ASIR

~ hp’ ... (2.96)

Using differential form of Eq. 2.59, it is possilttefind the following relationship
for a bimolecular gas phase reaction (see Appeltdix

AH* = Ex— RT ...(2.97)
Using Eq.s 2.96 and 2.97
__RKT? _E-®DRT_ASR
k ——hpo—2 € €
— RieT —EJ/RT 2 SR
k= —pp-e e ..(2.98)

Comparing Arrhenius equation Eq 2.61 and with E§82

_RigT?
A= hp e &R .. (2.99)
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0
A SYR hp

Hence e = RkT’e? A
. AS*IR w A
ie. e =7.8119 x'1Gr>2 ... (2.100)

(substituting for the constants)
Taking natural logarithms,
AS*IR = In 7.8119 x 10“%
AS* = 2.30R (log 7.8119 x 18 + log AIT ?)
=(19.15 logVT ? - 193.6) I mot K* ... (2.101)

ThusAH *, AS* andAG * can be calculated at any given temperatur&.afdE,
are known from Arrhenius plot (Fig. 2.1).

While discussing collision theory or the activatamplex theory, we consider only the ggs-
phase reactions. The study of reaction rates iatisok is complicated due to the role of the
solvent. In this course, we shall not discuss #aetion rates in solutions.

To account for the discrepancy between the expeaitalg obtained value oA
and the value calculated as per collision theory,had to introduce steric factor
in Eq. 18.157. The activated complex theory hasfaiseor, €*° 'R which takes

care of the steric factor automatically.

It is observed thahS ¥ is negative for many reactions. Such a negativiie/a
indicates decrease in disorderliness. This is ustd@dable since during
collisions, the particles have to approach eachkrothereby causing a decrease in
randomness. The negative valueAS * brings down the value @SR and
hence ofA as per Eqg. 18.-170. A large negative value forah®opy of activation

is generally observed for reactions involving coexpmolecules, the demand for
proper orientation is more in the case of a compietecule and this causes
larger reduction in randomness. Thus the entropgabivation, and hence the
frequency factor could be expected to be much fessreactions involving
complex molecules.

SAQ 3

The second order rate constants of a reactioniaea gelow at two temperatures:
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T/K 298 308
10° xk/M* st 8.8 28
Calculate the activation energy of the reaction.

SAQ 4
For the reaction,
2NOCI— 2NO + C)

Arrhenius factor at 298 k is 9.4 x 2B s, Calculate entropy of activation for
this reaction at 298 k.

3.5 Complex Reactions

In the preceding units we have discoursed on tteeabichemical reactions and
factors influencing it. Emphases were made on #te laws of first and second
order reactions which are the simple reactions.alathemical reactions proceed
to a stage at which the concentrations of the i@asbecomes vanishingly small.
Such a reaction proceeds via a more complex reagtechanism. Most industrial
chemical reactions, the type likely to be encowddn a chemical laboratory or
plant, involve multiple steps between the reactiod products. In this section we
will consider increasingly complex reaction scheyreesd see how to construct

and solve the corresponding rate laws.
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3.51 Parallel Reaction
It is not uncommon for reaction to produce momtbne product, and the
reaction is often kinetic and thermodynamic. Thgueace is
B

Ka
A K

Rate= % -KJ[A+K,[A]

[A] - ae—(K1+Kz)t
The rate of the formation of the products are

d B]

S =KiA
= K,ag e
and

A
= K ,a (Karkel

Integrating the equation gives

[B] = K,a (1_e_(K1+Kz)t)
K, +K,

and

[C] = Klk-'z-aK2 (1_e—(K1+K2)t)

The rate of the products formed is proportionghtr rate constant
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3.52 Reactions Approaching Equilibrium
Consider a reaction in which both forward and regaeaction are first order as
given by the scheme below.

A — B
The rate of change of [A] has two contributionsisltdepleted by the forward
reaction at a rate K [A] but is replenished by theerse reaction at a raté[R].
The net rate of change is therefore

d[Al 1
—— =-K[A]+KB

™ [Al+KTB]

If the critical concentration of A and [B]o is [A]land there is no B present
initially, at all times [A]+[B] = [A]o, and so

d A
A - k14 + K2 (A0 -A)

= ~(K +KH[A]+ K Ao

The solution of this first order differential eqiaat, with the critical condition [A]

=[Alois

KL+ K/ _(K+KYt }

[A]t=wo{ K

When time t approaches infinity the concentratigah their equilibrium values
[A]a = Kl[A]o /(Kl + Kl) and

[Bla = [Alo - [A] = K[A] o/ (K+K1)
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The ratio of these equilibrium concentrations, whithe equilibrium constant is

Kc = [Bla/[A] o= K/K?

3.53 Other Types of Equilibria
In the case of a reaction that is bimolecular aabrd-order in both directions as
shown by the scheme below
A+B =——C+D
The rate of change of the concentration of A, agslt of the forward, and
reverse reactions are
A+B-C+D VA = —-K [A] [B]
and
C+D- A=B VA = KY[C] [D]
At equilibrium the net rate of change is zero. Herat equilibrium

— K[A] [B] + K* [C] [D] = 0, and so

KC:{[C][D]} _K
[A[B]),, K

In the case of a reaction which proceeds by a seguef simple reactions, such

as
A+B —C+D va forward = —Ka [A] [B]
ua reverse = Ka [C] [D]
C =—E+F Uc forward = —Kb [C]
uc reverse = Kb[E] [F]

at equilibrium all the reactions are individuallyeguilibrium, so that,
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{[C][D]} _ Ka and{[E][F]} _ Kb
[ALBl],, K% [cl J,, Kb

The overall reaction equilibrium is

A+B =— D+E+F

K :{[D] LE] [F]} ={[c1 (D1 [E] [F]}
(Al J,, | [ALBIC] ],

:{[C][D]} {[E][F]} _ KaKb
(A, € [, KK

When the overall reaction is the sum of a sequehseeps

Ka Kb
K = 1l

KaKB
Where K are the rate constants for the individual steps kh refers to the

corresponding reverse reaction steps.

3.54 Consecutive Reactions
Some reactions proceed through the formation ohi@mmediate as in radioactive
decay
20 - ®Np - ®%Pu
Consider a first-order consecutive reaction asrghwow

Ky K

A-B-C
The rate of disappearance of A is

aAl_

a KA

and that of formation of B and C are
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dBl _ y rar-
ar - lA-K (B

dicl .
g - KABl

At initial time t = 0, concentration of [A] = [A]and those of [B]=0and [C] =0
The first equation is a first order rate law, andA] = [A] ot ™"

The rate of second equation is

d[B]: B B
S = KA K=K (8]
diBl _ . rmio
L = KBl = KA

By integrating the equation, the solution is
—Kgt _ —K,t
[B] = Ky [A], 11+ €T Kl
K, =K, K, =K,

3.55 Pre-equilibria

In this case, a consecutive reaction in which atermediate reaches an
equilibrium with the reactions before forming a gwet, as given in the scheme

below

Kq
A+B __<(AB)- C
KL,

Since we assume that A, B and (AB) are in equiliioii we can write

K:{[(AB)]}
[A[B]],,
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with K = ﬁ

2
By ignoring the fact that [AB] is slowly leaking ay as it form C. The rate of
formation of C may now be written as

dic]_
a  Kal(AB)

=K, K{ A [B]
K[ A[B]

WhereK = %

2

3.56 Enzyme Reaction
Another example of a pre-equilibrium reaction ise tiMichaelis-Menten
mechanism of enzyme action. The proposed mechasism

E+S——= (ESr P+E

d(p)
" +K,[(ES)]

(ES) denotes a bound state of the enzyme E asdlitstrates S. In order to relate
[(es)] to the enzyme concentration we write iteerw and then impose the

steady-state approximation

@ = K,[E][S] - K,I[(ES)] - K,[(E9)] =0
This solve to
K,
[(E9)] = {m}[ﬂ [S]
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[E] and [S] are concentration of the enzyme andssate and [E] in total
concentration of enzyme

[E] + [(ES)] = [E], a constant
since only few E is added, we can ignore the faat [S] differs slightly from [S]
total.

Therefore

Kl
K, +K,

KESFL{ :HEL—KESMS

Which rearranges to

(Eg=_ KIELIS)
K3 + KZ + Kl[S]

It follows that the rate of formation of producss i

d[P]_ K K{E,[S]
dt K, +K, +K,[9]

_K{E[S]
Km+[S]

where km is the Michael constant is

= (Ks+Ky)
Kl

Km

3.57 Unimolecular Reaction

A number of gas phase reactions follows first-orki@esis and are believed to
proceed through a unimolecular rate — determinitages These are called
unimolecular reactions. In the Lindemann-Heinshe@vomechanism it is

supposed that a reactant molecule A collides withtteer M, a diluents gas
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molecule, and becomes energetically excited aeipense of M’s translational
kinetic energy,
A+M - A +M d[A']/dt = Ki[A][M]
and the energised molecule might lose its excesgygry colliding with another
A+M - A+M d[A"]/dt = Ko[A"[M]

or the excited molecule might shake itself apad fanm product

AP d[bJ/dt = K [A"]
d[A] __ .
T KilA]

By applying steady state approximation to the atg of formation of A

d[A]

q - LA — K, [AIM]-K,[A]=0

This solves to

3 T K,[M]

and so the rate law for the formation of P is

T K3[A] - KlKS[ A][M]
dt K, +K,[M]

If the rate of deactivation by AM collisions is much greater than the rate of
unimolecular decay, so that
KoA'] [M] >> K3 [A'] or Kz [M] >> K

Then we neglect Kin the denominator and obtain

diP] _ KKKJAIMT _(KiKs }
d K, M] | K,
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a first-order rate law, as we set out to show.
The Lindemann-Hinshelwood Mechanism can be testeduse it predicts that as
the concentration of M is reduced, the reactionukhswitch to overall second-

order kinetics. This is because whesj]<<K 3, the rate is approximately

d[P] _ KK [M][A]
dt K,

=K[A[M]

The physical reason for the change of order is #taiow pressure the rate-

determining step is the biomolecullar formation[Af], if we write the full rate

law as
aP] = Keff[ Al
dt
_ KiK;[M]
K, +K,[M]

then the expression for the effective rate constantbe rearranged to

1 1
Keff

KiM]+ 2
KlKS

SAQ5
The rate law for the reaction 2A+B X + 3D was expressed as rate = K [A][B],
what are the units of K? express the rate law imgeof the rate of change of

concentration of (a) A, (b) c.

3.6 Summary
In this unit we discussed the steps followed invarg at the mechanisms of

simple reactions. We described the theory of ur@cwar reaction rates.
Arrhenius equation, collision theory and the adgdacomplex were discussed.
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3.7 Tutor mark assessment questions.
1) In the reaction
2NO,Cl — 2NO, + Ch

the mechanism proposed below agrees with the erpatally observed

rate law:
Ky
NOCI — NO +Cl (slow)
ko
NOCI + Cl — NO,+ Cl (fast)

What is the rate law?

2) For the decomposition ofa® at 773 Kk = 1.00 x 10 s* andE, = 250
KJ mo®. CalculateA using Arrhenius equation.

3) For the reaction,

CHs(9) +H (@ — CHe(9)

the steric factor is 1.7 x f0 and mean collision cross- sectionef ) is
0.46 nnf CalculateA 628 K. Use Eq. 2.87

Given: i) kp = 1.381 x 16°J. K*

i) The relative molecular masses of ethylene agdrdgen
are 28.05 and 2.016, respectively.

i)  Na=6.022 x 16°morl™

4) Explain the reason for the negative value ofagyt of activation in the
case of many reactions.

3.8 Answers
Self Assessment Questions.
1 i) Rate =[O3][NO]

i)  Rate =k [CHsNC]
i) Rate = K[Cb]
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The rate law is given below as per the proposechanism:
Rate =k3[NO3] [NO]

But K= k = [NO3]
k;  [NQJOZ]

Hence, [NQ] =K [NO][O]
Using (2) in (1),
rate = kK [NOJ?[O2]
= k [NEP]
this is same as the rate law obtained experimgntall
3) Using Eqg.2.64

Ea = 2.303RTi T»

log ko/k
(T2 —Ty) gita

_ _2.303 x8.314 x 298 x30fg 28 R10
10 8.8 x 10

= 88.3 kJ mot
4) According to Eq. 2.101

AS* (19.15 log AT 2- 193.6) J mot K™

= [19.15log _9.4x20 -193.6| JmdlK?
288

AS*=-97.4 Jmot K*
5) Ans.D — K is express as 18"
va = —-K'[A] [B], K! = KIV

vc = K" [A] [B], K = 3KV
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Tutor mark assessment Question
1) Rate = KNOCI]
2) Using Eq. 2.60 log A =f2.303 RT + log k
= (250 x 192.303 x 8.314 x 773) + log (1.00 x )0
le. logA =-5.00 + 16.89
A=78x106's"

3) Mass of one molecule of a substance = Molasma
NA

Mass of one molecule of ethylene = 28.05% 1§
6.022 x 19

Mass of one molecule of hydrogen = 2.016 X 10
6.022 x 16°

Using Eq. 2.7Qu = 28.05 x 2.016 g
—30:07 = 6:022%

= 3.12x1& kg
&T~”? - 8 x1.381 x I& x 628 % AKLK~N®
e e
=2.66 x 1Om s’
Using Eq. 2.87
A=Pno’ [S&T}%
Na
T

=1.7 x 16 x 0.46 x (10 m) 2 x 2.66 x 103 m’sx 6.022 x 1023 mot
=1.25 x 16 m* mor* s*

=1.25 x 16 dn® mol* s* (1 M= 16 dn?)

=1.25x16Mm*s? ]

See under activated complex theory in sec. 2.4
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43.1 Langmuir Adsorption Isotherm
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411 Tutor Marked Assignment
4.12 References/Further Readings

40 INTRODUCTION

In Unit 18, we discussed the dependence of thes rafereactions on the
concentration of the reactants and temperatureeXpéined the characteristics
of the colloids which include surface activity aldo this unit, we shall discuss
the effect of surface on chemical reactivity.

Surface, in the chemical sense, is a phase boun@agmetrically a surface has
an area but no thickness. Surface isnéerface regionwhere one phase ends and
the other begins. Chemically it is a region in vhtbe properties vary from one
phase to another. The transition occurs over distadf molecular dimensions.
Thus for a chemist, surface has a thickness whichnls to zero in an ideal
condition of a geometrical description. In thistune shall discuss the properties
of an interface which may be liquid/vapour, solgliid or solid/gas. We shall
discuss adsorption of gases on solid surface. 8udibcussion is important since
many of the chemical reactions in industry or ie biological systems take place
on the interface. We shall also explain the diffiériypes of catalysts, inhibition
of catalysts and catalytic poisoning.
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OBJECTIVES

After studying this unit, you should be able to:

. define an interface,

. state the relationship between the concentratiom siirface active solute
and the surface tension of a solution,

. discuss different isotherms for adsorption on sslidfaces,

. state the role of photoelectron spectroscopy ifasarchemical analysis

. describe the functioning of different types of tggts, and

. explain the inhibition of chemical reactions andspaing of catalysts.

4.1 Surface Tension of Solutions

Liquids assume a shape with minimum surface arba. molecules in the bulk
have less energy than the molecules in the surfugee a molecule in the bulk
interacts with larger number of molecules as coegano a molecule on the
surface. You are aware that any system tries tanassa state in which it has
minimum energy. Hence, a liquid tries to take gpghahich has the least surface
area. The shape assumed is spherical, as a spaerthdn smallest surface to
volume ratio. The force that opposes the increaseea of a liquid is referred to
as surface tension. In have defined surface teraga@nforce per unit length acting
on the surface opposing the expansion of surfaga. an alternative definition
was also suggested that surface tension is thacgugnergy per unit area of the
surface. Normally the surface tension values regodre for the liquid-vapour
interface in presence of air.

When we dissolve a solute in a solvent, the suraesion of the solution changes.
A relationship could be derived to establish thet that the concentration of the
solute that lowers the surface tension would tenddeé more on the surface of a
solvent as compared to that in the bulk. This & Iblasis ofGibbs adsorption
isotherm, about which we do not intend giving a detailescdssion. Substances
which produce a remarkable lowering if interfaciahsion are called ‘surface
active agents or surfactants’. We have seen oné¢hefapplications of the
surfactants in where we deal with the cleaningoactif soaps and detergents.
Another application of surfactants is in the forimatof surface films. Some
insoluble substances such as long-chain fatty aandsalcohols could spread on
water surface to form a thin film. The formationsefch surface films using long-
chain alcohols has been helpful in retarding thapevation of water from
reservoirs.

SELF ASSESSMENT EXERCISE 1

What is the essential characteristic of the suréatzye agent?
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4.2  Adsorption on Solids

In Sec. 3.1, we studied that the molecules onuhiase of a liquid experiences an
inward pull. The liquid surface is thus in a stateinsaturation. The surface of a
solid also behaves in a similar manner. In a sditid,ions or the molecules at the
surface of a crystal do not have all their vales@atisfied by union with other
particles. Such forces also arise due to the featt when a new solid surface is
created by breaking a solid, some interatomic bardsbroken and some of the
valencies of surface atoms are left unsatisfiedaAesult of these residual forces,
the surface of the solid has a tendency to ataadtretain available molecules
and other particles towards itself; such a condii® helpful in decreasing the
surface energy of a solid. The molecules so a#daate retained on the surface
than in the bulk of the solid. This phenomenon @hkr concentration of a
substance on the surface of a solid is calldsorption. The substance attracted
to the surface is calleddsorbate while the substance to which it is attached is
calledadsorbent For example, charcoal adsorbs acetic acid whphikecontact
with it; here, acetic acid is adsorbate and chdrscadsorbent.

Adsorption should be clearly distinguished from apsion. In absorption, the
substance is not only retained on the surface &sges through the surface and is
distributed throughout the bulk of the solid. Thashydrous calcium chloride
absorbs water to form a hydrate while acetic aziddsorbed from its solution by
charcoal. Sometimes the word ‘sorption’ is usedmwtiere is a doubt whether a
process is true adsorption or absorption.

Note

Porous substance; a substance having tiny opehineggh which fluids or air
could pass.

The extent of adsorption by charcoal can be ineeéy subjecting charcoal to a
process of activation. It involves heating of wodthrcoal between 625 K and
1275 K in vacuum, air, steam, chlorine or carbooxiie. During activation,
hydrocarbons and other impurities are removed ftharcoal leading thereby to a
large surface area for adsorption. The resultingstsunce is called activated
charcoal.

4.21 Adsorption of Gases by Solids

The studies of the adsorption of gases by solids samilar to those of the
adsorption of liquids by solids. In this unit, weai mainly study the adsorption
of gases by solids.
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Although all solids adsorb gases, the effects ateemident unless the adsorbent
is porous and has a very large area for a givers.midsat is why silica gel and
charcoal, which have porous structure, are vemcéffe as adsorbing agents.

The amount of a gas adsorbed by a solid depends upo

. the nature of the gas and adsorbent,
. the surface area of the adsorbent, and
. temperature and pressure of the adsorbent-ads@ysttam

Table 2.1 gives the volume of various gases addoplyel.00 kg of charcoal at
288K. The volumes of gases have all been reduc@¥3& and 1.013 x foPa
pressure. It can be seen from Table 2.1 that gak&h can be liquefied easily
are more readily adsorbed.

Table 2.1: Adsorption of Gases on Charcoal

Gas Volume adsorbec  Criticaltemperatur
m?® k

H, 4.7 x 10° 33

N, 8.0 x 10° 126

CcO 9.3x 10° 134

CO 4.8 x 107 304

HCI 7.2 x 10 324

H,S 9.9 x 1G¢ 373

NH3 1.8 x 10* 406

The total amount of the gas adsorbed increases théhsurface area of the
adsorbent. During adsorption an equilibrium is legthed between the gas in
contact with the solid and the gas on the surféce.increase in temperature
decreases the amount of the gas adsorbed.

In the text section, we shall discuss quantitatregationships regarding
adsorption.

4.3  Adsorption Isotherms

The amount of a substance adsorbed by an adsddyeperature depends upon
the concentration or pressure of an adsorbatetieoadsorption of a substance
(adsorbate) present in a solution by a solid adsdrbFreundlich gave an

empirical equation. This equation gives the refatop between the mass of the
adsorbate(x) adsorbed by a particular mag$s1) of the adsorbent and the
equilibrium concentration of the adsorbdt® in the solution at a particular

temperature as given below:

X ke 21
m
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where K and n are constants. Eq. 1.1 is a formrefiidich adsorption isotherm.
By plotting log %1 against log c (Fig. 1.1), we can evaluate K anthe.values
of K and n depend on

. nature of the adsorbate,
. nature and particle size of the adsorbent, and
. temperature.

It is worth mentioning that as the particles sieedmes smaller, the surface area
increases enormously. This increases the adsochimacity of an adsorbent.

Eq. 2.1 could be slightly modified to express theaption of a gas by a solid as
given below:

X —gpth 2.2

In this equationp stands for the pressure of the gas adsorbatey; miras have
the same significance as given in Eq. 2.1

Log x/m

log c
Fig 2.1: Graphical represe%tation of Freundlichogison isotherm.
Freundlich isotherm (Eq 2.1 or 2.2) is applicalbhdyaf the concentration or
pressure of the adsorbate is low.

4.31 Langmuir Adsorption Isotherm

Langmuir obtained a relationship for the adsorptiba gas by a solid. Langmuir
started with the assumptions stated below:

. The adsorbed gas behaves ideally in the vapoureptthsre are no
attractive or repulsive forces among the gas mddscu

. The surface of a solid is homogeneous and therea dreed number of
adsorption sites. Each site has the same attraictidhe gas molecules.

. Each adsorption site can adsorb only one molegusalid surface cannot

form a layer more than a single molecule in depthother words, the
adsorption of a gas could lead only to the fornrattb unimolecular layer
on the solid.

. There is an equilibrium between the condensatiogasfmolecules on the
adsorbent and their desorption from it. The initete of condensation of
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gas molecules on the solid surface is high an@ctehses as the surface
available for adsorption decreases. The desorm@mnoccur by thermal
agitation and the rate of desorption will dependruphe amount of solid
surface covered by gas molecules. It will increasehe surface becomes
more and more saturated. At a certain stage, tbe od condensation and
desorption become equal and an equilibrium is éshedul.

. Using the above assumptions, Langmuir equationaftsorption can be
derived as follows:

Note:
Desorption is the process of release of the addom@ecules. Desorption may
also be called the evaporation of the adsorbedaulas.

Let the fraction of the total surface covered by gaolecules be O; then the
surface available for adsorption is 1 —0. Accordimdginetic theory of gases, the
rate at which the molecules strike the unit areawface is proportional to the
pressure of the gas.pfis the equilibrium gas pressure, then,

rate of condensationa (1-0)p
or rate of condensationks (1-O)p 2.3

where kK is a constant of proportionality.

Rate of evaporation from the surface will be proipoal only to the fraction of
the surface which has adsorbed gas molecules Bhus,

rate of evaporaton=0 ... 2.4
k is also a proportionality constant.

At equilibrium, the rates of condensation and evigtion are equal. Hence,

Ki(1-0)p=kO 2.5
Rearranging Eg. 21.5, we can get,
klp — (kllkz)p

(Dividing the numerator and Denominator Ky)

Tt kp 1+ (K /k)p

K
0= P (where k/k; = K, another constant) ... 2.6
1+ Kp

Eq. 21.6 could be modified to find a relationshigiviieen the amount of gas
adsorbed and the gas pressure. The amount of gagbad ¥) at a pressure p is
proportional to the fraction of the total surfacwered (0) by the gas molecules.
ie,ya 0
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Hence, y=n0 or yyp=0 . .. 2.7

Whereyy, is the proportionality constant and is equal te #mount of the gas
molecules required to form a unimolecular layer., iy = y, when 0 = 1

Using Egs. 2.6 and 2.7

v _ kp
Yo 1tkp
Kk
g = YukP
1+ kp
or E:l+ Kp:i:i ....2.8
y v.K y.K vy,

Eq. 2.8 is known as Langmuir adsorption isotherm.

. 1
When the gas pressure is low, plg small when compared te—henceE =
YK y
1 P .
Tk or A = constant, sincepyand K are constants.
Ym
Orpa vy

This means that at Low pressures, the amount odasrbed is proportional to
gas pressure.

When the gas pressure is hig#ﬁ— is much larger than 1/k. Hence Eq. 2.8

could be written as,

or y = ym Which means that at high pressures, the amoumgfasfadsorbed is
sufficient to form a unimolecular layer. A way tenfy Langmuir adsorption
isotherm (Eq. 2.8) is to plot p/y against p. A igiind line must be obtained. ((Fig.
2.2)
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ply

p
Fig. 2.2. Graphical representation of Langmuir agison insotherm

It is observed that straight line plots are obtdiméhen the surfaces are smooth
and nonporous and when the pressures are not gbo binder these conditions,
EqQ. 2.8 is obeyed. Deviations from Langmuir adsorpisotherm are seen if;

. Surface is porous (i.e. a good adsorbent) and

. Pressure is very high.

Under these conditions, gas molecules give rismutiilayer adsorption on the
solid surface which accounts for derivations frorg. 21.8. For explaining
multilayer adsorptionBrunauer Emmet andr eller have proposed a model which
is known aBET isotherm which we are not going to discuss inideta

SELF ASSESSMENT EXERCISE 2

Staring from Eq. 2.6, derive the following equation

4.4  Physisorption And Chemisorption

Depending on the type of interaction the adsorbatethe adsorbent, adsorption
is of two-type-pgysisorption (physical adsorptiard chemisorption (chemical
adsorption).

Note

Both physisorption and chemisorption are generalgthermic process. That is
why we talk about enthalpy decrease while compagimgrgies of physisorption
and chemisorption.
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4.41 Physisorption

If the adsorbate molecules are weakly bound toatfeorbent, it is classified as
physisorption. It is also know as van der Waalsogugn since the forces
involved are of van der Waals type and are of Hleesmagnitude as are involved
in the liquefaction of gases. The enthalpy decre@é®H ) associated with
physisorption is much low (less than 40 kJ Maind is of the same order as the
enthalpy of condensation of the adsorbate. Increafséemperature is not
favourable to physisorption. Adsorption of gaseschgrcoal is an example of
pysisorption. Physisorption is generally independadénhe chemical nature of the
adsorbent. All gases exhibit van der Walls adsorpti

Note

The unsatisfied valencies of the surface may chosakage of the bonds in the
chemisorbed molecules. The fragments that resultlse process are responsible
for the increased chemical activity.

4.42 Chemisorption

If the adsorbed molecules react chemically with thaface, we call it
chemisorption. The enthalpy decrease associatédolvé@misorption is much high
(between 40kJ mdland 400kJ méf) and is of the order of bond enthalpies. We
shall see in Sec. 2.8 as to how the type of bondamgsed by chemisorption
between the adsorbent and the adsorbate deterthmegsactivity pattern. Many
chemisorption processes involve activation energynaa chemical reaction. In
such cases, the rates of chemisorption and desoripitrease with temperature in
contrast with the rate of physisorption.

Note
High bond enthalpy of nitrogen (945 kJ mpis mainly responsible for its low
reactivity.

Let us see how the type of adsorption of nitroganiron surface varies with
temperature. The studies on the adsorption if gé&noon iron surface indicate that
at about 770K (the temperature chosen for Habercgss), nitrogen is
chemosorbed on the iron surface. Chemisorptioriteesularge release of energy.
The optimum temperature chosen for the reactionta@dnergy released during
chemisorption are helpful in overcoming the largesd enthalpy of nitrogen.
Hence, when nitrogen is chemisorbed at 770K presgmtitrogen atoms but not
as molecules.

Note

One of the methods followed in scientific reasoniagto arrive at the same
conclusion through more than one method. Take rigstance manufacture of
ammonia. Based on Le Chatelier principle, we stated€HM 103 that high
pressure (200-300 atm) and optimum temperature-880K) are needed for a
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good yield of ammonia. These conclusions coulddaeed from surface studies
also. In this section, we have explained that adoutYOK, nitrogen is
chemisorbed on iron to a large extent and, thigittates formation of ammonia.
As an explanation for the need of high pressuréhisrreaction, answer SAQ3

At temperatures less than 770K, there is not méicdhemisorption of nitrogen on
iron surface. At room temperature, iron does naodd nitrogen at all. But as
temperature is lowered and bought near 80K, thiniggpoint of liquid nitrogen,
iron adsorbs nitrogen gas physically ag iolecules! In short, near 770K,
nitrogen is chemisorbed by iron as nitrogen atontsreear 80K, it is physisorbed
as nitrogen molecules.

The dissociation of nitrogen molecule on iron scefat 770 K could facilitate its
further reaction such as the formation of ammortieough Haber process.
Although the mechanism of iron catalysis in Habescpss is not completely
understood, the chemisorption of nitrogen on irerianly plays a role in it.

SELF ASSESSMENT EXERCISE 3

Assuming that chemisorption of nitrogen on iron 780K follows Langmuir
isotherm, could you justify the use of high pressur Haber process for the
manufacture of ammonia?

45 Modern Methods of Surface Studies

The composition of the adsorbent surface, the satdrbinding between the

adsorbent and the adsorbate and the extent ofceuctaverage could be studied
by using methods such as X-ray or UV photoelectspectroscopy. Auger

spectroscopy and low energy electron diffractioBED). Of these methods, we
shall explain the principle of X-ray and UV photeetron spectroscopy only.

Note

Auger effect is the emission of a second electiter &igh energy radiation has
expelled on electron. Auger effect is the basidwger Spectroscopy and is much
used in microelectronics industry.

Low energy electron diffraction is the diffracticaused by atoms on the surface
by using low energy electrons. The LEED patterniaspthe two dimensional
structure of a surface. Low energy electrons aed us ensure diffraction by
atoms on the surface only, but not by atoms irbtiik.

In Unit 1 of Atoms and Molecules course, we havpla&xed the photoelectric
effect, according to which photoelectrons couldefexted by irradiating a metal
surface with UV rays. The minimum energy that U\Wysamust posses for
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photoelectron emission corresponds to the ionisagaergy of the valence
electrons. If we are interested in the emissiomoér electrons, we must use X-
ray or UV photoelectron spectroscopy (X.p.e.s or \e.s). Since such
photoelectron spectroscopy studies are useful faiibg the finger print of the
materials present in a surface of a material, thestnods are known adectron
spectroscopy for chemical analysiSESCA). It is possible to identify the
elements present in a given surface using X.p.meeseach element has
characteristic inner shell ionisation energies. Bheace study using ESCA is
made possible by the fact that the ejected elestoamnot escape except from
within a few nanometers from the surface. The matdichemisorption between a
catalyst surface and the reactant molecules caukstablished by ESCA studies.

SELF ASSESSMENT EXERCISE 4

What is the basis principle for ESCA studies ofshdace?

4.6  Types of Catalysts

We have seen in Unit 18, that the rate of a chdmézaction can be increased by
raising the temperature. This increases the fraaifomolecules having energies
in excess of some threshold energy (nearly equakttwation energy). Another
way to increase the rate of chemical reaction idéirtd an alternate path for a
chemical reaction that has a lower activation enefg catalyst produces this
alternate path for a chemical reaction. The sahetfon of the catalyst is to lower
the activation energy of a reaction. Thus a smalbant of manganese dioxide
increases the rate of decomposition of KE&1Be decomposition of nitrous oxide
is accelerated by iodine; in presence of Ni, unsé#d hydrocarbons can be
hydrogenated to saturated hydrocarbons. The amofira catalyst remains
unchanged at the end of a reaction and, may be agath and againA
substance which can influence the rate of a chemicaeaction but itself
remains unchanged chemically is called a catalysA catalyst cannot start a
chemical reaction that could not take place irmisence. A catalyst does not alter
the position of equilibrium; in other words, it cat change the relative amounts
of the reactants and products at the equilibriuongéquently a catalyst must
accelerate equally both the forward and the revesgetions. A catalyst is highly
specific in its action, e.g., Mnf&an catalyse the decomposition of Kg It not
that of KNG;. In certain reactions, one of the products coalelyse the reaction.
For instance, in the oxidation of oxalic acid byidified KMnO,4, Mn?* ions
formed during the reaction, increase the rate @ftien. This type of phenomenon
is calledauto-catalysis

Catalysis may be of homogenous or heterogeneoes liyfnomogenous catalysis,

the catalyst forms a single phase with the reastantd products, whereas in
heterogeneous catalysis, it constitutes a seppnaise.
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There is another type of catalysis, known as enzyaaysis. Enzymes have high
relative molecular masses and are protein molecUlee enzymes catalyse a
variety of chemical reactions in living organisribe enzyme reaction medium is
colloidal in nature and strictly speaking, enzyneagsis does not fall under
homogenous or heterogeneous catelysis. The enzgraespecific in catalyzing
only a particular set of reactions. Enzyme actidigpends on pH of the medium.

Examples for all the three types of catalysis aowipled in Table 2.2

Table 2,2; Three Types of Catalysis

Types lllustrative reaction Catalyst
Homogeneous 2S0(g) + () NO (9)
catalysis 1)
—2S0(g)
2) CHCOOGHSs(1) +H,0(1) H30"(aq)

—CH3sCOOH() + CHsOH(1)

Heterogeneous 1) HCOOH(g)— H.O(g) + CO(Qg) A204(S)
catalysis
2)  2SQ(9) + Ox(9) —2SC(9) Pt (s)
Enzyme cataysis 1) NEONH; + H,LO—2NH3+CO, Urease
2) GH1206—2CHsOH + 2CQ Zymase
. Note that in enzyme catalysis, we have not spetile states of

the substances.

In the next section, we shall discuss the theaifeatalysis.

4.7 Mechanisms of Catalytic Reactions

In homogenous or enzyme catalysis, a reactionnrgdiate is formed between
the reactant and the catalyst or the enzyme. Ttenmediate compound then
decomposes to give the product. The reaction seguean be represented as
follows:

Step (i) Formation of the intermediate compound + G5SC
Step (ii) Decomposition of the intermediate compb&C— P + C

Where S and P are the reactant and the producCasdhe catalyst or the enzyme;
SC is the intermediate compound. The role of thalgst or the enzyme is to lower
the activation energies of the forward and reveesetions. In Fig. 21.3,Hs the
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activation energy for the conversion of a reactana product in the presence of a
catalyst and f is the activation energy for the same reactiorth@ absence of
catalyst. You can see that €5,.. The same is true of the reverse reaction also.

It is interesting to note that many of the biol@jiceactions are catalysed by
enzymes. This is facilitated by the fact that timzyene catalysed reactions have
much lower activation energies than systems coingiohemical catalyst. Look at

Table 2.3 which indicates the activation energastiie decomposition of hydrogen
peroxide under different conditions and make youn gudgment!

S

F oo —o nwuanvReagtyenogoerdirgse for catalyé'edand uncatalysed
reactions

Table 2.3: Activation Energies for the Decompositadf Hydrogen Peroxide

Solution
Catalyst Activation energy/kJ mol* | Relative rate of reaction
None 75.3 1
1" (ag) (homogenous) 56.5 2.0x 16
Pt (s) (heterogeneous)  49.0 4.1%10
Catalase (enzyme) 8 6.3 x'10

Note

You can have an idea about the importance of enzgaetions from the fact that
ammonia produced from nitrogen by nitrogenase eezignen times more than that
produced by Haber process. Further the enzyme gjued yields of ammonia at
room temperature and pressure. Compare this wigh ettperimental conditions
needed for Haber process (200-300) atm pressuré6 @r870 K temperature).
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In heterogeneous catalysis also, the role of thalyst surface is to bring down the
activation energies of the reactions. This happdus to chemisorption which is
similar to intermediate compound formation in homgus catalysis. The ability of
a surface to have chemisorption of the reactanecut¢s depends on the chemical
nature of surface. ESCA studies (Sec. 2.6) areflielp deciding the nature of
chemisorption between the surface and the reaotaldcules. The difference in the
nature of chemisorption could lead to differentducts even from the same reactant.
For example, ethyl alcohol is dehydrogenated on P, or Pt catalysts to give

acetaldehyde.
CHCH,OH %3 B8 9% 9438 CH,CHO + H,
On the other hand, ethyl alcohol undergoes dehigara¢action on alumina.

CHsCH,OH 3434¥:3® CH, = CH, + H,O

On Ni, Pd or Pt surfaces, the linkage of ethyl htdds though two hydrogen atoms
(Fig. 2.4). The strong affinity between Ni and hygken accounts for the removal of
two hydrogen atoms from ethyl alcohol.

H H
l I
Il:ﬂ—nt(‘-i-uﬂ. — Hi,cr—q;-mu
H 5; B H il ! Hy
NEONLON N MM MNLON N Ni Ni N

Fig. 2.4: Dehydrogenation process on Ni

On the other hand, alumina acts differently dugstalifferent structure. Alumina has
both oxide groups and hydroxyl groups. The linkafethyl alcohol to alumina is
through hydrogen and oxygen atoms as shown inZ%g.The removal of hydrogen
and hydroxyl groups from adjacent carbon atomsséadhe dehydration reaction.

S |
—{I:—‘if_...n H—=0C=90 —H
H D = H — 0 — B
: : w |
S OB
T o 6 _{E_ o
v "‘“‘HD-F"".. “\"D""f
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Fig. 2.5: Dehydration process on alumina

Certain substances improve the activity of a catal$fuch substances are called
promoters. These substances may not themselves be effexttag/sts. A promoter
may increase the number of active sites on a talyrface. In the light of this
discussion, let us examine the catalysis in Habeecgss of manufacture of ammonia.
A mixture of iron oxide, potassium oxide and alumm oxid facilitates this
reaction. The hydrogen atmosphere reduces ironeoxitb porous iron which has
large surface area that acts as the catalyst. Tiktuna of potassium oxide and
aluminium oxide acts as promoters.

Let us now see a few applications of catalysthenucal industries.

. In the preparation of edible fats from vegetabld animal fats, controlled
partial hydrogenation with a catalyst such as ditiedps in removing some
of the double bonds. In the absence of hydrogematitese double bonds
could be oxidized by air which impart the oil omecal odour on storage.

. Careful studies of the catalytic surface have bkelpful in preferential
formation of a product starting from a reactantudt is possible to prepare
various oxidation products of ethylene such asrethacetaldehyde, vinyl
chloride or vinyl acetate by proper choice of oatd and reaction conditions.

. You may be aware that ‘cracking’ is the procesgraiducing small organic
molecules by the breaking of long-chain hydrocarioolecules. Usually,
silica-alumina catalysts are used for this purpd3ecking is required to
product branched chain isometric hydrocarbons whigve more fuel
efficiency in automobile engines.

SELF ASSESSMENT EXRCISE 5

At 310 K (blood temperature), sucrose could be tlyded using an enzyme,
saccharase or a mineral acid. The reaction raterferreaction is 0 times higher
than the other. Identify the faster reaction.

SELF ASSESSMENT EXERCISE 6

In Unit 18, it has been explained that the rate oéaction is proportional to&".
The activation energy of the reaction(¢) + 1(g) (2HI(Q) is reduced from 184 kJ
mol™ to 59 kJ mdf in the presence of platinum catalyst. By what daatill the
reaction rate be increased by platinum at 600Kussthat the frequency factor
remains unchanged.
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4.8 Inhibition and Poisoning

We studied that the reactants are to be adsorbettheosurface for the chemical
reaction to be influenced by the surface. For tifeaacement of the reaction rate, the
reactants must be adsorbed more or less to saraatektone of the reactants is
more strongly adsorbed than the other or if a ptbdtiadsorbed to a greater extent
than the reactants, then the active centres oncaleyst surface would not be
available completely for the reaction and the rieaatate decreases. Such a condition
is called inhibition of the catalyst. One of theactants or the products which gets
strongly adsorbed and thereby decreases the reaetie is called the inhibitor. For
example, in the decomposition of ammonia on platnsurface, hydrogen (a
product) is strongly adsorbed and inhibits the tieac

It is possible that the reaction could be inhibibgda foreign molecule that does not
take part in a reaction. This type of inhibition dalled catalytic poisoning. It is
observed that even small amount of the catalytisqgmo could be effective in
stopping a reaction. This phenomenon could be egdaby the fact that the active
centres constitute only a small fraction of thaltsurface sites on a catalyst and, the
meager amount of poison could occupy these positibhis prevents the occupation
by reactant molecules. For example, in the confacicess of sulphuric acid
manufacture, even a small amount of arsenic imppoisons the platinised asbestos
catalyst and the reaction almost stops.

SELF ASSESSMENT EXERCISE 7

State the conditions under which a catalyst losesifluence over a reaction?

49 SUMMARY

In this unit, we discussed the role of surfacehamical react ions. Hence we have

. defined a surface active agent,

. discussed the significance of adsorption isotherms,

. explained physisorption and chemisorption,

. outlined the modern methods of surface studies,

. described the types of catalyst and indicated teehanisms of their activity,
and

. discussed the inhibition and poisoning of catalyst.

117



4.10 TUTOR MARKED ASSIGNMENT

1) The activation energies required for the ungatl decomposition of
ammonia and for its decomposition in presence gsten are 350 and 162kJ
mol™ respectively. Explain the reason for this differein activation energy.

2) The adsorption of a gas follows Langmuir isothevith K = 8.50 x 1d Pa’
at 298 K. Find the pressure at which surface cgeera (a) 15.0% (b) 95%.
Comment on your results.

3) The heterogeneous catalyst is often taken infoh@ of a finely divided
power rather than as a smooth surface. Explainetson.

4) Based on adsorption studies, justify the tentpegachoice for Haber process.

5 Copper catalyses the formation of steam fronrdgyein and oxygen through
the formation of CuO as an intermediate. Suggestetion sequence for this
condition.

6) Define the terms; (i) adsorption (ii) adsorb@iig¢ adsorbent

7) A particular mass of charcoal adsorbs a largdunie of ammonia than of
hydrogen at a given temperature. Explain.

8) Based on energy released during adsorption,damwyou distinguish between
physisorption and chemisorption?

4.11 ANSWERS TO SELF-ASSESSMENT QUESTION

1) The surface tension of a solution must decrease\atsirface active agent is
added so that its concentration is more in theaserthan in the bulk.

2) According to Eqg. 21.6, 01—+Kpr
0(1+Kp)=Kp

Kp(0-1)=-0

Kp(1-0)=0
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Hence, p =

3)

4)

5)

6)

- 9o
K(1- 0)

As per Eq. 21.6, at sufficiently high pressure 0. hus at high pressure, we
can expect large coverage of iron surface by rémoghich could lead to its
dissociation and also to its reaction with hydrogernform ammonia on a
large scale.

Even though X-rays may penetrate into the bulk dantpe ejected electrons
cannot escape except from within a few nanometarface. Hence this
technique is mainly limited to the study of surféagers.

Enzyme catalysed reaction needs lower activatie@rggnthan the mineral
acid catalysed reaction. Hence, enzyme catalysedioa must be faster than
the other.

Let n and p be the reaction rates in the absence of platinath ia the
presence of platinum, respectively. Let Bnd E be the corresponding
activation energies. Assuming frequency factorse@qual.

"
L = 6E/RT/eEJ/RT = EE1)/RT

r

2

. . I
Taking natural logarithms, Ir- =

, RT
r -
Or |n_2:£
I RT
,_E- E
2.303log-2= 12
YT RT
- E
Log r :L
2.303RT
"
2= Antilogof E1-E2
1
2.303RT
= Antilog of 125 x 103 Jmdl

2.303 x 8.314 x 600Jmbl
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re =7.6x14°

rl
Hence the reaction rate is increased by 7.6'Xtifles by platinum.

7) When a catalyst surface is strongly adsorbed bgtaeaor product or foreign
gas molecules, the catalyst cannot influence thetien rate.
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5.0 INTRODUCTION

In CHM 301 we stated that free energy must decriase physical or a chemical

process to be feasible. This is applicable to tla¢mneactions (also known as dark
reactions). The conversion of carbon dioxide aatewinto starch is a reaction in
which free energy increases. Under laboratory dmrdi, this reaction is not

possible. But plants carry out starch synthesisigusiunlight. Ozonisation of

oxygen and decomposition of ammonia are also nariapeous reactions under
laboratory conditions; but these could take plageiding light of proper energy.

Such possibilities of new reactions and new syitheiethods encouraged the
scientists to probe into light-initiated reactions.

In photochemistry, we study the absorption and simnsof light by matter. It
consists of the study of various photophysical esses and photochemical
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reactions. Two important photophysical processes #uorescence and

phosphorescence. During fluorescence, light emistsikes place in the presence
of exciting radiation; but the light emission stppsice the exciting radiation is

removed. In contrast to this, during phosphoresegelight emission takes place
even after the removal of the exciting radiation.

In photochemical reactions, the substances acdiiee necessary activation
energy through light absorption. Again this is ontrast to the thermal reactions
in which the reactants acquire their activationrgpehrough collisions between
molecules.

In this unit, we shall discuss the laws of photaoolstry. We shall then describe
some photochemical reactions and photophysicalegsas. We shall also explain
some photosensitised reactions. Finally we shaltudis the applications of
photochemical studies.

OBJECTIVES

After studying this unit, you should be able to;

. explain the mathematical form of Beer-Lambert law,

. sate Grotthuss-Draper law and Stark Einstein law,

. calculate the quantum yield of a reaction using gheen experimental
data,

. explain the reason for the higher energy requiréeméor the
photochemical disssociation of a molecule as coetpdo its thermal
dissociation.

. drive rate expressions for simple photochemicaitieas,

. explain some photophysical properties such as dkmence and
phosphorescence,

. list some photosensitised reactions,

. state the applications of photochemical studied, an

. define chemiluminescence..

5.1 Laws Of Photochemistry

Grotthuss-Drapper law and Stark-Einstein law aeetthio laws concerning the
interaction between matter and light. Before disougthese two laws, let us state
the mathematical form of Beer-Lambert law discussetlnit 8 of Atoms and
Molecules course.

Beer-Lambert law is useful in calculating the comcation of a solution on the
basis of its light absorption. This law relates th&ensity of the transmitted
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monochromatic light to the concentration of theusoh and the thickness of the
cell in which the solution is kept.

Mathematical forms of Beer-Lambert law is givendvel
logly/1=A=€l . 3.1

Where } = Intensity of the incident radiation
1 = Intensity of the transmitted radiat
A =log 1y/1 = Absorbance or optical density of the solution
c = Concentration of the solution expressed in midlunits
1 = thickness of the cell
€ = Molar extinction coefficient; expressed if mol*
The molar extinction coefficient of a substance dan determined using a
colorimeter or a spectrophotometer as follows. @hsorbances of a solution are

measured at different known concentrations usieglbof known thickness (1).
The plot of A against ¢ gives a straight line (Figl) and its slope is equaldd.

c | mol m®
Fig.1.1 A vs c plot.

slope
Hence, :e—p
1
Since | is known,ecan be calculated. Using thisvalue, the concentration of a
solution can be determined by measuring its absadha

Colorimeters and spectrophotometers are commeyrciallailable for the
measurement of adsorbances. In colorimeters, cdilbers are used to get the
incident radiation in a particular wavelength ran@pectrophotometers have
arrangements for obtaining nearly monochromaticidem radiation. Both
colorimeters and spectrophotometers have devisescdoverting the light
transmitted into suitable signal through detecwrices (see Sec. 3.3). The signal
generated from transmitted light is directly reachsorbance values.
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Study the following example carefully. The calcidatshown below is used in
chemical actinometers (Example 3 in Sec. 3.3) #imeting the intensity of the
light absorbed during a photochemical reaction. &emple illustrates the use of
Eqg. 1.1 in calculating the concentration of a gohut

Example 1

A solution of the red complex formed by%don with 1,10-phenanthroline is
taken in a cell of the thickness 1.00cmelbor the complex is 1.11 x 2 mol?
and the absorbance of the solution is 0.391, catieuhe concentration of the
complex in mof units.

Solution

A =0.391; | = 1.00 cm = 1.00 x T0n;
e=1.11 x 16 m* mor*

_ A 0.391 3
Rearranging Eq. 3.1, CET = T11X10 x1.00x15 mol m
= 0.0352 mol m
Note
7 E 4
B I N/ A\
s N] N ———
9 10 1 2

1,10 - Phenanthroline (Phen)

We shall now state the two laws of photochemistry.
5.11 Grotthuss-Draper Law
According to this law, only the light that is abised by a molecule can produce a

photochemical change in it. This means that it sudficient to pass through a
substance to bring about a chemical reaction;Hritight must be absorbed by it.
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Stark-Einstein law of photochemical equivalencevgles a quantum mechanical
form to Grotthuss-Draper law.

5.12 Stark-Einstein Law of Photochemical Equivalene
Stark-Einstein law of photochemical equivalence loarstated as follows:

Each molecule taking part in a photochemical reactibsorbs one quantum of
radiation which causes the reaction.

Note

Stark-Einstein law is applicable only if the intép®f light is not very high.

This law is applicable to the primary act of extda of a molecule by light
adsorption. This law helps in calculating the quamtefficiency ¢ ) which is a

measure of the efficiency of the use of light ipheotochemical reaction.

The quantum efficiencies for the formation of aduct and for the disappearance
of the reactant are defined below:

The quantum efficiency Number of molecules of
For the formation of = product formedlisecond....... .. 3.2
Product (fR) Number of quanta absorbed

In 1 second

dN, /dt

.
In this equation, dpldt denotes the rate of formation of the produdte Tinits for

dN

P

dt
second. Similarly we can define the quantum efficiefor the disappearance of a
reactant.

are molecules per second.réfers to the number of photons absorbed per

The quantum efficiency Number of molecules otteat
For the disappearance of the = consumedsecénd 0@ ... 3.3
reactant (fR) Number of quanta absorbed
In 1 second
_-dN,/dt
1

Where —dM/dt is the rate of consumption of the reactant. Wheus sign in —
dNg/dt is due to the decrease in concentration ofé¢hetant with time.
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As per Stark — Einstein law, each reacting moleabkorbs one quantum of light.
Hence,

The energy absorbed by one
Mole of substance undergoing

. . N, hc
Photochemical reaction = ANy = —2

This unit of energy is also called Einstein and,apparent from Eq. 19.4, the
value of Einstein depends on v lor.

Where M, = 6.022 x 18’ mol™*
h=6.626x10Js
c=3xToms!
| = wavelength of the light in m unit
V = frequency ir’sunit.
To calculate the quantum efficienesge the following steps:
) Calculation of Energy Absorbed per Quantum

Energy per quantum

of radiation absorbed = hv=—

i) Calculation of |,

Usually intensity of light absorbed is given in 3 snits. From this, 4l
could be calculated using the following equation:

IntensityinJs' units
Energy per quantum

Intensity in terms of number of

photos absorbed in 1 second (1)

Note:
Unit for energy per quantum = joule photon — 1

joulesecond'
joulephoton*

Unit for | =
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= photon second

iy Calculation of - dN o dN,
dt dt

First we have to obtain the number of moles of tasstcconsumed or of product
formedin 1 secondby dividing the respective amount by the timeeoad unit.

In order to calculate the rate of formation or ratelisappearance in molecule per
second units, we have to use the following equation

- dN,,
dt

= Number of moles of reactant

Decomposed in 1 second X a N ...3.5

dN
Also, dtP = Number of moles of product

Formed in 1 second X AN ...3.6
iv) Calculation of Quantum Efficiency

Using Eqg. 3.2 or 3.3 p or f R can be calculated.

Let us illustrate the calculation of quantum e#incy for a reaction.
Example 2

In Photochemical decomposition of acetone using @h3ight, 7.57 x 16 mol

of carbon monoxide is formed in 20 minutes. If light absorbed corresponds to
2.41 x 10° J §%, calculate the quantum efficiency for the formatiof carbon
monoxide.

34
i) energy absorbed per quantumDg = 6.626x10" x3x10 joule photort

| 313x10°
= 6.35 xfQoule photoit

L= Intensityin joulesecond
" 6.35x10* joule photort

_ 2.14x10° joulesecond
6.35x10" joule photort

i.e., L= 3.80 x 1& photons secont
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Amountof carbon monoxid  7.57x10° mol
formedinlsecond 20x60s

ii)

= 6.31 x 18 mol st

dN
dt°° =6.31 x 10 x 6.022 x 16° molecule secort

= 3.80 x tOmolecule secort

_ _ Quantum efficiency for the
iv) Using Eq. 3.4 CO = ) .
formation of carbon monoxic

dN

CO

In the next section, we shall discuss the experiaienethod of determining the
guantum efficiency of a reaction. Before studyihig,twork out the CHM.

SELF ASSESSMENT EXERCISE 1

A radiation of 250nm incident in H1 results in tecomposition 1.85 x 20mol
within a particular time interval. Light energy albised during this time interval is
4.18 k J.

Calculate the quantum efficiency for the decomparsiof H1.

5.2 Experimental Determination of Quantum Efficieng

For the determination of quantum efficiency of afachemical reaction, we must
measure the following:

. the rate of decomposition of the reactants or #te of formation of the
products; this can be done using any of the metb@tsissed in Units 18.
. the number of quanta absorbed in the given time.

In short, we need a method for measuring the amaiuiight absorbed, if we can
devise a method for estimating the intensity of ihedent light (,) and the
intensity of the light transmitted)(by the reaction mixture, the intensity of the
light absorbedlf) can be calculated using the relationship;

atlo—1
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For measurind, andl, same cell is used, corresponds to the measurement of
intensity with empty cell (known as blank) andd,the measurement using the
cell containing the reaction mixture.

The experimental set-up used for measuring thasitteof light is shown in Fig.
3.2

As a source (A) of visible light, a high intensttyngsten lamp or quartz halogen
lamp or xenon arc lamp can be used. For obtainingviplet light, hydrogen or
deuterium lamps are good sources. The light i$ fiessed through a lens, B (to
get a parallel beam of light), and then through anochromator (C). The
monochromator yields a narrow band of light in thesired wavelength. The
monochromatic light then passes through the reactiell (D). The light
transmitted by the reaction cell reaches the detéEd).

I

Fig 3.2: Measurement of Intensity of light during aphotochemical reaction

Note
While using ultraviolet light as a source of ragiaf quartz cuvettes (cells) and
lenses must be used.

Since pyrex glass absorbs light below 300nm, it lsarused for radiation above
300nm only

The visible light has the wavelength region, 800+88. The ultraviolet light has
wavelength below 380nm and above 199nm.

The detector is used for measuring the intensityligiit. The quantitative
measurement of light intensity based on energy emmn or on chemical
reaction is calledactinometry. Detectors such as thermopiles and the
photoelectric cells function on energy conversiomgple. We discuss each of
them in brief below:
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5.21 Thermopile

Thermopile (Fig 3.3) is a device useful for conwggtlight into heat, and then,
heat into electricity. It has a set of junctions different metals having a
blackened surface. This black coating is to enslreorption of all radiation
falling on it. The energy so absorbed increasestéhgperature of the metals.
Thermopile converts this temperature increase anfwtential difference. Light
intensity is related to electricity generated hyTihe detector device must be
calibrated against a standard light source. Theilmapuld be used as a detector
for light of any wavelength.

Note:
Thermopile consists of thermocouples connected dries and it generates
electricity on heating

v

O

n

Fig. 3.3: Thermopile: I. light radiation, Il. Black ened surface exposed to
radiation; Ill. unexposed surface at the back; IV galvanometer.

5.22 Photoelectric Cells

Photoelectric cell converts light directly into ellécity. The current generated is
directly proportional to light intensity. Photoelgc cell is an evacuated bulb with
a photosensitive cathode. Light radiation resultghe emission of electrons from
the cathode which get collected at the anode. Theidlow of current is caused.
The photoelectric cell is sensitive to the wavetbraf the light used and must be
calibrated using a thermopile.
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5.23 Chemical Actinometers

Light intensity could be estimated by a quanti@mtestimation of a substance
formed or decomposed by light. The photochemicatodgosition of KFe
(C,0y)3 is a widely used chemical method for estimatingensity of light
between the wavelength range 250nm and 577nm. Wwghtn this wavelength
range causesdgke(GO,)s dissolved in sulphuric acid to react as follows:

2Fe"+26 ® 2 Fée'
Czo%- ® 2CO, + 2

The concentration of Bt is estimated colorimetrically through complex
formation with 1,10-phenanthroline. (See ExampleThis complex has a deep
red colour. The concentration of the complex isado the concentration of e
present before complexation. The following examplevorked out to illustrate
this method.

Example 3

In a potassium ferrioxalate actinometer, the quantefficiency for F&"
production f FS) at 480 nm wavelength is 0.95. After irradiatihg tpotassium

ferrioxalate solution for 20 minutes, it is complgt transferred to a 200¢ém
volumetric flask, mixed with required quantity of,10-phenanthroline for
complex formation and made up to mark with a bué@ution. For colorimetric
estimation, a sample of this complex is taken wek of 1.00cm thickness. The
complex has an absorbance value of 0.391 arelisl.11 x 16m? mol™.

Calculate

)] the concentration of complex,

i) the number of & ions formed in the actinometer due to irradiation,
iii) the rate of formation of E&ions (dN-g/dt)

iv) la (number of photons absorbed per second)

Assume that one Eeion forms one complex molecule with 1,10-phenasithe.

Solution

)] Note that the concentration of the complex imsaas that calculated in
Example using Eq. 1.1; ¢ = concentration of compléx0352 mol i

Also, concentration of F&ion = concentration of the complex
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ii)

(iv)

= 0.0352 mol i
Number of moles of F& Concentration x Volume of the
Present in 200CHof the solution = of Fé Solution in funit

= 0.0352 x 200 x 10mol
=7.04 x 1 mol

Because 200cin= 200 x 1¢ m®
Hence the number of moles®e = 7.04 x 18mol
formed in the actinometer

The number of F& ions = 7.04 x 10x 6.022 x 16 ions
formed in the actinometer
= 4.24 x 18 ions

dN_ _ Numberof F& ionsforme _ 4.24x10°

dt Timeinseconds 1200
= 3.53 x }0ions second

ions second

Using Eq. 3.2 :leF—S/dt

a

Given thdt_, = 0.95

Henceé, = AN, X i
dt 0.95

3.53x10°

0.95
= 3.72 x ¥photons secontd

photons secont

5.24 The Quantum Efficiencies of Some Reactions

If a photochemical reaction follows Stark-Einsté@v, then f must be unity.
Studies on a large number of photochemical reagtiotgicate that while some of
them follow Stark-Einstein law, many others do fidte quantum efficiencies of
some photochemical reactions along with their ¢iffeavavelengths are given in
Table 3.1
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Table 3.1: Quantum Efficiencies and Effective Wavenths of Some
Photochemical Reactions

Reaction Effective wavelength/nm f
2NH;® Ny + 3H, 210 0.2
2NO, ® 2NO + @ b 366 0.7
H, + B, ® 2HB, b511 0.01
H,S® H,+ S P 208 1.0
2HI® Hy + 1, b 327 2.0
30, ® 203 b175 3.0
H, + Chb ® 2HCI D478 10°

The photochemical reactions for which quantum gfficy is a small integer are
said to follow Stark-Einstein law. Examples are ttiesociation of HS or
ozonisation of oxygen etc. Reactions like the fdramaof hydrogen chloride or
hydrogen bromide do not follow Stark-Einstein laile quantum efficiency for
the former reaction ()+ Cl, ® 2 CHI) is very high while it is much low for the
latter (b + B, ® 2HB,). In order to explain these discrepancies, Bodamst
pointed out that photochemical reactions involwed distinct processes:

) In the primary process, absorption of one quantf light results in the
excitation of one molecule or an atom (A) to fofme excited species, A
Ahtv ® A
Atom or Excited
molecule species
i) In the secondary process, the excited specidgngoes a chemical change
A® Products
According to Bodenstein, the deviation from Starkdstein law are due to the
secondary processes.
In the case of reactions having low quantum yiettds, number of molecules
decomposed by the absorption of one quantum oétiadiis less than one. The
probable reasons for the low quantum yields arerghelow:

. The excited species formed at the first step maydbactivated by
collisions before the product could be formed. Threcess is called
guenching Sometimes the presence of paramagnetic substdikees
oxygen or nitric oxide could result in quenchingdeng to low quantum
yield for a chemical reaction.

. One or more of the reactions in the secondary/psese may be
endothermic. High energy requirement could decrédaseeaction rate. In
Sec. 3.5, we will see that the quantum yield fer fitrmation of hydrogen
bromide is low due to the endothermic nature ofréection between Br
and H (see Example 5 in Sec. 3.5).
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. The excited species may recombine to give the aaacholecule. In the
hydrogen bromide formation, another reason fordRequantum yield is
the recombination of bromine atoms which are forinethe primary step.

In the case of reactions with high quantum yiettls, ex cited species formed in
the first step could initiate a series of chairctems. This causes a large number
of molecules to react by absorption of one quanairtight, as in the case of
hydrogen chloride formation (see Sec. 3.5).

The following CHM could be answered correctly, buy have understood the
materials in this section.

SELF ASSESSMENT EXERCISE 2

The quantum yield for the photochemical formatidrhygdrogen chloride is high
in the absence of oxygen but low when oxygen isge Explain.

53 Photochemical Dissociation

In CHM 301 it has been stated that the bond enyhgipes an estimate of the
average energy required to break a particular bdheése bond enthalpies are
derived from thermochemical calculations (see uhitof CHM 301). It is
generally seen that the energy required for thgodiation of a particular bond by
light absorption is much greater than is bond dpthaalue. In Table 3.2, we
illustrate this for some diatomic molecules.

Table 3.2: Comparison of Photochemical Dissociatibnergies and Bond
Enthalpies

Dissociating | /nm (Photochemical Bond enthalpy’”
molecules (11issociation”energy) kdJmol kJ molt

H, 84.5 1420 436

cr? 478 250 242

Br 511 235 193

H1 327 367 299

) 176 682 497

Note

Bond enthalpy of a diatomic molecule indicates ¢mergy requirement for its
thermal dissociation.

* | value corresponds to maximum wavelength of lightuired for
decompositions by direct irradiation.
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*x Photochemical dissociation energy for one mole caculated by

substituting forl in Eq. 3.4

The reasons for the higher photochemical dissacia¢inergies as compared to

bond enthalpies are given below:

. For dissociating a molecule through light absorptithere must be an
upper electronic state with appropriate energy lfev€here is no such
restriction for thermal decomposition.

. During photochemical dissociation, the product gggeccould be an
excited state and/or in ground state. For examg@égomposition of
bromine by absorption of light of wavelength 511 can be shown as
below:

H 4 Brl =511 nm

Br,+hv® Br
The atom with asterisk sign indicates excited staftbus, photochemical
decomposition of bromine needs 235 kJ TndBut thermal decomposition of
bromine needs 193 kJ miobnly, since both the bromine atoms are formed in
ground state.
The photochemical dissociation of molecules is &sown as photolysis. The
photolysis can be understood using potential endiggrams.

In Fig. 3.4, the ground state and the excited siegerepresented using potential
energy diagrams | and Il, respectively. The quadtizibrational sublevels in
each state are shown by horizontal lines such gEA&Retc.

E/%ima™

| ]
£ipm ..ﬂ
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Fig. 3.4: Electronic excitation; E (potential energy) vs.r (internuclear
distance)

When a molecule is excited from zero vibration&eleAB of ground electronic
state of any of the vibrational levdiglow GH in the upper electronic state, the
resultant electronic spectrum shows an absorptgnd lwith vibration — rotation
fine structure. The fine structure is due to nurosrtransitions (such as I, IV
etc.) possible from the zero vibrational level (AB)the lower electronic state to
any of the quantized vibrational levels in the uppkectronic state. This can
further be understood from the fact that each vidnal level has its own
rotational sublevels.

When a molecule absorbs sufficient energy such ithiat transferred from the
ground state to or above GH in the upper electratéde, then the molecule
undergoes photochemical dissociation. The specshows a continuum (lack for
discrete lines), once the molecule dissociates. difierence in energy between
the levels AB and GH (Ep) is thehotochemical dissociation energyThe
thermal dissociation energy(Et) is equal to the bond enthalpy in the case of
diatomic molecules and it is the energy differermween the lowest and
uppermost vibrational levels (AB and CD) in thegrd state. Note that Ep >.E

We have disused photolysis in detail so far beca@useinitial reaction in many
photochemical reactions. The excited atom or radocaned due to photolysis of
a molecule often starts a chain reaction. We dgle#dl this principle in the next
section in the study of some photochemical reastiddefore studying that,
answer the following SSQ which will help you in @mstanding Example 4.

SELF ASSESSMENT EXERCISES 3
In the photochemical dissociation of Hl, the fsgp is given below:

H+hv® H+1
Note

The excess energyl €. - L Er) that a photochemical decomposition demands as
compared to thermal decomposition is given to ohéhe atoms formed. This
atom is said to be in the excited state.

Assume that H atom formed is in excited state whigdom is in ground state.
Calculate the excess energy that the excited hedregom carries as (use Table
19.2) compared to a ground state hydrogen atom.
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5.4 Some Photochemical Reactions

In this section, we discuss the mechanism of sohwoghemical reactions and
then explain flash photolysis. For the first twacgons given below, we derive
rate equations also. You go through these derinstioarefully. These two
examples could give you an ideal as to how the qatemical rate expressions
are written.

The first step in both the examples is photolyElee rate of the photolysis step is
expressed dg which is the rate of absorption of light (numbé&goanta absorbed

per second). The initial photolysis is followed twermal (or dark) reactions for

which kinetic expressions as similar to those dised in Unit 18.

Example 4
5.41 Photochemical Decomposition of Hydrogen lodide
Let us derive expressions useful in calculating rdite of decomposition of HlI

and the quantum efficiency for this reaction. Hldargoes photochemical
decomposition below 327 um. The mechanism is gbetaw:

Rate of
Hi+hv—H+I C=la 3.7
photolysis
K
H+Hl— Hy+ | 3.8
k
[+ — Ib ...3.9

Such steps are written based on energy considesatib you have answered
CHM in the last section correctly, you could follomhy in the second step H
atom attacks HI whereas | does not.

Note

While deriving rate expressions, we try to elimen&rms contain active species
using steady state principle.

HI is consumed in two ways as per Egs. 3.7 andTh8.rate of disappearance of
HI can be written as follows:

- d[H] = I+ ko [H] [HI] ...3.10
dt

137



As per steady state approximation discussed in @GHEthe concentration of the
active species H is constants. In other wordssatgentration does not vary with
time.

. d[H]
ie., —g 07 bk HIHI ..3.11

Note that H is formed as per Eq. 3.7 and is usqzba&q. 3.8

Or ke [H] [HI] =14 ..3.12
Using Egs. 3.10 and 3.12, we get,
- d[HI]
dt

Experimentally it has been observed that the quantfficiency for HI
decomposition is 2 (Have you worked out CHM 1?)sltwvorth nothing that the
rate of decomposition of HI depends on the intgnsitthe absorbed light as per
Eq. 3.13.

Example 5
Photochemical Reaction between fHand Br,
Hydrogen and bromine combine at wavelengths belbivrén to give HBr as per

the mechanism given below. Let us calculate the ohtformation of HBr and
also the quantum efficiency for this reaction.

Rate of
Br, + hv— Br + Br = PO 3.14
photolysis
Br+H, < HBr+Br ....3.15
H + Br, < HBr + Br ....3.16
k4
H+HBr — H, + Br ...3.17
k5
Br + Br — Br, ...3.18

The rate of formation of HBr can be written as,
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d[HBr]

dt
Note that Br and H are active species and we caplyapteady state
approximation for these two.

= ko [Br] [H2] + ka3 [H] [Br2] - ko[H] [HBr] ...3.19

d|H
% =0=2a—k [Br] [Ho] + ks [H] [Brs] — ke[H] [HBr] -2ks[Br] .3.20
The coefficient 2 in 2land 2k [Br ] are due to the formation or disappearance of

two bromine atoms in the respective steps.

d[H]
e = 0=k [Br] [H2] - ks [H] [Br2] - ka[H] [HBr] ...3.21
Adding Eq. 3.20 and using Eq 3.21 and rearrangieget,

2k[Brf = 2. ..3.22
Oor [Br]=(./k,)" ..3.23

Rearranging Eg. 3.21 and using Eq. 3.23 we get,

[H] =k [Brl[Hy] = k [Hy] (I/ks)™?
ke [HBr] + ks [Br2] ka [HBI] + ks [Br3] ...3.24

Using Egs. 3.19, 3.23 and 3.24
d[HBr] = k2 (Wks)*? [H2] + (ks[Br2] — ks [HBI])
dt

ko [Ho] (1o/ks)? 2kok (1/ks) " [H,] [Br]
ke [HBr] + ks [Brz] = ke [HBI] + ks [Br]

Dividing the numerator and the denominator of R.byS [Br, ]

d[HBr]  2k,k, I [H]

= . 3.35
dt 1+ k,[HBr]/k[Br]
_ d[HBI]
l.e., T a lg~ ....3.26

This shows that the rate of hydrogen bromide foiwnats proportional to the
square root of absorbed intensity. This has beewggrexperimentally.
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In the above two cases, we derived rate expressiast, we shall study the
reaction between Hand C% in a qualitative way, and then, study the priregobf
flash photolysis.

Hydrogen-chloride Reaction

The quantum efficiency for the photochemical corabon of hydrogen and
chlorine is very high. When exposed to light of ei@ngth 478nm, the primary
process in the photochemical reactions is the dposition of chlorine.

ClL+hv—2C1 .. 3.27
This is followed by the following secondary process

Cl+H—-HC1+H ....3.28
H+CL -HCl1+C1 ....3.29

The reaction between C1 ang HEQ. 3.28) is exothermic and much fast. This
results in the propagation of chain reaction witghhquantum efficiency. The
chain-terminating step is the recombination of gl atoms on the walls of the
vessel to form chloride molecule.

ci+¢ci-Cc», L. 3.30

Next we shall explain briefly the main features ftdsh photolysis. Flash
photolysis is useful in detecting the short-livastermediates in a reaction
sequence. The reaction mechanisms are proposed loasdlash photolysis
results.

Flash photolysis

Flash photolysis was developed by Norrish and Pdrte1949. In ordinary
photolysis, the steady state concentrations ofinte¥mediates are so small that
these cannot be detected by absorption spectrapleteos. In flash photolysis, a
high-intensity flash of microsecond duration is di$er photolysis the substance
and the products are identified using absorptioecgpphotometers. The flash
duration must match the decay rate of the interatedi Flash lamps work for a
time of around 15 us. This restricts their useh® $tudy of intermediate of life
time around 100us. In recent years, laser flasihcesthave been developed. The
flash duration is around TGs.

As far as this section is concerned, make sureythatunderstand the derivations
for calculating the rate of decomposition of hyd¥ongiodide and the rate of
formation of hydrogen bromide. This could help ywuarriving at the rate

expressions for simple photochemical reactionsMoich reaction sequence (like
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Eq. 3.14 to EqQ.3.18) is known. You can build up foence by answering the
CHM given below. The aim of this CHM is to make yderive expression for the
rate of formation of carbon monoxide in the phas@yof acetaldehyde. You are
guided through a series of steps with helpful hifités guidance has added to the
length of the problem. Don’t mind it!

SELF ASSESSMENT EXERCISE 4

Look at the reaction sequence for the photolysicetaldehyde:

Rate of
CH3CHO +hv—CG; + CHO g ..(1)
photolysis
CHs + CHiCHO & CHs#+CHsCO ..(2)
CH3CO —CH; + CO ..(3)
CHs + CHz > GoHg (B

la is the absorbed light intensity and it represdhts rate of photochemical
excitation (as per Eq.(1).

Using the above mechanism, derive expressionhiéfallowing:

,  dlencd , dlcH]

dt dt

(Hints: CH3;Co and CH are active species. GEO is formed as per Eq.
(2) and consumed as per Eq. (3).:0siformed as per Egs. (1) and (3),
and used up as per Egs. (2) and (4). The answe(g &nd (ii) are to be
arrived at using Eqgs. 3.21and 3.22 as models. thateas per Eq. (4), two
CHgs radicals are consumed for every molecule of etlfiameed).

dfch,cq . d CH]
ot

iii) Derive the combined expression fe pm

(Hints: Add up the expressions you have got as answe(g fand (ii).

Note
For a 2-election system, the first three singlatest are represented below:

iv)  Find the relationship betwed@H, Jandl,

(Hint: Rearrange the answer for (iii)
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d[CO
v)  State the relationship betweelldt—] and[CH,CO]
(Hint: Use Eq. (3).

Vi) Find the relationship between the rate of fotiora of CO and the
absorbed light intensity.
(Hint: First combine answers for (v) and (i). Then usednswer for (iv)

E(()):ea 2-electron system, the first three singletest are represented below:
1
1
01 o [0}
S S S

Note that E> Es; where E stands for the energy of a particularlleve
Similarly, the first three triple states are repraged below for a 2-electron

system:
(0]
(o]
(o]
) 0 )
T T 2
Ers> ET2>]ET1

5.5  Photophysical Processes

142



The light absorbed by a molecule is not always ugeth producing a chemical
reaction. The absorbed energy can be lost throagbus physical processes also.
In this section, we examine such physical processes

The adsorption of ultraviolet or visible light réisuin the increased of electronic
energy from the ground to the excited stated. Ugddctronic excitation is also
accompanied by an increase in the rotational aoihtional energy levels. In our
discussion, for convenience, we depict only tréms#t between electronic energy
levels. In order to understand the nature of eb@atrtransitions, it is essential to
know the concept of spin multiplicity. A moleculewith electrons pairs and with
anti-parallel spins is said to be in single growstate (§). An excited molecule
with two of its electrons unpaired and, with anti-paralkel spinsis said to be in
the excited singlet state such as$%, S,...etc. An excited molecule wittivo of
its electrons unpaired, but with parallel spinsis said to be in the excited triple
state such as;J T, Ts...etc.

Note

Normally excitation of a ground state molecule kadly to one of the excited
singlet states. But in some specified cases, dercitation from $to a triplet

level is possible. We restrict our discussion ¥R, S® S, etc, transitions
only.

Multiplicity of state is given by the expression 23, where S (note the italicized
type) is the sum of spin values of electrons. BRisbol S should not be confused
with S (Roman type) for singlet state.

Imagine a molecule in the singlet state. It has &lextrons with anti-parallel
spins (such a8'). Then, sum of the electron spins

=S = +%- _% =0
Hence multiplicity
=2S+1=(2x0)+1=1

Normally a molecule in they,State on absorbing a quantum of light gets two of
its paired electron unpaired and gets transfewwes br S or S...etc, levels, but
not to T, or T, or Ts...etc levels. That is, due to excitation, spin nplitity is not
generally altered. This condition is called theesgbn rule for electronic
transition. In other words, absorption of energythg molecule in the ground
state leads to allowed transition such g® &;, S® S, S® Sz and so on. Such
excitations and the subsequent energy loss whiehieg the ground state are
shown by Jablonski diagram (Fig. 3.5). The solidws pointing upwards refer
to absorption of energy. The solid arrows pointdgyvnwards refer to energy
emission as light, known as radiative transitione Tvavy horizontal arrows stand
for transition between excited singlet and trigedte without energy loss, while
wavy vertical arrows stand for transition betweerglet-singlet or triplet-triplet
levels with energy loss as heat (the later is hotws in Fig. 3.5). These wavy
arrows stand for nonradiative transition (transisiavithout light emission).
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Note
Thus the singlet state has two electrons with patéllel spins and its (2S + 1)

value is equal to 1. In the presence of a magrietid, a singlet state does not
split further.

A molecule in the triplet state has two electronthwarallel spins (such &%°).
The sum of electron spins.

=S :%+ _é: 1

Hence the multiplicity = (2S + 1) = 3

So, a molecule in the triplet state has two elastnwith parallel spins and its (2S

+ 1) value is equal to 3. In the presence of a magrield, a triplet state splits
into three energy levels.

In Fig. 3.5, the excitation from the singlet grousite to the excited singlet
levels.

E
. ]
_ ]
s, — - — _ '_.____;..._'rk
-
=N : ¥ T,
| 1 ¥
' S @
LRy 1 “"""""““*‘-"I—Erc"--r-b--i ", T.
**;T | ] 7
=
|

Fig.'3.5: Jablons_ki'diagram

S, & and 3 are shown by vertical arrows marked A. The exciipdcies at S

and S have very short lifetimes and these species, Huidse their energy as
heat to the medium in about10second and reach ®vel. Such a singlet-singlet
transition is called an internal conversion (ICheTmolecule at Sstate has a life

time 10® -10% second. The system a $ay undergo any of the following
transitions.
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A= Absorption of quanta leading to excitation to $ $ and S levels. Note
the antiparallel spins at various S levels

IC = Internal conversion from S to S, from S;to S; and from S t0 &

F = Fluorescence; a transition from $® Swith light emission.

ISC = Intersystem crossing; $ ® T; transition. Note the parallel spins at
various T levels

P = Phosphorescence; a transition from T® $ with light emission
For clarity, transition to and from T , and T3 are not shown.

Note

The name “fluorescence” is derived from the namehef mineral, “fluorite”,

which emits visible light on exposing to ultravibtadiation.

0
0
‘C-©

Benzophenone .

)] Fluorescence

The excited molecule could undergo the transiti®i® S, with emission of
light. This phenomenon is called fluorescence $ihce S® & transition is
allowed by selection rule, it is very fast. In atheords, substances fluoresce in
the presence of the exciting radiation. Once thmtieg radiation is stopped, the
fluorescence stops.

i) Internal Conversion

The excess energy may be lost as heat whike § transition takes place which
is again a case of internal conversion and a riadiass transition.

iii) Intersystem Crossing

The excited molecule could cross over to the fingilet state through ® T,
transition. Such a transition involves spin invensiFor such intersystem crossing
(ISC) to be efficient, the energy gap betweea®l T, levels must be low.

Ketones have very low energy gap betwegnaBd T, levels and have high
efficiency for intersystem crossing. Thus benzopmenhas 100% efficiency for
intersystem crossing. Compared to ketones, aromtadrocarbons are less
efficient in intersystem crossing and olefins ati# ess efficient. Let us now
study two of the processes by which the moleculéhéntriplet state could reach
the ground state.

1) Phosphorescence
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An interesting physical process by which an excispécies at i level may
undergo transition to Slevel is by emitting light; T® S transition with
emission of light is callegphosphorescence (P)This is a process with a spin
change and is a forbidden transition. Hence, intresh to fluorescence, light
emission during phosphorescence is slow and i lagen after the removal of
exciting radiation.

2) Energy Transfer

Another process by which a molecule in the trigtate (called a donor molecule)
may lose its excess energy is by energy transfantacceptor molecule. This is
an instance a$ensitisationwhich we shall discuss in Sec. 3.7.

In this section, we have death with some of theoirtgmt physical processes only.
Let us now see some of the applications of theysaidhe physical processes.
Study of fluorescent behaviours of substances bdstd the development of
fluorescence spectroscopy. Using spectrofluororagiéeris possible to identify
several fluorescing substances present in the saéon, provided they have
sufficiently different fluorescent such as 4 @/cn? could be detected. For
example, this method is quite useful in the analys drugs, pesticides and
atmospheric pollutants which are present in tracemuats. Studies based on
fluorescence and phosphorescence provides impodatat on the properties
excited states such as lifetime, energy and eleictcmnfiguration.

On the commercial side, fluorescent lamp is onethef applications of the
phenomenon of florescence. A florescent lamp ctssisa glass tube with

. a small amount of mercury,
. two electrodes, and
. a coating of phosphor.

A phosphor is a solid substance which emits flumeas light when excited
ultraviolet radiation. The electrodes initiate atec&ic arc which helps in
vaporizing and exciting mercury atoms. The excit@@rcury atoms emit
ultraviolet radiation. The phosphor, being excitgdultraviolet radiation, emits
fluorescence.

Some other commercial applications of fluorescexreggiven below:

. Optical brighteners are added to detergents to gkea-brightness to the
clothes. Optical brighteners fluoresce in sunlight.

. Fluorescent paints are manufactured using suiteddéives.

. TV screens of different colours are produced ugingsphors.

Although molecules in the excited a singlet andléristates could show
interesting chemical behaviour, their studies acuded in CHM 437 (Organic
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Reaction Mechanism). In the next section, we st@ituss photosensitisation;
this discussion could make you understand how ataobe gains photochemical
activity in th e presence of another photochemycalcited substance. Based on
the materials of this section, answer the follon8#0Q.

SELF ASSESSMENT EXERCISE 5

State two differences between fluorescence andgblmosscence.

5.6 Photosensitisation

Photosensitization is the process of exciting aecude by energy transfer from
an excited molecule. In this process, a donor nutde¢D) absorbs a quantum
light and forms an excited molecule (P The excited donor molecule then
transfers its excitation energy to an acceptor oue(A) in the ground state in
order to excite it. This can be explained usingftlewing reaction sequence:

. Light absorption : D+Hiv— D
. Sensitisation : D+A—A +D

The donor molecule is called sensitizer. In Se6, e mentioned about such
energy transfer by the excited molecule. The eddaieceptor molecule Acould
take part either in chemical reactions or in phgisigrocesses which we shall
discuss now.

5.61 Photosensitised Chemical Reactions

If the excited molecule A has obtained sufficient energy, it will get dissted
and start a chemical reaction. The advantage itnogbasitized dissociation of a
molecule is that it is enough to transfer energyieient to its bond enthalpy to
dissociate it. It is so since the photosentisisedeoule gets dissociated in the
ground state. This is in contrast to direct photwoital decomposition for which
much higher energy is required due to the necesdityxciting a molecule to
upper electronic state (see Sec. 3:4). Thus theggmequired for photosentised
dissociation of a molecule is less than that oftptimemical dissociation.

Let us consider an example. When irradiated witB.2%m light, hydrogen and

oxygen react in presence of mercury vapour butinats absence. Mercury
vapour acts as a sensitizer. The reaction sequegoen below:

Hg +hv—Hg'
Hg +H, »H +H+Hg
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H+)—O0H+O0

The chain reaction continues further. The energndferred to hydrogen
molecule by excited mercury atom is equal to 472kl (as per Eq. 3:4 where

| = 253.7nm). This energy is sufficient for therndi$sociation of hydrogen
since its bond enthalpy is 436 kJ Mdbee Table 3.2). Note that excited mercury
atom cannot directly dissociate oxygen moleculeesits bond enthalpy is higher
(497 kJ mot). Further in the absence of mercury vapour, ligh253.7 nm (or
472 kJ mof energy) cannot photolyse hydrogen or oxygen diresince the
energies needed for their photochemical dissociatiee much higher (1420 kJ
mol* and 682 kJ mdl respectively). Hence mercury vapour is essensaba
sensitiser for B0, photochemical reaction ds = 253.7 nm.

A well-known photosensitised reaction is photosgsth. Chlorophyll (“chl”) and
other plant pigments act as photosensitises irsyhéhesis of starch from carbon
dioxide and water. A simplified reaction sequerkas follows:

chl +hv—chl" Starch

chl” CO, + H20—>1 (CH,0) + 0, + chl
n n

Note:

Chlorophyll is the name given for a group of compas with minor variation in
structure. Chlorophyll-a absorbs effectively in tieel region of sunlight; the red
light is in abundance in sunlight.

The reaction mechanism is very complex. Energyutalions show that apart
from chlorophyll, there must be other coloured tighsorbing materials
(pigments) which also provide energy required lfar synthesis of starch.

Photosensitisationm is frequently used by chemistspreparing compounds
which cannot be formed by thermal or direct irrddia methods.

5.62 Sensitised Fluorescence

Let us now discuss a physical process which pracdbdough sensations.
Thallium vapour does not give rise to fluorescemten directly irradiated with
light of wavelength 253.7nm. But if mercury vapasr also included in the
reaction vessel, thallium exhibits fluorescence.rddey atoms get excited first
and transfer energy to thallium atoms to exciterth&he excited thallium atoms
emit fluorescent as they go down to the groundlleve
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Using the ideas learnt in the section, answerdheviing SAQ
SELF ASSESSMENT EXERCISE 6

Oxalic acid is not decomposed directly by light whvelength, 335 nm.
Irradiation in presence of uran)ﬂUOE) ion results in the decomposition of

oxalic acid to carbon monoxide and carbon dioxide.

i) How do you explain this reaction?
i) Suggest a reaction sequence.

(Note: the above procedure was used in the earlier danactinometrical
method of determining the light intensity. Oxalicich solution of known
concentration was irradiated in presence of uranyland the reacted oxalic acid
was estimated using potassium permanganate saliiom the amount of oxalic
acid reacted, the intensity of light was calculaiesing f for a particular

wavelength.)
5.7 Applications Of Photochemistry

We have earlier indicated the applications of thadyg of fluorescence,
phosphorescence, flash photolysis and photoseatsitis Apart from the above, a
few are worth mentioning.

Synthetic organic chemists have increasingly dartesing photochemical
methods for synthesis due to greater efficiency seldctively as compared to
dark reaction. Photochemistry offers a method ofdoecting reactions which are
not possible thermodynamically.

In the analysis of pollutants, photochemistry plays important role. For
example, photochemical studies have indicated hpane layer is affected by
chlorofluorocarbons (Freon) used as refrigerardbjesits and spray-propellants.
The simplest Freon is GEI,. Freon is chemically inert and remains as such for
years. But when it stratosphere (10 km to 50 knvalibe earth’s surface), freon
decomposes and gives out free chlorine atoms. Ttlelseine atoms can react
with ozone decomposing it. This can cause deplaiioaone layer. It is a matter
of serious concern since ozone layers protectsptauret from low wavelength
portion of sun’s rays (290 nm -320nm wavelengthjadiation with such high
energy radiation could product skin cancer. Assalteof photochemical studies,
alternatives are tried for Freon.

The present energy crisis has compelled the sstentid look for alternatives.
Solar energy, if properly utilized through suitapleotochemical reactions, could
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offer a solution for this energy problem. In thisnoection we now discuss the
functioning of a photogalvanic cell which is helpr fsolar energy conversion
through chemical reactions.

Notes:
Three common types of cells used for convertingtligto electricity are given
below:

i) Photoelectric cells or photo cells convert ligimto electricity using
photosensitive cathode. (see Sec. 3.3)

i) Photovoltaic cells have two dissimilar silicgar germanium) crystals in
close contact. Irradiation of light causes flowetéctrons from one crystal
to other. Solar cells used in calculators are plataic cells.

iii) Photogalvanic cells convert light into elecity through chemical
reactions.

__-‘ 2+
&1
N, I{'“ A
Tris — (2,2'- bipyridine)
ruthenium (II) ion
5.71 Photogalvanic Cell
A reversible cell which converts light into electty through an intermediate

chemical reaction is called photogalvanic cellutidergoes cyclic charging and
recharging process as explained below:

5.72 Charging in presence of light

Two substances undergo oxidation — reduction isgree of light

OA; + RA;, — OA, + RA;
In this OA and RA refer to oxidized and reduced from of substance/tile
OA; and RAto those of substance 2. In this process, lighsed in conducting a

chemical reaction. This photochemical reaction hermodynamically non-
spontaneou&(G>0). By the above photochemical process, thexetharged.
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5.73 Discharging in the absence of light

In the absence of light, the reaction reversestspeousl{D G< 0).

OA; + RA; ® OA; + RA,
The chemical energy gained during charging is cdadeinto electrical energy
and the cell is discharged.

An example of such a system is given below:

Yo

e

+

|
t.
|
|
|
|

(R (bigh] " —= [Fef* 4 & o Pt
(R (higyhy ' 44" l

Fig. 3.6: Photogalvénic cell
Fe’* + Ru (bipy} — Ru (bipy)s+ fe**

In this system, tris- (2,ipyridine) ruthenium (Il) — tris- (2,2ipyridine)
ruthenium (Ill) and iron (Il) — irons (lll) are thievo redox pairs. The platinum
electrodes serve as electrical contacts (Fig. 3.6).

In the next section, we shall discuss chemilumieese, which in a way, is the
reverse of photochemical reaction.

Note:

Phtocheomism is the light induced reversible colthange. The colour change is
brought about by reversible reactions. Phtochrasuinglasses darken in sunlight
and protect the eyes from the excess light. Thelasses contain Agnd react
reversibly as follows:

In presence of sunlight:
Ag' (s) + CU ©— Ag (s) + CG*(s)
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Silver formed is responsible for the darkeningha glasses.
In the absence of sunlight:
Ag (s) + Cid*(s) —»Ag* (s) + CU (s)

SELF ASSESSMENT EXERCISE 7

Suggest a basic difference between galvanic cditcyssed in CHM 112 and
photogalvanic cells

5.74 Chemiluminescence

Chemiluminescence is the emission of light as altredf chemical reaction at

room temperature. It must be clearly understootichemiluminescene is not due
to any photophysical process like fluorescence hosphorescence. Some
examples of chemiluminescence are given below:

. Glow of phosphorus is due to slow oxidation; it mot due to
phosphorescence as name suggests.

. Oxidation of Grignard compounds by air or oxygesutts in greenish-
blue luminescence

. Will-o-the-wisp (mistaken as light produced by evil spirits) i€ thlow
caused by the oxidation of decaying wood in magdhges.

. Emission of light by firefly is due to oxidation ebme proteins in its body
(this is also called bioluminescence).
58 SUMMARY

In this unit, we have discussed the physical amhgtal processes accompanying
light absorption.

. The laws of photochemistry have been stated ankhiexol.

. Quantum vyield has been defined and the method @rmeing it has
been explained.

. The variation in energy requirements for photoclvainiand thermal

dissociation has been discussed.

. The rate expressions have been derived fro somegtemical reactions.
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5.9

1)

2)

3)

4)

5)

6)

7)

i)
ii)

8)

The photophysical processes have been explaineg.applications of
fluorescence and phosphorescence have been stated.
Photosensitization has been explained with examples
Chemiluminescence has been defined.

TUTOR MARKED ASSIGNMENT

State two differences between a chemical reactih photochemical
reaction.

If 10% of the energy of a 100 W incandescent babegates visible light
having average wavelength 600nm, how many quanlgtdfare emitted
in 10 minutes?

Aw=1J%)

(Hint: a tungsten filament bulb is an example of incandat bulb.
Incandescence is light emission due to intense)heat

The extinction coefficient (€)value of a substance is 4.66mol™.

. . . , : . I
calculate the concentration of its solution (in amiy) which hasl— =
0
0.2. the thickness of the cell is 1.00 cm.
At 478nm, hydrogen and chlorine combine to giverbgeén chloride with
a quantum efficiency of 1.00 x 40f the absorbed intensity is 2.50 X310
J s', calculate the amount of hydrogen chloride forime#i0 minutes.

(Hints: The unit for amount is mole.)

State some of the applications of fluorescence phdsphorescence
studies.

In the photochemical reaction between hydrogenkaondcine at 511 nm
wavelength, the first step is the photolysis ofrbiree but not of hydrogen,
Why?

(Hints: Use table 2.2).

Fill in the blanks:

Light emission throughS® S transition is called.........

Light emission through i®® S transition is called......

The energy required for photolysis of bromine ishart its bond enthalpy.

Suggest a condition that should be fulfilled in @rdo photolysis a
molecule using a sensitizer.
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5.10 ANSWERS TO SELF-ASSESSMENT QUESTIONS

6.626x10* x3x10
1 Energy absorbed per photoa= joule photort
) ay perp 25010 " J p

=7.95 x 16° joule photort

Assume that the reaction is conductedt feeconds.

Intensityin joule second
7.95x10* joule photort

Hence,l; =

_4.18x10 joule/tsecont
7.95x10" joule photort

5.26 x1G" i
= =~~~ photon seconrt
2
Amount of HI decomposed in 1 seconé'gSX:LO mol
tsecond
_ 2
(ZT”' _ 18510 x 6.022 x 16° molecule secont
1.114x16%° )
=" """ molecule secont
Using Eq. 3.3 - dN,, /dt: 1.114x1(312 /1
. 5.26x10" /t
=212
2) Oxygen molecules could quench the excited speklence in presence of

oxygen,f HCI is low.
3) For HI, the difference between photochemicakatisation energy and

bond enthalpy is 68kJ nibland the excited hydrogen atom carries this
excess energy.
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4)

5)

6)

7

) d[CHCO] =0 =k [ CH3] [CH3CHO] — ks [CH3CO]
dt

i)  d[CH =0 = 1k [ CHs] [CH3CHO] + ks [CH3CO] — 2k [CHa]?

dt
i dieh.cq, dCH]_,_ I,- 2k,[CHT
dt dt
iv)  [CH]= Ila
2k
V) dleal_ k,[cH,CO]

vi)  d[CO] = k, [CH3] [CH3CHO]
dt

=k2 L [CHCHO]
2k

The light emission during fluorescence is due Se-S, transition,
fluorescence, being due to an allowed transitismguite fast and stops as
soon as exciting source is removed.

The light emission during phosphorescence is QUE;® S transition.
Since this transition is forbidden, it is slow andpersists even if the
exciting source is removed.

+
i) UO _ionacts as a photosensitiser and facilitates the
decomposition of oxalic acid.
B + +
i) UoO +hv— UO
2 2

+ +
UO2 + HC,O4 — UO2 +H,0 + CO + CQ

In a galvanic cell, the potential difference is daeonversion of chemical
energy into electrical energy.
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In a photogalvanic cell, light energy is converiieid chemical energy, which is then,
converted into electrical energy.
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APPENDIX |
Use of Eg. 2.66 in Calculating Total Collision Fregency

To understand the derivation of Eq. 2.79 for thaltoollision frequency among

the molecules of two gases, X and Y, it is betterecapitulate the derivation of
Eq, 2.52 given in Sec. 2.11 of Unit 2. Using aatiént procedure, Eq. 2.52 was
derived for calculating the total collision freqegnamong the molecules of a
Single gas.

Eq. 2.66 can be used for deriving the total cdhsifrequency among the
molecules of a single or two different gases. Nl@wvus see how Eq. 2.66 could
be used to derive the total collision frequency aghthe molecules of a single
gas.

Collision diameter of a single gass=
The reduced mass of a system

of two molecules of thesame _ _ m* = m
gas which undergo collision| =~ H =2m -

Mass of each moleculenf is same andn,= m,, = min Eq. 2.70

Mass of one molecule of a gas)(

= Molar massM,)
Avogadro constaniNg)

Andk, Na = R

Note that while dealing with relative motion of raoules, we must use reduced
mass of a system of two molecules put not the rmaassmolecule. Using thg
value given above in Eq. 2.68

average relative speed _ [ kb'B] Yo vl 8T |%
of two molecules of a gas T m/2 Tm

o &TNy ) 12 B BT ) %
=2% 7T MNa _Zian

i.e., Average relative speed of RB %
two molecules of gas [nMnj

= 2
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Mass of one molecule of a gas (m
Molar mass (Mm)
Avogadro constant ()
and k N5 =R

~

Number density of the gasrg

Now, let us come to the correction factor requiveliile calculating the total
collision frequency among the molecules of a singgs. Suppose there axe
molecules in a gas with labels, 1, 2, 3, N..To Calculate the total number of
collisions, we use the following method:

First, imaging that molecule 1 is colliding withosaof the molecules 2; 3, 4.......
N and count the number of collisions

Then, assume that molecule 2 is colliding with eaicthe molecules, |, 3, 4 ... N
and count the number of collisions

Continue the above procedure till the Nth moleatddiding with each of the
molecules, 1, 2, 3 ... (N - §nd count the number of collisions in each case.

Add the number of collisions obtained in each cdsethis procedure, each
collision would have been counted twice. For examible collision between
molecules 1 and 2 is counted twice as if, moleduie colliding with molecule 2
and, molecule 2 is colliding with molecule 1. Hertbe correction factor,/2,
must be included in Eq. 2.68 while calculating tiial collision frequency among
the molecules of a gas, so that each collisiomusited only once;

i.e., correction factor = 1/2
Substituting the various factors in Eq. 2.66

Total collision frequency )
among the molecules of a gas no?. 2% .u.Nny.Ng. %
(denoted as 4 in Sec. 2.11)

= 1 no2unré
V2

While calculating the total collision frequency amgothe molecules of two

different gases such as X and Y discussed in #asa, there is no necessity for
the corrector factor. We add up the number of siollis that each molecule of X
will make with each molecules of Y as follows:

Let the molecules of gas X have labels,
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Let the molecules of gas Y have labels,

Y, Y2Y3..... YN
Count the numbesf collisions as indicated below:

Let the molecule X collide with each of the molecules;,YY, Ys ..... Yn and
count the number of collisions.

Repeat the process and count the number of coltidiioat % makes with Y, Y,
Y3.....YNn. Continue the process and calculate the numberlligioas upto the
molecule X colliding with each of the molecules,YY; Y3 .....Yy

Add the number of collision us in each case.

In this process, each collision between a moleotil¥ and a molecule of Y is
counted once only. Hence there is no necessityctorection factor while
calculating the total collision frequency among thelecules of different gases.
In this case we have nobunted

)] the collisionamongthe molecules of X only or

i) the collisionsamongthe molecules of Y only.

APPPENDIX I
Derivation of Eq. 2.97AH* = E, — 2RT

According to Eq. 2.59, Irk = in A — EJ/RT. Differentiating with respect to
temperature and assuming A dfgo be independent of temperature,

dink E. The change in concentration of |a
arT = R? species is related to
_ 2 . the change in the amount
or Ea=RT d Ink of the species and
Td
. the change in the volume
This equation can be represented in the followingnf unde of the system.

constant volume conditions:

If volume of the system is kept

constant, the change in

Ea= RT [5 In k] concentration of the species could
or Jv be directly related to the change

..(A.1) in the amount of species.

Keeping this in view, many
reaction rates are measured undger
constant  volume  conditions.
Reactions taking place in closgd
vessels are examples of this type.
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Rewriting Eq. 2.91

_ o keT
K=V Ko ....(A.3)

where—~ =V° = standard volume
K) = Vk ((TKy)
oT) v h oT v
K) - Vo [ oK, ] ..(A.4)
[GT] v h Kp”[ aT ) v
Using Egs. A.3and A4
1 (k) __h  Vk Kp
k 0T Jv = VkTKp h [Kp” oT v]

_ 1 [Kp”[ikp_] V] .. (A5)

TK, T

RT?(ok | _ _RT? ko
k |oT Jv = TK, (Ke*T (0T Jv
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P oT

RT? (ok Ik, ...(A.6)
k_[aT] v= RT+RT [aT ] v

1
SRT |1+T. oK
o (%,

Using (A.2) and (A.6)

Ea=RT+RT? (dinky . (A7)
oT v
-dink, =  AH°
RT?Z - (2.102)

Under constant volume conditions, takes the form.

RT? [M}v = AL;T* .. (A.8)

whereAU* is the molar activation internal energy.
From Egs. A.7 and A.8,

E.=RT+AU* ... (A.9)
Applying Eg. 4.15 pf CHE 112 for the formation bktactivated complex,

AH* = AU* + A ngRT

A ng = Difference in the number of moles between theegas reactants and the
gaseous products.

= -1 (for the formation of the activated complexper Eq. 2.89)
...(A.10)
Hence AH *= AU*-RT
Using Eqgs. A.9 and A.10,
Ea=AH' = AU* + 2RT
or  AH* =E,-2RT

The last one is Eq. 2.97

Eq. 18.160 written below specifying the physicatstx(g) + Y—A* (g)
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