CHEMICAL KINETICS
Part |-Experimental Aspect

Introduction:

The chapter deals with the answer to the question ‘how fast a chemical reaction can go.’
Obviously, the term that relates the question is to study ‘the rate of reaction’ and its dependence with conc. of
the reactants and experimental temperature. If we get sufficient information of this dependence, we can conduct
the reaction with our desirablerate.

Very fast reactions (such as ionic reactions) and very slow reactions (such as H, + Cl; in dark)
are not discussed in this chapter. We shall study the reactions that occur with moderate rate, for example,
decomposition of H2O», hydrolysis of ester, mutarotation of glucose, decomposition of N2Os, €tc.

Rate of a chemical reaction:

Sincerate of a chemical reaction depends on time from the start of the reaction, it is defined as
the rate of change of conc. of reactant or product at a particular instant of time.

d[A] _dIP]

Let ustakeasimplereaction, A — P. Thereactionrate, r = — p

r, I

Except zero

[Since with time, [A] decreases and [P] increases so the rate is always positive order reactions

quantity.]

If we consider the chemical reaction, v,;A +v,A =v,A +V, A,
o, 0=—v,A -v,A +v,A+V,A, O, 0=2v A, time ——
where v, ’s are the stoichiometric coefficients, v, = (—ve) for thereactantsand v, = (+Vve) for the products.

rate ——

A's arethereacting components.
The number of moles of the reacting components changes with the extent of reaction (5) as,
n=n+v¢,

where n, = number of moles of i th component at the advancement of £ and n’ at theinitial timewhen & = 0.

SO, d_nzvig or, ld_nzvilg or, l M :1% or, lM:l%
dt dt V dt V dt v, dt V dt v, dt V dt
This d—(’g is called rate of conversion of the reaction and ld[d?] is called rate of the reaction.
V.

1dA]_ 1dA]l_1dA]_1dA]
v, dt v, dt v, dt v, d
the rate of reaction is independent on the reacting component with which it is expressed.
For the reaction, 2N20s — 4NO3 + Oy,

. Thistype of expression of

Thus therate of the reaction, r = —

_1d[N,0]_1d[NO,] _d[O,]

therate of thereactionis = =
2 dt 4 dt dt

Question: Therate of areaction is 1.0 x10° mol dm™® s, Calculate the ratein molecules cm st unit.
[Burdwan Univ. 2002]

Answer: Rate= 1.0x107° (6.023x10”molecule) x (10 cm)°s™ = 6.023x 10" molecule cm™®s ™.
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Question: Consider the reaction: A + 2B — 3C. If at time t, degree of advancement of thereactionis &,

write down the relation amon —M, —@ and M
dt dt dt

Answer: Seethe Text above, —M:—Eﬁzémzldj
at 2 d 3 d Vd

Deter mination of reaction rate;

For determination of rate of areaction, A — P, we need data of the conc. of either reactants
or products at different timeintervals. For this, aliquot amount of the reaction mixtureis separated by pipette
and isimmediately added to sufficient ice- cold water (inert solvent). The reaction rateis suddenly arrested due
to dilution and lowering of temperature of the reaction mixture. With dilution, conc. of reactants is decreased
and thus rateis also decreased. At low temperature, reaction rateis also slowed down. These two factors
simultaneously act to quench the reaction rate.

The conc. of the reactants or products is now estimated either by chemical methods or by
physical methods. The conc. is now put in atable at different time intervalsand conc. vs. time plot is made.
Rateis now determined by the slope of the tangent drawn att’ (say).

temperature is fixed

time [|conc. of [conc, of]
reactant prnduct
I P T | o | T4, | o
[A] [7] ho| 14 | [P
[A]f [P]f r2 [}1]2 [P]2
\ Ll A, | Pk
° Q;} °Y £ (4], | [P],
rﬁ [A]‘S [P]ﬁ
dA_op

Sotherateat t' or at [A]' isgivenby I =— O_Q from thereactant conc. vs. time plot or from product

at
conc. vs. time plot as shown above.
Theinitial rate of the reaction (ro) is determined from the slope of the tangent drawn at zero time or at initial
conc. of reactant [A]o.
The chemical methods of estimation of conc. involve the titration with suitable reagent using proper indicator.
The physical methods involve the change of any physical properties of a reacting component of the system.
These properties may be pressure, conductivity, optical rotation, optical density, etc.
Factors on which the reaction rate depends:
There are several factors that can influence the rate of a reaction.
(1) The nature of the reactants.
(2) The conc. or effective mass of the reactants (mass action law)
(3) Thetemperature at which the reaction is occurring (Arrhenius equation)
(4) Presence of some foreign substance (catalyst)
(5) Degree of fineness of the catalyst (heterogeneous catalysis)
(6) Absorption of radiation of suitable frequency (photochemistry).
Thereaction rate is enhanced by the increase of factors (2) to (6).

Question: Inakinetic study of areaction in an agueous medium, it is customary to stop the reaction by

adding large excess of cold water. Explain the underlined words. [Burdwan Univ. 1994]
Answer: See above Text.
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Rate equation (rate law) and order of reaction:

Dependence of reaction rate with the conc. of reacting components at a given temperature is
expressed by the rate equation. Mass action law guides the basis of formulation of rate equation. This rate
equation can only be formulated on the basis of experimental data.

For example, decomposition of hydrogen peroxide, 2H-O, — 2H,0 + O, follows the rate

d[H.O
equation, —% =k[H,O,]. That is, the rate of decomposition of H-O depends on singlepower of

H.O, conc. Thus, if conc. of H»O; is doubled, therate is also doubled. This type of reactionsis called first order
reactions. Rate equation can not be deduced from the stoichiometric equation of the reaction.

dH,]

Again, for thereaction H; + |, — 2HI, the rate law is — =K[H,][l,]. Thisreaction is second order as

the rate equation contains two conc. terms.

d[Cl,]

Thereaction 2NO + Cl, — 2NOCI, the rate equation is — = k[NOJ?[Cl,] . Thus the reaction is 2™ order

with respect to NO and 1% order with respect to Cl,; the total order is 3.

Reactions higher than third order are not possible since in that case more than three molecules have to collide
simultaneously.

If the reaction A + B — P follows o th order with respect to A and £ order with respect to B, then therate

diP]

equation is o K[ A]“[B]” . Thetotal order of thisreaction, N=a + 3.
The order may be fraction and even zero. Decomposition of acetaldehyde, & /& it ———— C#, + £ 0

w ~K[CH,CHOJ™, sothe orde of thereactionis 3.

Decomposition of HI on gold surface, 2HI — H> + |, is zero order so the rate of the decomposition of HI does
not depend on the conc. of HI.
For some reactions such as formation of HBr, H, + Br, — 2HBr, the rate equation as formulated by Bodenstein

, 1dHBr] _ K[H,J[Br,)"
2 dt  1+k[HBr]/[Br,]

initial stages of the reaction when [HBr]/[Br,] << 1, thereactionis 1% order with respect to Hz and %2 order

with respect to Bry; thetotal order becomes 3/2. Rate equation is thus an experimental format.
Rate constant (k):

k in the above rate equation is called rate constant and it is constant for areaction at a given
temperature unless the experimental condition is changed to alarge extent. It may be defined as the rate of the
reaction when the conc. of the reactants is unity i.e., each reactant at conc. of one mol/lit. Thisiswhy it isalso
called specific reaction rate.

dlAl

For nth order reaction A — P, the rate equation is o K[ A]", the unit of rateis conc./timesoit is

follows the rate equation, —

and thus the order of the reaction can not be assigned to. Only at the

mol lit'sec’’. The unit of rate constant, k for nth order reactionis concX"time™ = mol*"lit"*sec™.

From the unit of rate constant, it is possible to identify the order of the reaction. For example, k of
decomposition of HI is 3.5x10" mol it sec™ at 556 K, so the order of thereactionis 1-n=—-1or, n=2.

Thus the order of areaction is the sum the conc. terms on which the rate of the reaction depends.
Since the order is based on the experiment, hence it depends on the experimental conditions also.
Thus decomposition of azomethane [(CHs)2N7] is 1% order at moderate to high P but 2™ order at very low P.

In many el ementary reaction (in which the products are formed from the reactants in a single step), the
rate law happens to reflect the stoichiometric equation. Thus the stoichiometric equation for the dissociation of
HI is 2HI — H, + |, and thereaction is 2™ order.

For multistep reactions, the order of the slowest step becomes the order of the whole reaction.
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Purpose of the rate equation:

The study of rate law has two purposes. Oneis of practical importance to know how the reaction
rate depends on the conc. of the reacting components. Thus it permits to predict the reaction rate a a given conc.
of the reacting components. Further, we classify the various reactions on the basis of order and so some
reactions are 1% order, some are 2™ order and so on.

Reactions of a particular order have some common features.

The second oneis of theoretical importance. It helps to build up possible mechanism of the
reaction. By mechanism of a reaction we mean the detailed description of the paths by which the reactants move
to the products. The accepted mechanism must conform to the observed rate equation.

Molecularity of a reaction:

Most of the reactions proceed through a series of elementary (simple) reactions. These elementary
reactions are classified according to the number of molecules they participate. The reactions involving one
molecule are called unimolecular reactions; the reactions involving two molecules are called bimolecular
reactions, etc. For elementary reactions, order and molecularity are same.

For multistep reactions, thereis no overall molecularity though they may have definite order.
Order can be predicted from molecularity for elementary reactions only.

Molecularity must beintegral but order may be fraction even zero.

The order of areaction is obtained only from experimental results but molecularity is given on the basis of some
proposed mechanism of the reaction. Since order is an experimental property so it depends on experimental
condition while molecularity is atheoretical supposition.

However, overall reactions are neither characterized by molecularity nor each and every reaction is
characterized by definite order.

Question: For the elementary reaction A + B—%— 2C, express d[A]/dt and d[C]/dt in terms of :
(i) thereactionrate ()
(i) rate constant (k) and the molar conc. of A and B.

. . dA] 1d[C .. dA 1d[C
Answer: (i) Thereactionrate(r ) = _diAl = —L. (i) — LA = — €] = k[A] [B].
dt 2 dt dt 2 dt
Question: Distinguish between the ‘molecularity’ and ‘order’ of a chemical reaction. Give examples. (3)
Answer: [Burdwan Univ. 1992]

Order: It is sum of the conc. terms on which the rate of reaction actually depends in the rate equation.

It is determined by experiments only and it has no relation with stoichiometric coefficients of the balanced
equation of the reaction. It need not be a whole number, it may have fraction even zero. It isfor only overall
reaction and no separate steps are written to obtain it.

Molecularity: It isthe number of atoms, ions or molecules that must collide with one another simultaneously so
asto result into a chemical reaction. It is always a whole number. It can be calculated by simply adding the
molecules of the dowest step.. Each step has its own molecularity in a multi-step reaction and so overall
molecularity of this type of reaction has no significance. Only in elementary (one-step) reactions, order and
molecularity are same,

INTEGRATED RATE EQUATIONS
Introduction:

The differential rate equation shows the dependence of reaction rate with the conc. of the reacting
species. But the integrated form of the rate equation provides easy method of determination of rate constant and
hence calculation of conc. of these reacting species at any time from the start of the reaction.

We shall discuss the kinetics of zero, first, second and nth order reactions in detail.
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ZEROTH ORDER REACTIONS
Differential rate equation:
Rate of this type of reactions does not depend on the conc. of the reactants. L et the reaction is

[A] d[ Al

represented by A — P, the differential rate law is ——— = k[ A]° =k,, where k, istherate

constant of the zeroth order reaction.
(Al

t
Integrated rate equation: The above equation when integrated within limits, we get — j d[A] = ko_[dt
[Alo 0
or, [A] = —k,t +[A],, where [A] isthe conc. of A at timet and [ A],
isat zerotime.
Deter mination of rate constant (K, ): [Aly

[A] isdetermined at different time intervals by
suitable physical or chemical method and [A] is plotted against t.

From the slope, the rate constant (k) can be obtained for the reaction [A]

agiven temperature. Unit of rate constant = conc./time mol L™ sec™.

Half-Iifeperiod(t}/): E— t,
2

T slope= —,f(D

It isthetimerequired for the conc. of the reactant to be cut in
_ . . Al / [A]/
half. Thuswhent =t,,, [A] = [A]d/2 intherate uatlon,so[ %, =—k,t,, +[A],or, t,, =70

That is, half life period is proportional to the initial conc. of the reactant.
Completion time (tc): It isthetime required to complete the reaction, so in the rate equation,

when't = t, [A] = 0. Putting in the rate equation, weget 0=—k, t. +[A], or, t, = [A% . At thistime

whole of the reactant is converted into product. Thus 1% order reactions undergo compl etion.

So, t, istwiceof t 1 for the zero order reaction and thus this type of reaction goes to completion.
2

/ =10 mn / =10 mn
[A], > 50% [4], ———> 0% 4],

. =2t,=20mn
| c Tx 1

Some examples of the zero order reaction:

(A) Photochemical reactions like Ha(g) + Clx(Q) T, 2HCI(q) is a zero order reaction.

(B) Zero order reactions generally takes place in a heterogeneous system.
Gaseous reactants are adsorbed on the surface of the catalyst whereit is converted into product. Therate of
thereaction is proportional to the fraction of the surface of the catalyst covered by the reactant and the
fraction is proportional to the conc. of the unadsorbed gaseous reactant in the lower range and follows
1% order kinetics. When the surface of the catalyst is fully covered, any further increase in the conc. of
gaseous reactant is not adsorbed and fraction of the surface of the catalyst remains unity. Therate
of the reaction becomes independent of the conc. of the reactant and the reaction becomes zero order.

(1) CH = CHo(g) + Ha(g) ———— CH3— CH4(g).

(2) 2NHs(g) ——> Nx(g) +3Ha(Q) (3) 2HI(g) ———— Ha(g) + I2(9)

(4) 2N,0(g) ——=— 2N(g) + O(q)

(C) Enzyme catalyzed reaction is zero order with respect to substrate when the substrate conc. is high.
Substrate —— =" »Products, Rate = k [Enzyme]o [Substrate]°.
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Order and molecularity of zero order reaction:

Sincefor elementary reactions, order and molecularity are same so zero order reactions can not be
elementary reactions. Heterogeneous catalyzed reactions are found to be zero order reactions under certain
experimental condition.

Some solved problems:
(1) What is zero order reaction? Cite some examples. What is the molecularity of this type of reactions? Plot the
decay and decay rate vs. timefor this kind of reactions. [Burdwan Univ. 1991]
Hints: For 1%, 2" and 3" questions see the Text above.
4" part: For zero order reactions, decay of LAk |
reactant is given by [A] = — ket + [A]o and | I o Mope=—&, 4[] |
dl Al [All S dr |
dt

decay rate — =k, , constant. So the |

— L f

pI otsare given as clecay ve Hme decay rale v e

(2) A chemical reaction is known to be zero order with k =5x10°mol L™ sec™. How long does it

take to change conc. from4x10“*mol L™ to2x10?mol L™? [Burdwan Univ. 1995]

Hints: [Alo—[A] =[P] = k t. With increase of time, the conc. of the product , [P] is increased,

[P], [Pl (2><10’2 —4><10’4) mol L
K 5x10°mol Llsec’

(3) A zero order reaction cannot be a single-step reaction. — justify. [Calcutta Univ. 2012]
Hints: Seethe Text above.
(4) At certain temperature, half life periods of decomposition of NH3 in contact with tungsten are as follows:

=3.92x10° sec

o t,—-t =

Pressure (mm of Hg) — 200 100 50
t}/ periods (relative) — 3.52 1.92 1.00.
2
Find the overall order of the reaction. [West Bengal Civil Service Exam. 1995]

Hints: Half life period of the reaction is directly proportional to theinitial pressure of NHs.
Hence the reaction is zero order.
Question: The half life of any zero order reactionis
(a) independent of conc.  (b) proportional to inverse of conc.  (c) proportional to conc.
(d) proportional to square of the conc. [HT -JAM, 2012]

FIRST ORDER REACTIONS

Differential rate equation:
Rate of these reactions depends on the single power of conc. term of the reactant in the rate

d[ A

equation. Thus for the reaction, A — P, the differential rate equation is Sarrake kK[A], - (1)

where K; is the rate constant of the first order reaction.
Integrated rate equation: Separating the variabl&s and integrating within proper limits, we get

(A
S[AA jdt o, IO 0 S STy -\ S——— 2)
[A
[Alo
. . in A
Reshuffling the equation, we have [ = Kt oo 3
where [A] and [A]o arethe conc. of A at timet and at the start of thereaction. Again, [A] =[A],€ SR a— 4)
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Problem: For areaction, therate constant is k =1.5x107° sec™. If theinitia conc. of the reactant is 0.5(M),
find the rate after half an hour.
d[A

Solution: Therate after half an hour is given as —?] =K[A]= kl[A]oe_klt . Putting the data given, we have

therate= 1.5x10° sec 1 0.5 ol [t x @150 = ™3060%c — 504105 mol lit*sec™.

Experimental deter mination of rate constant (K, ):
Collection of kinetic data of conc. of A at different time

temperature is fizxed

tirne |conc of [conc. of

intervals helps to find the rate constant (k; ) of thefirst order reaction. reactant| product
These data are shown in the adjoining table. 0 (4, | ©
When equation (2) isused to plot In[A] vs. t, it gives straight line and the L [4], | [P],
A
slope gives —k, . However, the equation (3) may be used and In[ A]\O vs. t f [4 | [P,
. _ [ ] f3 [A]3 [P]3
plot gives slope = ki.
f4 [A].; [P]4
rﬁ [-A]S [P]ﬁ
In[A], T
slope = —kl
A
In[A] [A] slope = &,
t— t—=
Plot of equation {2) Plot of equation (3)

Characteristic features of first order reactions:

(1) Significance of rate constant (k;): Thefirst order rate law is given in equation (1). Rearranging the

(=d[AI/[A])
dt

equation, we get kK, = , where (—d[ A]/[ A]) is the fraction of the reactant A decomposing in

dt time and thus

(=d[AI/A]) . . o . . .
T is the fraction decompaosing in unit time provided [A] is kept constant within

thetime period dt . Thus for first order reaction, K, is the fraction that is decomposed in unit time.
For example, let k; of decomposition of HzO, at 25°C =0.04 min™ = 4 % per min.

It means that 4 % H-0; is decomposed per minute provided [H20;] is kept constant during this one minute
period by adding H-O. from outside at 25 °C.

Question: What is the significance of k, the specific rate constant for a 1% order reaction? Show
diagrammatically the effect of increasing k value on the conc. vs. time graph for afirst order process at
constant temperature. (4)  [Burdwan Univ. 1994]

Answer: See above for significance. Higher the value of k of a reaction, greater is the fraction decomposed and
so greater fall of conc. of A withtime t. Thegraphis given here;
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[,
(2) Incompleteness of thereaction: Equation (4), [A] =[A],€ el k' > k"
shows that when the reaction is complete, [A] = 0 and thisis possible T k"
only at t — ooi.e [A]o can bezero only at infinite time. [A]
So the reaction is never complete in finite time. K \
(3) Half life period (t%): In equation (2),

t—r
Whent=ty2, [A]l =[Al,/2. / =10 min / =10 min
In2 0693 [- ]D#}‘?O‘)o[ﬂi]uéfﬁ%[—l]u
Putting, we get t —_— W 2t,, =20 min
5Tk Kk | % 4
b |
This expression shows that t}/ is independent of L4l
2 4
initial conc. of the reactant and so like ki, t}/ isalso o
2 i, /21
constant for areaction at a particular temperature ' %
(—d[A/[AT) — —=e

(4) Unit of ki k, =

-

dt
so unit of k; = (conc,/conc.)/time = time™. Thus unit of ky = sec™. Theunit of k; does not contain conc. term

so this rate constant is independent of choice of conc. It means that mode of choice of conc. does not affect the
value of ki. So for determination of k; by the use of equation (2) or (3) instead of conc. of A, any property (P),
which is directly proportional to [A], may be used.

(5) Fraction decomposing in timet: The equation (4) is ——

[Al, [Al
So the fraction decomposed intimet = (l— e_klt) and it isindependent of initial conc. of the reactant.

1AL e_kltorM (le )

Question: Show that the conc. of the product for afirst order irreversible reaction during initial period (timetis

very small) is given by the equation [ P] =[A]O(kt —%kztzj : [Union Public service Commission, 1995]
Answer: From the above relation, we get [P] =[ Al, —[A] :[A]O(l—e’kt) =[A], {1—(1—kt+%k2t2},
neglecting the higher powers (kt) and when't is very small for initial period. Thus, [P] :[A]O(kt—%kztzj )

Problem: Calculate the half life period for the decomposition of N2Os at 25 °C and fraction decomposed after

8 hours, given k =3.38x10°sec™. (4) [Burdwan Univ. 1992]
Answer: Half life period = 20,500 sec and fraction decomposed = 0.622.

(6) Average life (ta): It can simply be obtained from the significance of the rate constant.
k1 = fraction of the reactant decomposing in unit time, hence complete fraction of the
reactant decomposes 1/k; time. Thus the completion time (tc) for 1% order reaction = 1/k;.
However, 1% order reaction will never be complete, so the completion timeis only the
average life (ta) and this can be calculated by statistical method.

—d[ A

Time limit for survival of the molecules ranges from 0 to . So, t,, _[ tx ( —dl ]j where (Lj
[Aly [Al,

isthefraction of initial conc. of the reactant that survives up totimet and it means that this conc. of the

reactant decomposes after timet.
CHEMICAL KINETICS-DR N C DEY



RN _ 17 _ 1ot okt frxek g x L@ _1
tav—[A]o_([t ( d[A])—[A]OOt ki[A]dt—[A jt k[A], €™ dt = '[t e dt =k, naa
[Since —dET'tA\:ki[A] andso —d[A] =k[Aldt andagain, [A] =[A],e _kl

Examples of 1¥ order reaction:
First order elementary reactions are unimolecular reactions. These are either isomerisations or decompositions.

| somerisation reaction: cyclopropane to propene,

CH
$ ML, CH,—CH=CH,
CH, - CH,

Decomposition of azomethane {© ¥4 1, A, w e B e ML
Other multistep 1% order reactions are
decomposition of H-0,, decompaosition of N2Os, hydrolysis of ester catalyzed by acid, etc.
Decomposition of H,0> catalyzed by Fe™ ion: (An example of chemical method for kinetic study)
Thereaction is represented by equation as H.O, — H,O + %2 Os.
100 ml of 0.03 % H.0O, and 2 ml of 5 % FeCl; solution are kept separated in a thermostat at constant
temperature and then both are mixed. The reaction starts. Aliquot amount of reaction mixture is pipetted out

and then added to a large excessice iﬁlﬁf“- [}2202] 111.te1'111:'.~' of

cold water. Thereaction is arrested Viago, wl

(quenched). The amount of 0 46.1 dope = —Ig
undecomposed H20:is estimated 5 37.1

by titrating with KM nOj4 solution. 10 20.8

The volume of KMnOasisa 20 19.6 In[H;0,]

measure of undecomposed H0.. 30 139

Thisis done at other timeintervals

and atableis prepared. These data 50 2.0

. . t——
are plotted to obtain k1 of the reaction.

Decomposition of N2Os in CCl, solution: (An example of physical method for kinetic study)
Thereaction is represented as N.Os — 2NO- + ¥2 O,. The kinetic data are given in the form a problem.
A solution of N2Os in CCl, at 45 °C produces 5.02 cc of O in 1198 sec, 7.33 cc of O, in23.15 secand a
maximum of 9.58 cc of O, after along time. Show that these results conformto afirst order rate law for
decomposition of N2Os, and find first order rate constant. [Civil Service Commission, 1995]
Ilustration: N2Osand NO, remain dissolved in CCl4 solution but O, gas is evolved as the reaction proceeds.
The volumes of O gas are collected at different time intervals and are used to determi nerate

intA
[A]

In the problem,[A]o = [N20Os] oc 9.58 cc of O,. At 1198 sec, [A] = [N20s] o« (9.58 - 5.02) cc of O,
and at 2315 sec, [A] = [N20s] oc 9.95 cc of O.. Putting the values in the rate equation, we get

constant of the reaction. Theintegrated rate equation for 1% order reactionis k =

At 1198 sec, k = 1 In 9.58¢c =6.2x10™ sec?
1198sec (9.58— 5.02) cc
and at 2315 sec, k = 1 In 9.58cc =7.34x10*sec’t. So the results conform

2315sec  (9.58-7.83)cc

the reaction is first order and the rate constant is equal to % (6.2 + 7.34) x10™* = 6.77 x10™* sec™.
Question: Thekinetics of the reaction 2N,0s — 4NO- + O, in liquid bromine medium was measured
independently for three different initial conc. of N2Os : 0.11, 0.07 and 0.05 mol L. The half life of
the reaction was found to be 4.5 hours for all these concentrations. The order of thereaction is
(A)O B)1 (C)2 (D)0.5 Answer: (B)1. [T -JAM, 2015]

CHEMICAL KINETICS-DR N CDEY

9



Problem: The composition of gas phase reaction, 2A — B was monitored by measuring the total pressure as a
function of time. The following results were recorded.

Time/sec — 0 100 200 300 400
Pressure/mm of Hg — 400 322 288 268  256.
What is the order of thereaction and what isthe value of rate constant. [Civil service Exam. 1997]
Solution: The reaction is given by the equationas 2A  — B, Let the initial conc. of the reactant is [A]o and
after timet, the conc. is[A], then conc. of product, B is¥%2 ([A]o— [A]).

Thetotal conc. =[A] +% ([A]o— [A]) = Y2 ([A]o + [A]). Let the reaction follows 1% order kinetics,

then the rate equation isk; = t [[ ]]O inwhich [A]o oc Po=KPyand %2 ([A]o + [A]) « P=KP.

Thus, [A] = 2KP - [A]o = K(2P — Po). Now therate equation is k;, = Ell ﬁ Putting the data

1 400
In
100sec  (2x322-400)

k =4.62x10%sec™ after 200 sec, k, =3.59x10 °sec™ after 300 sec and k, = 3.18x10 °sec™

after 400 sec. The result shows that the rate constant ki is samein the different runs following
1% order kinetics. Thus the order of the reaction is one. The average rate constant of thereactionis

k =% (4.94+4.62+359+3.18) x10°sec or, k =4.01x10°sec™.
Problem: For thereaction R — P, the plot of In[R] versus time (t) gives a straight line with a (—ve) slope.
Thehalf lifefor thereactionis3 min[In2=0.693,In0.1 = — 2.303].
(i) Derive the expression of t}/2 (i) Calculate the dlope of the straight line (iii) calculate the time

at different times, weget k, =

=4.94x103sec? after 100 sec,

required for the conc. of R to decreaseto 10 % of theinitial value. [T -JAM 2011]
Solution: Hints. (i) According to the problem, InN[R] = —kt + Z . Differentiating with respect to t, we get

L diR] =—k or, —@: K[R], sothereaction is 1% order. Now whent = 0, Z = In[R]o.
[R] dt dt

So the integrated rate equation isIN[R] = —kt +IN[R],. Whent = t}/, [R] =%2[R]o, thus the
2
expression of the half life of thereactionis t,, =In2/k or, t,, = 0.693/k.
(i) The slope of the rate constant is—k, = —O.693/t}/ = —0.693/3min =-0.231min"*
2

(iii) Time required for the conc. R to decreaseto 10 % of theinitial conc.
LR 1 R, 1
k, [R] ~ 0.231min? 0.4R], 0.231min*
Question: For the reaction a + B — Z, the conc. of Z at time t is given by [Z] =[A], (1— e ) +[Z],.,
where k is the rate constant. Theratelaw is

IN10=9.97min.

@) df A ® oy (© d([jz] Kz] () d([jf] KLAI[B].
d[z] - ~ Fodzr ~ ) kb
Answer: (B). = = KA = k([Al,-[2]) o, Im_kj;dt or, —In([Al,~[Z]) =k —In[Al,.

But [A],—[Z] =[Al=[Al,e ™ or, [Z]=[Al, ( kt)

Question: A first-order chemical reactionis 10 % complete in 10 minutes. Its half-lifeis (given log 3 = 0.48)
(1) 50.50 minutes (2) 7.5 minutes  (3) 95.6 minutes (4) 75.2 minutes.
Answer: (4). [Admto M Sc, BHU 2013]
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Problem: An elementary gaseous reaction Ax(g) — B(g) + ¥ C(g) shows an increase in pressure from 100 torr
to 120 torr in 5 minutes. Find the rate of disappearance of Az in torr per minutes.
Solution: Let theinitial mol of Azis a and after timet, Xxmol of A2 has reacted.

Thus aoc100torr or,a—x+x+%x:(a+%x)oc120torr or, Xoc 2(120—100):40t0rr.

Therateconstant,k:}m a 1 In 100torr

=—— =0.102min".
t a-x 5min (100—40)torr

Rate of disappearance of A, —% =k(a-x)=0.102min"*x(100—40)torr = 6.1 torr min™.

Question: Inversion of sugar follows first order rate law which can be followed by noting the change in angle of
rotation of plane polarized light in the polarimeter. If 6, , 6, and 6, arethe angle of rotation at times

t=00, t=t and t =0, then find the expression of rate constant of the above reaction.

Answer: Theangle of rotation changes from (+ve) to (-ve) directioni.e. dextro-rotatary to laevo-rotatary.
Thus, [Al < (6,-6,.) ad [Al<(6,-6,)~(6,-6)x(6-6,).

6,—0
The expression of first order rate constant is given by k:}In% or, k::—LInM.
t [A t (6-6,)

Example: Let after timet 18 mins, 6, = 17.73 while 6,= +24.09 and 6, = - 10.74. Putting these values, we get
(Al 1, (6=0.) 1 (24+1074)

[Al t (6,-6,) 18min (17.73+10.74)
Question: The half-life of afirst order reaction varies with temperature according to

=1.117x10° min™.

1
therate constant k, = t In

(A) Inty, T B) Int,, T (O t,cyT> (D) t,xT? [GATE, 2002]
N . Ea In2 . o
Answer: Correct optionis (A). Hints. k= Ae "X or, b = Ae R (Sincethereaction isfirst order).
12

1, 5 oH
So, tj/Z:IanA e ’Ror, t, o« T or, Intj/zoc]/T.
Question: An irreversible, homogeneous reaction A — products, has the rate expression:

o AN +05A

Rat , where [A] in the range 0.5 — 50 mol/m?®. For very high conc. of A,
1+50 A
thereaction order tendsto  (A)0  (B) 1 © 15 (D)2 [GATE, 2015]
2
Answer: (B). Hints: Rate= M 0.5 <[A] < 50 (mol/m°)
1+ 50 Al
- 2 A 1

For very high of [A] (say 50 mol/m?®) , 0.1 [A] << 2[A]?> and 50 [A] >> 1, so rate = m = 2—5[A] .

So thereaction isfirst order.

SECOND ORDER REACTIONS
Differential rate law:
Rate of thistype of reactions depends on two conc. terms. This may occur in two different ways.
() When the two conc. terms are of same magnitude and (ii) when they are of different magnitude.
(1) Let us consider thefirst type when the conc. of the two reactants ore of same magnitude:
A+A—P o, A+B—P  where [Alo=[B]o
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d[A]

The differential rate equation isthen — = K,[A][B] = K,[A]® -----mnmmmmmmmmmmee e (1),

where k, isthe rate constant of the second order reaction. It depends on temperature and catalyst used

if any for the reaction.
Integrated rate law:
Separating the variables and Integrating the above differential rate law within proper limits, we get

[Al t
- | d[Az] =k, [ dt or,i=i+k2t ------------ @ or, Ao —[A L e —— ©)
ta, [A o [Al Al [AlL[A

These two are the integrated forms of rate equation of the second order reaction when [A]o = [Bo.
Evaluation of rate constant (k»):

The conc. of reactant remaining undecomposed are determined either by chemical methods or by
physical methods at different timeintervals. Now L/[A] is plotted against t. The rate constant (k) is obtained
from the slope by using equation (2). Equation (3) may also be used and the left hand side is plotted against t.

T

slope = L
) ? [4], —[4]
intercep ) [ 4],[A4] slope =,
t—— t——
[using equation (2] [using equation (3)]

Characteristics of second order reactions:

(1) Half-life period (t}/): In equation (2), putting t :t}/ and [A] = , weget
2 2

2 1 1
—=——+k,t y or, t}/
[Al,  [Al > kLAl
proportional to theinitial conc. of the reactant, [A]o. That is, t}/ doubles when [A]o is cut to half.
2

[Al,
2

. Thus the half-life period of second order reaction is inversely

=10 min =20 min
/ ) “000[4]0/4>25°0[~1]D
=ay "?‘/2, = 30 min /r

[]o
|

(2) Unit of rate constant (k»):

Unit of k, = conc.™ time™ = mol™ L sec™, if conc. is used as mol/L and timeisin sec.
Thus, the value of k. depends on the choice of unit of conc. If the unit of conc. is changed, magnitude of k; is
also changed. For example, given kz = 3.5 x 107 mol™ L sec’™. The value of k, in molecule™® cc sec? is

k, =3.5x107 x (6.023x10*molecule) * x (10°cc) x sec™ = 5.8x 10 molecule *cc sec™.

1 1
(3) Incompleteness of thereaction: Theintegrated rate equation is ﬁ = ﬁ + Kk,t and this shows that
0
when the reaction would be complete, [A] would be zero and that would be possible only when t — oo .
This means that the reaction will never be complete.
(4) Fraction of reactant decomposing in timet:
From the rate equation (3), we have the fraction of A decompaosingintimetis

M:[A]kzt.Againfromequation(l), i:M or, [A]:ﬂ

[Al, (Al [A] L+[ Akt
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(Ao —[A_ [Apket _, 1

Putting this value, we get = S
[Al,  1+[ALkt ~ 1+[Alkt

. S0, the fraction of A decomposed in

timetis 1—; and undecomposed is _ . Thustime for 50% completion is obtained
1+[Al k.t 1+[A] K,
from 1-—~___—05 or, tys =1/(k,[Al,) - Similarly for 75 % completion, time required is
1+[Alok,tos '

obtained from 1—;:0.75 or t075:i . Thus bs L

1+[ Al Koty 7 ' K[ Al, , to7s

(1) When conc. of the two reactants are of different magnitude
A+ B — P, where[A]o#[B]o

Therate equation of this second order reaction is —% =k,[A][B], ----- (4) but [Al, —[Al =[B], —[B]

dlA

or, [B] =[B], —[Al, +[Al, putting this in the rate equation, we get — 4 =k,[A] ([B], —[Al, +[Al])

d[A] 1 (d[A]_ d[A] j=k2dt
(AT ([Bl, ~[ Al +[Al) [Alo —[Blo\ [Al  [By]-[Alo +[A

o 1 tdA Y dA e
Integrating within limits, we get ([A]O—[B] )(,3[]0 A [AEO[BO]—[A]O‘*‘[A] —kz!;dt

= k,dt

L]

o 1 (,n (Al |, [B]- [A]o+[A]J ot or n__ AR kot

(AL, —[BL)\ [Al, "B, (A, +[A ([Alo—[Bly)  [Al,([Bl,~[Al, +[Al)
------------------- (5)
but, [B] =[B], —[Al, +[A], sothe integrated rate equation is ([A]OE[B] ) {Q}[ﬁ;’} o (6)
[Al [Aly
or, In[B] k, ([Al,—[Bl, )t+|n[ B, ). T when (AL, > [21,)
LAl i ioht li - (4 .,f"'ff#
Thus the plot of In[B] vs. t gives a straight line from the slope of which h[B] ,-f""ﬂ
k2 can be determined. Aope =k, {[ A -[F)

R

Case 1: Pseudo unimolecular reaction: (When one of the reactants is taken in large excess)
Let [Blo>>[A]o then[Alo—[B]o =— [B]o andthereissmall difference between [B] and [B]o

N
[B)] [AL[El,

as B is present in large amount, so the rate equation under this condition becomes —

[A] [A]
= (k,[B],

reactionis called pseudo unimol ecular reaction. Two molecules participate in the el ementary reaction till it
obeys first order kinetics. So depending on the condition, bimolecular € ementary reaction obeys first order
kinetics like unimolecular e ementary reaction.

=k t, (where k; =k,[B],). Thisisafirs order reaction. This type of
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Though elementary bimolecular reactions are 2™ order but when one reactant is present in excess, éementary
bimolecular reactions behaves like el ementary unimolecular reactions and so the name is pseudo unimolecular
reactions.

1. [Al[B],
([Al,—[Bl,)  [Al,(IBl,—[Al,+[Al)
equation (2) when [B]o — [Alo.

Case 2: Integrated rate equation (5),

=Kk,t canbereduced to

([Al, ~[Bl,)([Al, —[A]) |

The above equation (5) can be rearranged as ! In| 1+ = kot

(1AL, -[Bl,) [Al{[Blo —([Al, —[Al)}

([Al, ~[Blo) ([Al, -[A])
[Al, ([Bl, —[Al, +[Al)

But when [B], —[A],, <<1. Expanding In(1+ x) = xwhen x<<1.The

rate equation is 1 x([A]O_[B]O)([A]O_[A]) =k, t or, ([l ~[A) =k, t.
([Al,~[Blo)  [Alo([Bl, ~[Al, +[Al) [Alo([Bl, ~[Al, +[Al)
Again, as [B], —>[Al,, so, M=k2t or, i:i+k2t.
[Al[A [Al [Al

Thus, when [B], —[A],, the equation (5) reduces to the equation (2)

Problem: Let the stoichiometric equation of areactionisA + 2B — P

but the reaction is nevertheless 1% order reaction with respect to both A and B. If a and b areinitial amount of
A and B (per unit volume), and X is the amount of A that has disappeared intime t. Find is the equation for the
rate of disappearance of A.

Answer: Therate of disappearance of A is % =k, (a—x)(b—2x) and
b(a—x)

n
(2a—b) a(b-2x)

the integrated rate equation is =kt

Some examples of 2™ order reactions:

() Alkaline hydrolysis of ester (saponification reaction): CHsCOOC;Hs + NaOH — CH3COONa + C;HsOH
(i) Gas phase decomposition of HI: 2HI(g) — Ha2(g) + 12(Q).

Experimental deter mination of rate constant of saponification reaction:

Thereaction is CHsCOOC;Hs + NaOH — CH3COONa + C,HsOH.
A reaction mixtureis prepared by mixing known quantity of ester with known volume of alkali (NaOH)
solution.
Let [A]o and [B]oaretheinitial conc. of ester and alkali respectively. At frequent intervals of time, a portion of
reaction mixture is removed, quenched and titrated with standard oxalic acid solution using phenol phthalein

indicator. The unreacted amount of OH ~ in reaction mixture is obtained from the oxalic acid used in the
titration and this valueis [B]. The value of [A] is obtained from therelation [ Al, —[ Al =[ B], —[B] from known

values of [A]o and [B]o. Now using equation (7) In% =k, ([Al, —[B]O)t+ln%, plot of In% vs. t

0

gives astraight line with slope k, ([ Al, —[Bl, ). from which the value of k; is obtained.
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Question: Ethyl acetate and sodium hydroxide in an ethanol-water mixture at 303 K exhibit a hydrolysis
reaction. In an experiment in which 0.05 mol dm™ each reactant were present at timet = 0, thetime
for half change was 1800 s and the time for three-quarters change was 5400 s. Deduce the order of
the reaction and calculate the rate constant. At what time 10 % reaction complete. [WBCS, 1999]

1 1 1
Answer: t,, /t,, =——— , where n isthe order of thereaction. Putting thevalues, —=——— or, n=2.
w/% =i g S 371

1 L _1 mol *dm’s™
t,,x[Al, 18005x0.05mol dm™® 90 '
EX[A]O_[A] O'J'[A]O
k  [AL[A] [A],*x0.9x0.05

Question: For thereaction a A— products, the plot of 1/[ A] vs. time (t) gives a straight line. The order of the
reactionis(A)0 (B)1 (C)2 (D) 3. Answer: (C). [T —JAM, 2005]

Now for 2™ order reaction, rate constant k =

Again, timerequired t = =90mol deSX[ J mol *dm?® = 200s.

: o , dc _
Question: For areaction with rate equation i ke?. ¢, and ¢ arethe conc. of the reactant at time 0 and t

respectively. If 10 min wererequired for ¢, to become ¢,/2, thetime required for C,to become c,/4
is (A) 10 min (B) 20 min (C) 30 min (D) 40 min [T —JAM, 2007]
Answer: (C).
Question: The decomposition of gaseous acetaldehyde at T (K) follows second order kinetics. The half life of
this reaction is 400 s when the initial pressureis 250 Torr. What will be the rate constant (in Torr™ s?)
and half life (in s) respectively, if theinitial pressure of acetaldehydeis 200 Torr at the same

temperature.
(1) 10°and 500 (2) 10° and 400 (3) 10° and 500 (4) 10* and 40Q0.
Answer: (3) [NET (CSIR — UGC) 2011(1)]
Question: For areaction A — products, the plot of 1/[ A] vs. time (t) is a straight line with (+ve) intercept.
What is the order of the reaction? [Calcutta Univ. 2011]
Answer: As given, 1 kt+Z or E[ij: K or, — 12 daA =k or, _dIAT_ K[ AJ%.
[A] dt{ [A] [A]° dt at

Order of thereactionis 2.

. . . . 1 o
Question: For a particular reaction at constant temperature, a plot of inverse of reactant conc. (Tj vs. timeis

astraight line with aslope of 4.0x10 %L mol™ s*. The time required (in seconds) for 1.0 M of
reactant to decreaseto 0.25 M is

(A)188 (B)347 (C)750 (D)187.5 [T - JAM, 2013]
Answer: Slope = rate constant (k) = 4.0x10%L mol™ s*. Thetimerequired for 2™ order reaction is
— 1.0-0.25)mol L™
_1[AL-[A Jt= 721 — ( ) >~ =75s. Correct option is (C).
k, [Al[A] 4.0x107Lmol s~ 1.0x0.25(mol L)

Question: The half-life of a second order reaction 2A — products whose initial conc. was 0.01 mol L™, was
found to be 300 minutes. Its rate constant is
(1) 0.36mol L*min*  (2) 3.6 mol L min* (3) 0.63mol L™ min* (4) 0.036 mol L™ min*
Answer: (1). [Admto M Sc, BHU 2013]
Question: A reaction follows second order rate law, —d[ A]/dt = k[ A? , if

(@) aplot of [A] versustisastraight line (b) aplot of I/[ A] versustisastraight line

(c) aplot of In[A] versust is astraight line (d) aplot of € versustisa straight line [GATE, 2005]
Answer: The correct option is (b).
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Nth ORDER REACTIONS

Let the reaction is represented as A — P which follows nth order kinetics.

diAl

The differential rate equation is Barra =k,[A]" . Separating the variables and integrating within limits,

1 1
(A (At
The unit of the rate constant, k, = conc™"time™* = mol* "L"*sec™

we have integrated rate equation, +(n-1)k,t.

Half life period (t )'Whent—t [A]—[A]% utting weoet t., —— - 2™ 1

S g 2 P S oo LA

Thus half life period of nth order reaction is inversely proportional to [A]g ™ i.e. t}/ oc A A]lnl

2

0

n-1 n-1__ n1_ t
Smilarly. ty: : {4 —1} }/2 = 2 2 - 2= nj- . Thus, 22 = nj‘ :
s (n=1k, [ [Al b = (2”*1) ~(1)? 27 +1 ty, 27 +1

Theratio is thus afunction of nonly. This relation can be used to determine order of areaction. t,, and t,,

are determined from the plot of [A] vs. t for the reaction A — P.
Question: Show that theratio t}/ 3, of the nth order reaction can be written as a function of n only. What
4

is the utility of the ratio? Calculate is the valuefor 2™ order reaction. (5) [Burdwan Univ. 1992]
Answer: Seeabove. Thevalueisz.

Problem: The decompasition of agasat an initial pressure of 600 mm Hg was studied in a closed vessel at a
certain temperature. The gasis found to be 50 % decomposed in 30 min and 75 % decomposed in 90 min.

Show that the reaction is 2" order and cal culate the rate constant (clearly stating unit).  [Calcutta Univ. 1985]

Solution: t°—5 _11 _30rgn } or, n= 2. Thus the reaction is second order.
tys 2°+1 90min 3
1 1

[Al, xt,s 600 mm Hgx30min

Again, for 2™ order reaction, k, = or, k, =5.5x10° (mmHg) " min™

1% order reaction isa special case of n th order reaction.
By putting n=0, 2 3 etc. we get the corresponding integrated rate equation except N =1. The
reaction of n th order rate equation can be transformed into the reaction of 1% order rate equation as follows:
1

1 A N
(A Al

=1+(n=-1)[Al§ k.t or, In{[[ ]]O} =In{1+(n-1)[Alj K, t} , but when n—1, (n-1) - 0.

Thus, expanding In (1+ X) =~ X, when X — 0, we have(n— 1)In{[[p]\]°} (n—1)[Al5 "k, t.

The nth rate equation is

+(n—1)k, t. Multiplying the equation with [ A]g ™, we get

(Al
[A]n -1

Again, when(n—1) — 0, [A]7 ™ ~ 1. The equation is transformed into 1% order rate equation, In{%} =kt -
A

Problem: What will betheinitial rate of areaction if its rate constant is 10> min™ and the conc. of the reactant
is 0.2 mol dm™? How much of the reactant will be converted into products in 200 min?
[Adm Test to B Tech, Roorkee]
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Answer: Initial reaction rate = ki[A]o{ Thereactionis 1% order asthe unit of k is only time}
=107 min? x 0.2 mol dm®=2x 10* mol dm™ min™,
Integrated equation of 1% order reaction is In% =kt or, [Al,-[A =[A], (1— e X ) :
Now putting the data, we get the reactant converted into product, [ A], —[ Al
= 0.2mol dm®(1-e ™™™}~ 0,0364 mol dm .

Problem: In a gaseous reaction, when the inverse of the pressure of the reactant is plotted against time,

astraight lineis obtained with intercept equal to 150 bar™ and slope equal to 2x10° bar* s,
Calculate the half lifefor the reaction. [Civil Service Exam.1994]
1

1
[A™ [Alg"
of the reactant vs. t isastraight line, hencen= 2 i.e. reaction is 2™ order and rate equation is

Answer: For nth order reaction A — P, the rate equation is +(n-1)k,t . Sinceinverse of P

i1, k,t. Theintercept L. 150 bart or, P, = 1 bar and slope k, = 2x10°° bar? s,

P P P 150

Half life of the 2™ order reaction, t,, = 1 =150bar x 31 - = 7.5x10s.
72 Pxk, 2x10°%0ar s

Deter mination of order of areaction
Order of areaction is an experimental quantity and it is obtained from the experimental kinetic
data of conc. of reactants or products at different time intervals during the progress of the reaction. However, it
is always advisable to study the order of the reaction at theinitial stages. Otherwise it may lead to erroneous
results due to complications developed in the later stages.
Though various methods are used, we shall restrict only to few methods which are more popular.

(1) Method of half-life period:
Half-life or any fractional life

(t{p) is the time to decompose the T
reactant to half or any fraction of its [4] ' [A]

initial conc. It could be shown that for [A4],/2 [AL /2
nth order reaction, t, oc %for \
[A]

[4], [4T5

0 - 0] f t 4}'
thereaction, A — Products. ¢t % g 5 r%

So, for two sets of experiments of the
. \ I , , n-1
reaction with different initial conc. of reactant,t, /t’ = ([ Aly/[Al, )

Taking log, we have log t—‘f’ :(n—l)log(%] or, N=1+ logt, —logt, . Ift =t,, ,then it could
t [Al, log[Al, —log[Al, ~ 7 7%
be obtained from the plot of [A] vs. t. Reactant conc. [A] are determined at different time intervals for the plot.
Ratio-variation method:

This method is widely used to evaluate the order of the reaction when more than onereactant are

participating. For example, thereactionis A + B — Products. The rate equation is R=k[A]*[B]”,
where o and S arethe orders of the reaction with respect to A and B respectively. The overall order of the
reactionis o + [ .
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Let us consider one set of the reaction where [B] is kept constant while [A]o is doubled. If initial rates of the

R k(AL (Bl R

reaction in the two sets are considered, then == - 7 O = & can be determined.
R k{ZAL}" ([Bl,) R 2
0 a p 0
In another set, [Alois kept same but [B]o is doubled so, - = k([A]ol ([B]o)ﬂ or,50=iﬂ ,
R k([AL,) {2Bl,)” R 2

thus 3 isobtained from R’/R? . The overall order of thereactionisthus, N=a + /3.

(3) Differential method:
This method was suggested by Van’t Hoff. The differential rate equation for two sets of Nnth order

n
. . . _ n _ n . ey . R? AN ([A]O)l
reactionisgivenas R = k,[A]; and R, =k,[A]; . Theratio of theinitial ratesis —z=4-——¢ .
RZ ([A]O)z
R’ and R} aretheinitial rate of the two sets at initial conc. of thereactant, ([A],),and ([A],), -
These rates are determined from the slope of the tangent drawn at theinitial conc. of the plot [A] vs. t.

I l]"'-,| LAl

b1
L

n

ame 5 " lisne

Problem (1): The decomposition of acetaldehyde in gas phase was studied at 791K. The results of the study are:
Initial conc. inmol L™ — 9.72x107 456 x 10
Half-life insec — 328 572
(a) What isthe order of thereaction? (b) Calculate the rate constant of the reaction.

[A
[Al

t n-1
Solution: We have therelation, # = ( J . Putting the values, we get

572sec ( 9.72x10°mol L
328sec | 4.56x10°mol L
Putting the 1% set values, we get

1 21.73&1 1 0.735 -1
K= 1 =0.083(L/mol)*® sec.
(1.735-1)328ec | (9.72x10mol L?)

i 1 [2mi-1
] . Solving we get n=1.735. Again, k= { — } .
(n_l)ti/z [Alo

Problem (2): For thereaction, 2NO + Cl, — 2NOC]I, it was found that on doubling the conc. of both reactants,
the rate increases by eight-fold. But on doubling the conc. of Cl,alone, therate only doubles.
Wheat isthe order of the reaction with respect to NO and Cl.,?
[West Bengal Civil Service, 1995]

Solution: Let therate equation, R= K[ NO]“[CIZ]ﬁ and the overall order of thereactionis a + (.
Using the condition given, 8R =k {2[NO]}" {2[CI2]}ﬂ. Taking theratio, 8=2% x2° =27/ =23,
Thus a + B = 3. Again, using the 3" condition, we get 2= 2F ,S0 f =1, hence o =2.
Thereaction is 2™ order with respect to NO and 1% order with respect to Cl.
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Problem (4): The rate of the reaction 2A +B — C becomes doubled when the conc. of B is only doubled and
the rate becomes eight fold when conc. of both A and B doubled. Find out the order of the reaction
with respect to A and B.
Answer: 1% order with respect to A and 2" order with respect to B. [Calcutta Univ. 2011]
Problem (3): For areaction, A — B + C, it is found that the rate increases by a factor 2.25 when the conc. of A
isincreased by afactor of 1.5 at the same temperature. What is the order with respect to A.
[Burdwan Univ. 1989]

Solution: Wehave R/R, = ([Al,/[Al,)" or, 2.25=(15)"or, (15)" =(15)" or,n=2,
Thereaction is 2™ order with respect to A.

Question: Whileit is expected that alarger amount of substance would take a longer time to decompose, the
dependence of half life on the initial conc. does not indicate so, in general. Explain.
[Burdwan Univ. 1996]
Answer: Decomposition rateis not generally constant except zero order reaction. The rate equation shows that
larger theinitial amount of reacting substance, greater is its decompasition rate and smaller timeis
required to for its half decomposition. Only for zero order reaction, reaction rate is constant and so
larger amount of the substance requires larger time and half decomposition time is proportional to
initial conc. For other type of reactions, greater amount substance requires lesser time to decompose.
Question: The conc. of areactant undergoing decomposition was 0.1, 0.08 and 0.067 mol L after 1.0, 2.0 and
3.0 hr respectively. The order of thereaction is
1.0 2.1 3.2 4.3 [NET (CSIR — UGC), 2011 (11)]

Answer: 3. 2 (2™ order). Hints: _ALA] oc[A]". Thus _ 00809 (0.1)n and _XT-008 (0.08)n :
At 2.0-1.0 3.0-20
Solvingweget n=2.

Question: For the reaction 2NO + 2H, — ¢ 5N, + 2H,0

(i) Write the expression for the rate of the reaction in terms of the changein conc. of NO and H»0O.
(i) Given thefollowing data for the above reaction, find the order of the reaction with respect to
() NO and (b) H» and the rate constant for the reaction along with the proper unit.

[NOY oy (ol dn™ )| [HyLeg (ot @n ™) |pitiat vate (ot dm=s™)
Experiment 1
Xperimen 0.025 0.01 24%107
Experiment 2 0.025 0.005 1.2%107°
Experiment 3 0.0125 0.01 0.6x107" [11T-JAM, 20014]

1d[NO] _ 1d[H,O]

Answer: (i) Rate=-
2 dt 2 dt

. (ii) The order with respect to NO is 2 and with respect to Hz is 1.

1d[NO]

So the rate equation is Rate=— > =Kk[NOJ*[H,], putting the data in the experiment,

weget 2.4x10-°mol dm s = k(0.025 mol dmi®)’ (0.0Lmol dm®)

or, k=0.384 mol *dm’s ™. (Seethe Text for full answer.)

Question: The method of initial rates is used to determine the rate law for the reaction given be ow:
2NO + 2H, — N> + 2H,0.
Thefollowing initial rates were determined.
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Py (torr) PHZ(tOI’I’) Initial Rate (torr/s)

200 400 0.46
400 200 0.92
400 400 1.85

These data imply which of the following rate law
(A) Rate=kPyo (B) Rate=kRo R, (C) Rate=kP, R, * (D) Rate=k PRy’ Ry

(E) Rate=k B’ PH22 [GRE Sample Question]
Answer: (D)

COMPLEX OR SIMULTANEOUSREACTIONS:

Many reactions occur in multisteps instead of single step. These multistep reactions are complicated
and rate equation does not correspond to the stoichiometric equation. The complex reactions are of three types:
(A) Reversible or opposing reactions (B) consecutive reactions and (C) side or parallel reactions.

We shall consider only the simplest most type of these reactions.

(A) Reversible or opposing reactions:
(Not to be confused with word “reversible” used in a thermodynamic process )
Simplest typeis that both are 1% order reactions. The products formed react to give the

reactants back. ' o " Thedifferential rate equation is — d([jf] d[B] =k[Al -k [B] -------mm--- (1)
But the conc. of A is[A] = [A]o— [B], Inserting this, the rate equation becomes
d[B d[B
L1818 o L2 = A~ (kKB e @
n d[B] t
Separating the variables and integrating within limits, we get I I

o K[Al—(k +k,)IB]
or, L KA, =t o, In KA, o G ) LI ©)
(k+ky)  k[Al—(k +k,)[B] k[ Al —(k +k,)[B]
Special case: Whenthereverserateisvery slow, K, isvery small and then k;, >> K ,, the equation turnsinto
A A

A _ kt or, Inﬁ =kt — asimple1* order reaction.

[Al, —[B] [A
In the above reaction, both forward and backward steps occur simultaneously. At the start, rate of the forward
step is maximum and it deceases as the reactant conc. is decreased. On the other hand, the rate of the backward
step starts from zero and then increases as the product conc. increases. After sometime, both the rates are equal

and the reaction attains equilibrium. No further change occurs and
overal rate of the reaction is zero.

So, in equation (2) at equilibrium %:O or, k[Al,—(k +k)[Bl,=0 T \Trate
or, k1[A]o :(k1+k71)[B]e' 4 Rate
. .. . [B] T_reverse rate
Putting this in the equation (3), IN——=¢— = (k + k_, )t . - 5
utting this in the equation (3) Bl (5] (k,+k,) (5) —
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Evaluation of k, and K ,:
The values of [B] at different timeintervals, and at equilibrium,[B], are T

[Bl

determined. A plot of In vs. t could be made and from LHS slope

[Bl. -[B] = (b +k.,)
the slope of the straight line, (k; +k_, ) can be known. —
Again at equilibrium, k[A], =(k +k)[B], or, k ([Al,~[Bl,) =k.[Bl, or, k[A], =k ,[B],sothe

B
equilibrium constant of thereaction, K, = kﬁ = % . Determination of equilibrium conc. of the product and
-1 e
reactant gives the value of L and the individual value of k; and K , of the reaction are determined.
—1
A

Otherwise, k; can be evaluated directly as given here. From equation (4), we have k; +K , = k[1£3]]0 -------- (6)

B A
[Bl. _ Kkl ]Ot.ThepIotofLHSvs.tgivesstraightIinewithslope
[B]e_[B] [B]e

equal to %fmm which ki can be determined. Now from equation (6), K , of the reaction can be calculated.

Timerequired for [B] to attain half of [B]e:

Putting in equation (5), it becomes In

Putting [B] = %2[B]e in the equation (5), we get lan(kl-i_k—l)t or, t = In2 = 0693

[Bl. -(¥2)[Bl. (ktky)  (k+ky)

It is the time when conc. of B produced half its equilibrium value.

&

Problem (a): In afirst order reaction, Ay , theinitial conc. of A and B are[A]o and zero respectively.
At equilibrium, the conc. of A and B becomes [A]e and [B]e respectively. Derive an expression for thetime
taken by B to attain a conc. equal to ¥z [B]e. [Union Public Service commission, 1992]

Solution: Shown above.

Problem (b): Intheabove problem, let k, =1.2x10°secand k , =3.3x10°min™*, find the time required
to produce B to half of its equilibrium conc.
Solution: Given, k, = (1.2x10°x60) min™ =7.2x10?min™" and k , =3.3x10° min ™.

Thus, time required to produce B half of its equilibrium conc. is t = 0.693 =6.6min.

(7.2+3.3)x10?min™*

Evaluation of conc. of A and B at equilibrium and at any time, t:
If therate constants Kk, and k ,, and theinitial conc. of A, [A]o are known, we can find the conc.

of A and B at equilibrium (t — o0), and at any time, t.

Evaluation of B at equilibrium: The equation (4) is k[ Al = (k +k)[B],. so [B]. = kl-i:lk [A],.
k -1

k _ K
i Ao o [AlL= (A

Evaluation of A at equilibrium: [A], =[Alo—[B], = [Al, -
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[Bl
[B]. -[B]

Putting the value of [B],, wehave [B] = kitl [A]o[l o (rka )]

Evaluation of B at any time t: The equation (5) is In =(k,+k_,)t or, [B] =[B]e[1— e_(k“k‘lq :

Evaluation of A at any timet:[A] =[ A], —[B] =[ Al, _le[A]o [1_ e*(k1+k,1)ti|

+k
= [A]O 1— kl {1 e —(kg+k_q) } — [ ] k1 e*(k1+k,1)t - k1 [A] ;1+e (kg+kog)t
vk ko |
or, [A] = k1 [A]o |:ﬁ+e(k1+kl)t]
K +K, Ky
Examples: (1) Isomerisation of cyclopropane into propene (2) cis-trans Isomerisation of 1,2 dichloroethylene
A, _ H—%‘—Cl Cl-C—H
i, CHTEASCH, H-C-cl H- C Cl
J—t .
cig-form trans-form

(3) 2HI (g) = H2(g) +12(9), elc.

Question: Consider the opposing reaction, A=="=" Both the forward and backward processes are 1s order.

Att =0, conc. a 0
Att=t,conc. (a—Xx) X. Writetherate equation and integrate. Show that the

expression may be written as In = (k, +k_;)t, where X, isthe equilibrium value of X.

X, — X
Discuss the case where k; >>K ;. [Burdwan Univ. 1995]
Answer: Seethe Text asaboveinwhich [Ble= X, [B] =X, [A]lo= a and [A] =

Problem: For thereaction, =+ k =5.65x10°sec™”, k, =7.6x10°sec™" andinitial conc.
of Ais0.15M. Find the[A]e and [A] after 10 sec. [Answer: [A]e=0.086 M and [A] 10 = 0.142 M]
Question: For areversiblereaction s in which both the forward and reverse reactions arefirst order
and theinitial conc. of A is &, and the equilibrium conc. of X isX,, thevalue of K , intermsof k;is
given by
Dk (@-%) @ ka/% O k(B—%)/*% @ kx/(8-%)
Answer: (3) [AdmtoM Sc, BHU 2013]

-J- -

Question: For the reaction 2AB> ~— 3 hAzB4 , thereaction rate for A-.Bsformationis
2 2
(1) 2KABI-K,[AB] () (26-K.,)[AB] @ Z9[AB] (H2K[ABT -k [AB]
Answer: (4). [Admto M Sc, BHU 2015]

Question: For areaction of the type * ===1"the correct rate expression is ([Z]o and [X] correspond to the
conc. of X attimet=0andt =t, respectively)

® -k - e rkx @ -2

= (k, + k)[X] =k, [ X],

© —dEjX] (k +K)[X]o—k[X] (D) -

d[X] —(k-k)[X]-k[X],  [GATE, 2013
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Answer: (8).Hirts — L < K[X]—[Y] = K[XT -k ([X],~1XT) = (4 +K)IXT = kel Xy

Question: For reaction involving two steps given below:
First step €+ «== 24¢ and second step: G+ H — P, assume that the first step attains equilibrium
very rapidly. Therate of formation of P is proportional to

WIe® @6 (© [GF ® I [GATE, 2017
Answer: (D). Hints: Ko, =[H1?/[G] or, [H]= /K [G]'?. Thustherate of formation of Pis

d 3
%:k[e][H]:(k\/@)[G]/z-

(B) Consecutivereactions:
In this type of reaction, the product formed in one step acts as reactant in another step. The simplest type
consists of two steps with one intermediate. Both steps areirreversible 1% order.

A b, p Moo
(reactant) l {product)
(infermediate)

Let theinitial conc. of A is[A]o and after any timet, conc. of A, B and C are [A], [B] and [C] such that

[Ao=[A] + [B] + [C]. --mmmmmmmmmmmmmmmmme oo oo 1
Therate equation for disappearance of A is — [A] =Kk[A].
Separating and integrating the above, we get [A] :[A]Oe Kt - (2

diB]

Rate equation for accumulation of B is NN k. [Al-k/[B] or,

d[B] | ;i it
T-i_kl[B]_kl[A]Oe :

Multiplying by integration factor €', we get ——= [ ] s k/[B] it = kl[A]oe"‘lt x ekt
or, %([ Bl €)= k,[A]," ™) . Separating the variables and integrating, [B] €' = —kl’klkl [Al,e“ ™ +1c.

But whent =0, [B] =0 so, Ic:—k{L[A]O. Now putting the value of Ic, we get

-k
[B] € = klklkl[A]( 1) or, [B]:k;lilki (€ =@M ) rom oo 3
Now, [C] =[Alo—[A] - [B] o, [C]:[A]O—[A]Oe-kﬂ_k{‘ilkl (e —et)
or, [C] = [A]o{l— e —kl,fkllﬁ(e‘kl‘ —e ™ )} or, [C] = [A]O{l_kl,_‘il'kle—klt _ﬁe—kﬂ} — )

These (2), (3) and (4) arethe expressions of [A], [B] and [C] at timet after the start of the reaction.
[A], [B] and [C] change with time and it can be shown by plotting these conc. vs. time.
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[A] startsfrom[A]o and decays exponentially with time. [A] — 0

[l whent > .

[A] [C] [B] starts from O and attains maximum and then falls exponentially
withincrease of time. [B] > 0as t — .

T B [C] does not appear as B is not formed initially because B has to

[B] be formed first. Thisisinduction period. However it becomes less

important for the reaction when k{ ishigh.

Typical curve of variation of conc. vs. time during the progress of

thereaction A —— ##——{" inwhich k, iscomparabletok, .

COFIC,

time — =

Calculation of time at which [B] attains maximum:

Differentiating [B] with respect to t in equation (3) we get % S %(—kle‘klt + kl’e‘kl") .
d[B] ki[A]O wi 14—kt —kit 1Kt
But whent = tpa, —— =0,50 0=——"=(-ke "™ +kie"™ ) or, ke "™ =Kk ™ - 5
ut w m i (e ke o g ki ©
or, ﬁr = e(kl_kll)t"‘ax or, tmax = In kl_lr}kl - wae s~~~ N\ e e ey (6)
K k —k
; [A]o —kit —kit [A]o r kit —kit
Putting t = tma, We can get [B]max. Thus, [B] . = — ke ™ —ke =)= = kje = — kg i
il F il )
ki

, 7k
or, [B],a =[Al, €™ . Putting tma from equation (6), we get [B],_, :[A]O(%j .

ki ki

[Mathefnatlcs k:l:tmax = kl' |n£ or, _klltmax — kl’ |n%= In(ﬁ]klk{ o, e’klytmax :(ﬁjkl_ki ]

K-k K k,— k] Ky K
Examples of simple consecutive reactions:
CH, —/CHQ — 8 5 (CH;CHO) — 5 CH4 + CO

@D ~o

(2) (CH3)CO -
(3) Radioactive decay: * b e
Two important conclusions:

From the equations of this type of reaction, it is possible to draw two useful concepts
which are very much helpful to derive the differential rate law of multistep complex reactions.
(1) Slowest step israte determining step in muItiJstep reactions:

Let thereactionis 1w " # it e ki >> kK.

Then, [C]:[A]o{l_klrlil,kle_klt_kllilkl'e_kﬂ} but k -k~ ki, ki -k =k

[C]=[A]o{1+%e_k1t—e‘kit},again % isalso small, and € isvery small so %e kt 0.

1S
*CH,=C=0+CHy; CH,=C=0———> 1/2C;Hs+ CO

# o N it 37 Py

, EtC.

The conc. of C under this conditionis [C] =[ A], (1— e ) .
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Theformation of product C is controlled by the slowest step and it appears as the reaction A—X sCandits
rate equation is % =k[Al =k{([Al, —[C]), separating and integrating within limits, we get

[C=[Al(1-€&™).
This concludes that slowest step decides the formation of product and it is the elementary step that becomes the
rate determining step.

K K . o
Similarly, if A+ B4 [C]:[A]( klt) the reaction appears as <

Problem: Consider the following transuranlc transformatlon with half life as indicated

sl L e I L Pur

I Emin

TR

. If one starts with 10'® number of uranium atoms initially,
approximately how many plutonium atoms will be created after 400 days. [Burdwan Univ. 1991]

Solution: Ny, = Nj (1_k{_k1|ﬁe—k1t —ﬁe"‘ﬂj, but t,, <<t} sk, >>K] thus N, = N§ (1-e™).
- - 2 2
0.693

x400days
Now putting the values, we get N, =10'° (1 g 2das J =6.9x10",

Thus, number of Pu atoms will be created approximately after 400 days = 6.9x10".
(2) Steady-state approximation of the reactive inter mediate:

When the intermediate is highly reactive, situation becomes such that as soon as B
forms, it immediately breaks into product, C. The conc. vs. time curve under this situation is shown as under:

[4] [A] decreases slowly as K issmall. [B] remains practically low and
" [l [c] constant during the progress of the reaction except at the beginning (when
[B] hasto build from zero) and at the end (when it must drop to zero).
T [C] dsoincreases at therate of [A] decomposes to the intermediate B.
conc. 5] The conc. of B from the equation (3)
k1 —kit Gt
time [B] =— er—-en
k1 _ k1 ( )
L (I GHN - S | . . .
but for the reaction ™ e , k] >>k, asBishighly reactive and so short-lived.

S0 [B]=%[A10e‘kl‘ - %[A] or, k[A=K[8]
i.e rate of formation of B (k,[A]) is equal to therate of decomposition of B (k[B]), thus [B] remains steady

d[B]

and =0. It means that rate of accumulation of B iszero. Thisis known as steady-state approximation.

This principle states that when the intermediate is highly reactive, its conc. remains low and steady during the
d[int ermediate]

dt
The above consecutive reaction can be taken for illustration to show how the kinetics becomes simple when the
intermediate, B is highly reactive and the above concept is applied.

d[B]_kl[A] k[B], but ng] 0, if B is highly reactive. Thus, [B]—E[A] or, [B]—kl[A]o ekt

K
Thus by using the steady-state concept, it is possi bI e to know the conc. of the intermediate.

reaction and =0. This concept helps to solve the kinetics of multistep reactions.

Now the rate of formation of the product, C i is A€ _ =k/[B] = k] x E[A]O e =k [A,e".
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Separating the variables and integrating within limits, we can get [C] =[ Al (1-€™").
Thus, it is easy to formulate the kinetics of the reaction by using this steady-state principle.

Example: [Burdwan Univ. 2003]  Thereaction, 2NO + O, —%—» 2NO;
follows the reaction mechanism, 2NO = N2O; (rapid)------ (1) and N2O; + Oz —t2n 2NO; (Slow).
Formulate the rate equation and show that observed rate constant (k) decreases with increase of temperature.

Ans,va‘ EM

_ING,]

e [NO]Z

1d[NG,]
2 dt

=K,[N,O,][O,] . But the intermediate conc. is obtained by first rapid equilibrium step,
or, [N,O,] = K_[NOJ?. Therate equation of the reaction according to the mechanism is

=(k,K,)[NOJ’[O,] = kK[NO]?[O,] , where the observed rate constant k = k,K,

Thereaction is 2™ order with respect to NO and 1% order with respect to O,.
Further, the rate constant (k2) behaves normally and increases with temperature. The equilibrium constant (Ke)

decreases with increase of temperature as the dimerisation process, 2NO =R % N0, (rapid) is exothermic

in nature. The decrease of K. is sufficiently large to make theterm (k,K, ) to decrease with increase of

temperature.

Statement: For the reaction 2NO + O, —%— 2NO,, the rate constant is observed to decrease with temperature.

Reason: As per the proposed mechanism, first step is the dimerisation of nitric oxide which is exothermic.

Assertion: Ratelaw = k; K [NOJqO]. [GATE, 2005]

Question: Consider the following reaction scheme involving equilibrium followed by a rate determining step.
The apparent rate constant for the formation of the product is given by

A+ B3 Z —* = Product
(A)K (B) k/K  (C)kK (D) k +K [Adm to Hyderabad Central Univ. 2014]
Answer: (C).
Question: The reaction mechanism suggested for areaction A, + 2B — 2P is as follows:
A> =2A (fast); AH=X, A+ B — P (slow),

where A is areaction intermediate and K is the equilibrium constant of the first step. Deduce the rate
law for the reaction. What can you say about the sign of X if the overall rate constant is found to
decrease as temperature increases. [Calcutta Univ. 2012], [Admto M Sc, BHU, 2015]

diP] [A]?
dt [A]

Answer: The of the reaction, =k,[A][B], where k; is rate constant of the 2™ step. Using K = for

thefast step, wehave [ A] = K[ A,]. Putting in the rate equation, we get the rate law as

d[P] —k,JKIA][B] o [P]:(kQ\/R)[AZ]%[B] . But the overall ratelaw is

d[P]
dt
increase of temperature. Since, K, increase with rise of T, HenceK is decreased with rise of T and
thisis possible only when thefirst reaction is exothermic and so the sign of X= (-ve).
Question: A consecutive chemical reaction, 4 “ s H—=— Cisfirg a both the stages with rate constant
as k;, and K, . Thetimerequired to attain the maximum conc. B is given by

k[AZ]%[B] where k = kzx/_ This overall rate constant, k is found to decrease with

0.693 (Ink —Ink,) (Ink +Ink,) (ko +ky)
TR (S N (S B (s
Answer: (2) [AdmtoM Sc, BHU 2013]
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Question: The energy of activation for the decomposition of NO- into NO and O is negatives which may be
due to one of the following:
(2) Increase of entropy on decomposition of NO (2) Formation of stable intermediate
(3) Formation of freeradicals (4) Decrease of enthalpy on formation of NO and O».

Answer: (4). [AdmtoM Sc, BHU 2013]

Question: For thereaction of thetype, "' —"—+C—"—#  giventhat [Plo= 1.0M;k =1x10°s " and
k, =1x10™*s™, the time at which the conc. of Q and R are 0.5966 M and 0.0355 M, respectively, is

(@) 500 s (b)750s (c) 1000s (d) 1500s. [GATE, 2004]
Answer: Correct option (). Hints: [P] =[Plo— [Q] —[R] =(1.0-0.5966 — 0.0355) M = 0.3679 M.
I [Pl _ 13 71In 10 =1000s.
k, [P] T 1x10° 0.3679M

Question: Formation of phosgene by the reaction CO + Cl, — COCI; appears to follow the mechanism:
£

Using the 1% step, we get thetime, t =

Clb— %15 2Cl; Cl + CO—=—=COCI; COCI + Cl, —*— COCl, + Cl; 2Cl-—*+-«Cl,
Assuming that the intermediates COCI and Cl arein a steady state, find the rate law for the
formation of COCl; . [GATE, 2000]
d[CcocCl
Answer: % =k[COCI][CI,] and [ , I k,[CO][Cl] -k [cocl][Cl,] - k,[COCI] = 0------ (1) and
t
diciy

= 2k [Cl,] =k, [CO][CI] + k [COCI][CI,] + k,[COCI] - 2k [CI] =0---- (3). Adding (2) and (4),

e e 12
[Cl] =/k /K [CI,]**. So,[cocl] = E{glo]][cll] ( kl;/[kél)[]ccl)(][d] . Fromiit, rate law is derived
2 21T K,

(C) Parallel or sidereactions:
The reactants decompose in more than one way yielding different sets of products with
different rate constants. The reaction producing maximum amount product is called main or major reaction and

other is sidereaction. B
Thesimplest typeis that both the reactions are of first order /5/
and irreversible (so that products are not inter-convertible). A F.:,’
. d[ A] d[B] d[C] e
Therate equation is, — = = k[A]+k[A =
e N o kLA + KA c
, % = (k, +k{)[ A] . Separating the variables and integrating within limits, the integrated rate law is
A
[[ lo =(k +k)t (1). Sotheplot of In [[ A]\O vs. t gives [l] L
n— - clogre
agraight line and its slope gives the value of (k1 + kl’) . Again, since both the [A] ,.-f"#':'[i'u +i..|r]
rate formationof B _ k[A] _k; 2

P—

steps are of same order, hence - =
rate formationof C  K[A] k

o formationof Battheend _ k ©)
’ formationof C attheend k] '

So from the equations (1) and (2) individual values of k; and k; can be evaluated.

Equation (2) refers to Wegscheider’s test which states that theratio of conc. of B and C at any time becomes
constant if both the paralld reactions are of same order. Thistest is used to differentiate parallel reaction from
opposing and consecutive reactions.
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Examples: (1) Dehydration of ethanol (2) Formation of « - D glucoseand f - D glucose in solution from

b CoHy+H0 adehydic forms of D — glucose.

(main) (3) Nitration of phenol gives o-nitro phenol (main product) and
CoHsO0H <k p-nitro phenol (side product).
= (CH5)20 + H,0
(side)

Calculation of [A], [B] and [C] at timet:

k 2= (i +K)t oA =[Ae

Again, @_kl[A] k[Al,e ™" or, d[B] = kl[A]0 (4 Gt | ntegrating within limits, we get
_ 0 (kekt [k (k)
J;d[B]—kl[A]OJ;e d or,[B]—(lirkl,J[A]o{l e }
Similarly, since %:% , so the conc. of C, [C] :[klklklj[A]o{l ekl }

In this type, the products are not inter-convertible as the reactions are irreversible. So under this condition, the
product formed rapidly will be the one that dominates in the products. Such reactions are called kinetically
controlled reactions and the most rapidly formed product is known as the kinetically controlled product.
When the products ar e inter-convertible:

This case is possible when both the reactions are &
reversible with appreciable rate constants, B may react to give the product, K
Candviceversa. B[] C 'k
(2) If we wait aninfinite time so that the system reaches equilibrium, the A :?'—-‘:-_—E
thermodynamically stable product dominates in the final products and the relative e
amount of B and C is determined by the ratio of their equilibrium constants. kL
[Ble/[Al. _ Ky [Ble _ K,

=— o, —= . at t— oo i.e thereaction at equilibrium.
[C]e/[ A]e Kl [C]e Kl

This reaction is equilibrium controlled reaction. The most stable product (having lowest G° value) dominates in

the final products. Thusit is also called ther modynamically controlled product.
(2) On the otherhand, during the early stages of the reaction when any reverse or inter-conversion of B and C are

Bl _k
[Cl K
controlled product.

If therate constants k , and k'; are much less than those for the forward reactions k; and k; , the product

will be kinetically controlled even when A has been nearly all consumed.
(3) It frequently happensthat k, >> ki but K, << K/, then B is favoured kinetically and C is favoured

thermodynamically. At the early stages, B will be kinetically controlled main product but at infinite time
(at equilibrium), C will be thermodynamically controlled product.

Problem: B For aparallel reaction with k; and k/ equal to 3.42x10? min—*and
/k]/r 1.14x10% min " respectively. Calculatethe % of A converted into B an C
A "*-H_JELA and also find theratio of [B] and [C] after 20 min.
C

negligible, . Higher value of rate constant dominates in the products and we have kinetically

CHEMICAL KINETICS-DR N C DEY
28



[Al

Solution: The equation (1) gives In=—=2 A =(k,+k)tor, 1A _ e 4! putting the values given, we get

[Al,
[A] _ e—(3.42+1.14)x10’2minx20min _ 70912 — 0.40=40%.
[Al,
So the % of A converted into B and C after 20 min = 100 — 40 = 60.
[Bl _k _ 3.42x10°min™
[C] k 1.14x102min™
Question: For the following chemical reactions - —L 3B 4B s g b ,c U8
Therate constants k; and k, areat least 1000 times slower than either k, and K, . During the course
of the abovereactions theratio of the products B and C will be

A) [Bl/[Cl=ks/k, B) [BI/[C]=k,/k; C)[BI/[C]=kk;/kk, D)[B]/[C]=k/k,.

=3. Thisistheratio of B and C after 20 min.

Again, from equation (2), we get —

B
Answer: B). The above four reactions show that the products jﬁ..f”
B and C areinterconvertible with high speeds A= & .i‘]”;;
kg
e,

. 4 [AdmtoM ScTIFR, 2014]
Question: The overall rate law of the following complex reaction,

2A A, (fast equilibrium); A + B =——— C (fast equilibrium); A, + C- “—» P+ 2A (slow)
by steady state approximation would be
(1) Ki K2 ks[A]®[B]  (2) KoKi ks [A][B]?  (3) KiKzks[A][B]? (3) KiKzks[A][B]

[NET (CSIR - UGC), 2011(11)]

Answer: The correct optionis (1). Hints: Overall rate % =K,[ A][C] . But using the steady state

approximation, we have [A;] = K1 [A]? and [C] = k2 [A][B]. Inserting these conc. in the rate law,

we get L =K1Kz ks [A]s[B].

Effect of temperature on rate constant — Arrhenius equation:
Rate constant (k) of a reaction strongly depends on temperature. For many reactionsin
solution near at room temperature, k becomes doubles to triples for 10° risesin temperature.

“ 1wl
2 3

The temperature coefficient of rate constant, % ~ 2t03. or,
+10

Ea
In 1889, Svante Arrhenius noted that for many reactions, therelation k = Ae /?T holds good. A and E, are
constants for areaction. A is called pre-exponential term, sometimes called Arrhenius factor and E, is activation
energy.

Evaluation of the constants A and E.: Taking logarithm of the above relation, we get Ink =1n A— ( E%J%

When rate constant (k) of areaction is determined at different temperatures Il
and Ink is plotted against (1/T ), astraight line is obtained. The slope of the . Aope

curve gives the value —( E./ R) from which E; is determined experimentally. b

T —
Thisisthe only method to determine activation energy (E). Thereactions that give such straight line curve are
called Arrhenius-type of reactions. Activation energy of areaction is the excess energy that reactants must have
to acquire to undergo chemical reaction. Pre exponential term may be determined from the intercept of the
curve.
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Activation energy (Ez) can also be determined approximately by knowing the rate constant of the reaction at two

different temperatures, In(%) [TTTT J where k; and K, arethe determined rate constants at the two
1°2

temperatures, T1and To.

Once E, of areaction is known, it becomes easy to calculate the rate constant and thus the rate of the reaction at

dink E

a

dT RT?’

any other temperature. Differentiation form of the Arrhenius equation is given as

Formulation of Arrhenius equation:
Let us consider areversiblereaction, “! =7 # and the equilibrium constant, K =k, /k ,

- . L . dinK AE
The variation of K with T is given by van’t Hoff equation, e = F ,

where AE = heat of reaction =E, —-E, =(E, —E,)-(E, —E;)=E,, —E, ,. When thereactant A attains the
energy, Ex, it breaks down into products, B and E, —E, = E, ,, activation of the forward reaction and

a,l’

E, —E; =E,_,, theactivation energy of the backward reaction.

din(k/K,) _E.-E.
- =

Putting in the van’t Hoff equation, we get

. Separating the equation for forward and

R-I—Z
E
backward reactions, m: E""lz + C (constant) and dink, = a,—21 + C (constant). C isany value
RT dT RT
including zero. Arrhenius took the value of C = 0.
E,
So the Arrhenius equation in general is written as Qnk _ > or, E, = RT? d lnk.
dT RT daT
A 1 ST
Again, Idlnk——j— k__E ?+InA or, In(/A\)— E? o, k=Ae

E.is assumed constant and independent of temperature.

Ea
Char acteristics of Arrhenius equation: The equation, k = Ae Ve implies the following characteristics:
(a) Therate constant (k) increases exponentially with increase of temperature (T).
(b) Reactions having higher value of activation energy (Ez) will have smaller value of k and the reaction will
proceed at slower rate.
(c) For reactions having zero activation energy (Ea = 0), k = A, independent of temperature. The reaction
proceeds with optimum rate. Free radical recombination reactions are of this type (such as, CL. + CL. — Cly).

E
R(T+10 E.. E 10E,
K 10 _ Ae /( +0) _ R RIT+H0) _ GRT(T+10)
I(T Ae_Ea/RT
() Temperature co-efficient is large for the reactions having large value of E, and it means that reactions of

high activation energy are more sensitive to temperature change.
(ii) Temperature co-efficient is also larger at lower temperature than at higher temperature.

(d) Temperature co-€efficient of rate constant,
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Common classification of chemical reactions:
On the basis of variation of reaction rate with temperature, they are commonly classified as below:

"o,
giitd P, / rade 4 rate .,
2 -
T— T—=* I—
1. Homogeneous IL. Explosive II. Enzyme
thermal reactions reactions catalyzed reactions

The energy of activation (E.):

It is defined as the minimum energy that the reactant molecules must possessin
excess to take part in chemical reaction. This energy is necessary for structural rearrangement of the reactant
molecules. The reactant molecules first come close to each other or callide, and during the collision the
molecular rearrangement takes place which leads to the product. The molecular rearrangement usually involves
the breaking of the old bonds and making of new bonds. This process only happens when the reactant molecules
that can acquire this excess energy. The reactant molecules that can not acquire this energy, do not participatein
thereaction.

The difference between the minimum energy required for making this molecular arrangement (Ex) and the
average energy of reactant molecules (Ex) isidentified with the activation energy (Ea).

The schematic diagrams (qualitative) explain the concept of activation energy. Energy is plotted against the
reaction co-ordinate of the reactant molecul es towards the molecular transformation (progress of the reaction).
As the reactant molecules approach, their structural orientation, internal vibrations, their intermolecular distance,
etc. change and even they make a transient association. Any factor that affects the energy change of the reactants
during transformation is termed as reactant co-ordinate. Thisis a qualitative term.

X
T ¥
2 4\ 5 o ; a
I -“._T_I'lﬁ :[ | .-.- | .1 3 A= i > _]"" . r-l.} .I'Ijl
Enetgy| o | . A Reactant Activated  Product
T fa ey L | By & - rB
F, S | : L [ & complex
. e ke
Feacti "~ Reaction _ —E = —E =
e oA nate -Fanrgud Ex-E,=E,adE,-E;=E, ;.
Exolluermic reaclion Enidutheric resclion
AF = [-we) BF = [ E..-E,.=AE.

The reactant molecules acquire minimum excess energy ( E, ;) to reach the activated state (X) and then it

breaks into product by liberating (Ea’_l) energy. Though the reactant molecules may have higher energy than

the productsi.e., Ea> Eg, they do not transform into products straightway. They reach the activated state by
acquiring activation energy first, and then it breaks into products.
Oneillustration of the concept:

The concept can be explained by taking thereaction, Hz + 1, — 2HI.

H I H---1 H-1 Activated complex is not a simple and single intermediate
|+ | ——— . — —+ o . . . .
oo 1 HoI compound, but it is a species in which some bonds arein the
o - rocess of breaking and some are making.
reactant  activated state procuct P 9 9

Magnitude of Activation energy of different type of reactions:
Recombination of two free radicals to form a sable polyatomic molecul e requires no bond to be broken
and most such gas phase reactions have zero activation energy. These reactions are
(i) 2 CHz — CH3z — CHs (ii) CHs + Cl — CHsCl (iii) Cl + Cl — Clz (iv) Br + Br —Br»

CHEMICAL KINETICS-DR N CDEY

31



With zero activation energy, the rate constant is essentially temperature-independent. If R denotes a free radical
and M is closed-shell molecule, then for exothermic bimolecular gas phase reactions,

Ri+ Ry, Ea~ 0,R+M, E,  0to 15 kcal mol™ and M1 + My, Ea &~ 20 to 50 kcal mol ™.

Apparent exception of the Arrhenius equation:

Many complex (multi-step) reactions are found to proceed slowly at higher temperature. In these
reactions, the activation energy is (—ve). One exampleis the reaction between NO and O, 2NO + O, — 2NO..
The observed rate constant is found to decrease with increase of rise of temperature and according to Arrhenius
equation, the activation energy becomes (—ve).

In some reactions, the Arrhenius plot is found to be curved. This indicates that the activation energy isa

= k =
function of T. Advanced theoretical formulation of rate constant is k =aT™e AT or T_m =ae /‘T .

Kk E
In that case, In(_l_—m} VS. % will give straight line and from the slope _[Ea) E, can be obtained.

For explanation, see the text.

Problem (1): Therate constant of areactionis 1.5x10" sec™at 50 °C and 4.5x10’ sec ‘at 100 °C.
Evaluate the Arrhenius parameters A and E.. [11'T, KGP 1995, Adm to B. Tech.]

Solution: UsmgtheArrhenlusequailonsInk2 E T —h and k = Ae /RT
k RUTEL

and putting the data, we get the answer, Ea= 5294 cal/mol and A =5.4x10sec™
Problem (2): A bottle of milk stored at 30 °C soursin 36 hrs. When the same milk is stored at 5 °C sours after
one week. Assuming that the rate constant to beinversdy related to the souring time, estimate the
activation energy of a chemical reaction associated with the souring process.

Solution: According to the condition, K oc I(Wheret is souring time). Thus the Arrhenius equation when

applied for the process, we get In t—l = E(ﬂj . Putting the data, we get Ea = 43.15 kJ mol ™.

t, R LT
Problem (3): For two paralld reactions, show that the activation energy, E for the disappearance of A is given
kl/’B in terms of activation energy Ei and E; for the two paths by
A< g, E-KEFRE 15 dwan Univ. 2002, 2008, 2007, 11T K GP, 2001]
Ty k1 N\ kz
C

Solution: Arrhenius equation is

Mziz o L[dk)_ E o dk, _ klE; g Je k2E§ o
dar RT k \ dT RT dT RT dT RT
k1 dk,  kE +kE, o d(l<1+k2):k1|51+k2|52
dT daT RT? dar RT?
k

OfA,theequationisﬁz > or dla k) _ kI52 as k +k, = k. Equating, we get g-KETKE,

dT RT dT RT k, +K,
Problem (4): State Arrhenius equation showing the variation of k with T. The specific rate constant (k) for a

2" paralle reaction. Now, . Again for disappearance.

_C
reaction dependson T as k = BJ/T 10 a . Express the energy of activation in terms of C.
[Burdwan Univ. 2000]

_E, E
Answer: 1% part: Arrhenius equation that shows the variation of k with T is k= Ae Vir or dcll_rll_k = R'FZ .
2" part: Given, k = B\/'Flof% or, logk =log B+%IogT—$ or, Ink=1In B+%InT—2'3_?3C.
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dink 1 2303C _dInk 2303C+(],/2)

Differentiating, =0+— 5 5
2T T dar T
Equating with Arrhenius equation, dink = E, >, weget E, =2.303RC + - 1 RT .
dar RT 2

Question (5): Theratelaw of one the mechanisms of pyrolysis of acetaldehyde at 520 °C and 0.2 bar is
%
K, (%} }[CH CHOJ.

4

Rate=_

The overall activation energy (E, ) interms of theratelaw is

1) E.+ED+2E,(4) @QE (2)+ ED-E( QE (2)+ E.(D- E (4

4) E,(2)- —E (1)+ E.(4). [NET (CSIR - UGC), 2010]

b
Answer: Overall rate constant, k =k, (%j . Using Arrhenius equation of T-dependence of rate constant,
4

Ea(2)+5EaD-3Ea(4)
RT

Ea E.(2) e‘Ea(%T & 7| -
we have Ae i Ae r A—Em) = A{ij e
2AE a 2A

Equating we get the overall activation energy, E, = E,(2) +% E,(D —% E,(4) . Correct option is (3).

Question(6): For areaction, the rate constant at 25 °C is doubled when the temperature is raised to 45 °C.
The activation energy (in kJmol ) of the reaction is ---------- (GivenIn 2 = 0.69)
Answer: 27.29 [T -JAM, 2015]

_:['-.U

Question(7): For the opposing reaction
The forward reaction has values E, = 100 kJmol and A=1.0x10°M *'s™.

The equilibrium conc. of A, B, CandD are 1.0 M, 2.0 M, 5.0 M and 4.0 M respectively at 700 K.
(1) Thevaluesof k, and K ,, respectively, at this temperature are

@20M*stand2.0M?*s?  (b)345M*stand345M st (¢)345M?Ts? and3.45Mts?t
(d) 200 M*s*and 20 M s™.
(2) Therate constant (k; ) for the forward reaction at 1000 K is

(a) 5.98x10*M 'min™" (0)5.98x10°M 's™ (c) 1.00x10°M s (d) 5.98x10*M ~'s™
Answer: In (1), the correct optionis (b) andin (2) the correct optionis (d). [GATE, 2003]

_E 100k ol 3 11
Hints: k = Ae Vr =1.0x10°M's'xe ASMO kI mal T300K — 349M st
Equilibrium constant K, =k, /k , =([C][D])/([AI[B]) =(5.0M x4.0M )/(1.0M x 2.0M ) =10.
Thus, k, =k /K, =342/10=34.2M "'s™. Arrhenius equation gives k, at 1000K =5.96x10*M s,

CHEMICAL KINETICS-DR N C DEY
33



CHAIN REACTIONS:

Introduction:

Reactions with molecules having closed-shell electrons generally involve high activation energy,
and the reactions are slow; though free energy for the overall reaction is favourable.
Faster reaction paths frequently involve reactions between free radicals and molecules. Radicals have unpaired
electrons and so its reaction with a molecule having paired electrons gives rise to another freeradical. In this
way, radical-centre is maintained and gives rise to chain reaction.

Thusin thistype of reactions, along series of more easy sdf-repeating steps continue in which

final product is formed along with active intermediate free radicals called chain carriers.
Stepsin the chain reactions:

The chain reaction, A — P involves generally following three steps:
(1) Chainiinitiation: ~ Chain carrier is produced in this step. Some agent, called chain initiator may be used.

A ——=—>» R. Risreactiveintermediate, chain carrier. It may be atom or freeradical.
(2) Chain propagation: Chain carrier attacks the reactant to give product and another chain carrier back.

This step is self-repeating and propagates the chain more easily.

Kt d—=> 4+l if o =1, the chain becomes stationary and the reaction rate goes
smoothly. But when ¢ > 1, chain is non-stationary and the rate
of the reaction becomes increasingly high leading to explosion.

(3) Chain termination: This reaction should never stop until all the reactant material is consumed. At the other
or chain break-up  hand, if the chain carriers collide at the wall of the container and stick at the wall
or combine with the other radicals to form a spin pair molecules, they are destroyed and
the chain is broken.

e —— destruction, Ky =K, + Ky prase» Where K, israte constant for wall
destruction and K. jrase
Using the steady-state concept for the freeradial, R, we have k[A]+k,a [Al[R] -k, [Al[R]-k,[R] =0

for gas phase destruction process.

) e ___ KIA _ KA
o LAl = DIAIRIHIRIZ and [RI=3 e N vk ) - kAl

Chain length: It is the number of chain propagation steps in between chain initiation and chain termination
(d[P]/dt)

steps. Mathematically, chain length =
(_d[ A]/dt )initiation step

. S0, chain length is defined as number of product

mol ecules formed per chain carrier produced in
the initiation step.

Test of chain mechanism:

This type of reaction may be tested as follows:

(a) If the reaction rate decreases by increasing the area / volume ratio of the reaction vessel, the reaction follows

chain mechanism as chain carriers are destroyed by wall destruction.

(b) Thereaction rateis also reduced by introducing some species like NO, propylene which destroy the chain
carrier by chemical combination. If this happens, then the reaction foll ows chain mechanism. These added
substances are called scavenger as they remove the active chain carriers from the reaction vessd.

Sometypical examples of Chain reaction:

(1) Formation of HBr from H and Br, (An example of stationary chain reaction, o =1)

It isan example of thermal chain reaction. Thetypical gas phasereactionis H; + Br, — 2HBr.
In 1906, Bodenstein formulated the rate equation from the experimental dataand it is

d[HBr] _ K[H,][Br,]"2
dt  1+k[HBr]/[Br,]

[HBr] is present in the rate equation as denominator and so HBr appearsto act as reactant in some step of
thereactioni.e. inhibition step is there in the process.

Temperature range of the reaction is 500 K to 1500 K.
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If no HBr is present initially, theinitial rateis directly proportional to[Hz][Brz]%. If sufficient HBr is added

initially, so that kTHBr]/[Br,] >> 1, theinitial rateis directly proportional to[Hz][Brz]%/[HBr] anditis

seen that doubling the initial [HBr] cuts the initial rate in half. These are experimental data that led to
Bodenstein to formulate the rate equation of the reaction.
Proposed scheme of the reaction:
In 1919, Christiansen, Herzfeld and Polanyi proposed a scheme of self-propagating steps of
chain mechanism. The steps are as:

(i) chain initiation:  Br, —~—> 2Br; rate, %d[Br]_kl[Bz] or, d[dBr] 2k [Br,] .

(ii) chain propagation (self-repeating step ): Br + H, - iy HBr + H; rate, _d[Br] =K,[Br][H.,]
(iii) ====mmmmmmmmmeme e do --------mmmem e H + Br; Y1 > HBr+Br; rate, d[Br] =K,[H][Br,]
(iv) chain inhibition step: H+HBr —*—=H,+ Br; rate, d[Br] =Kk,[H][HBr]
(v) chain termination step:  Br + Br ———> Bro; rate, _;d[Br] = k[ Br]? d[Br] =2k [Br]°.

The chain carrier Br attacks H, molecule with the formation of HBr and another chain carrier H. But rate of this
step is slow dueto high activation energy (~ 18 kcal/moal) involved

in the step. This H-atom then attacks Br> molecule with the Hz +Bra — 2HBr
formation of the product HBr, and Br-atom is regenerated. Br Reaction vessel Br
These steps take place repeatedly to continue the cycle.
Thechain carriers H and Br atoms remain steady in their conc.
during the reaction and the rate proceeds smoothly.

H-atom by chance attacks HBr, especially when HBr accumulates in large amount in the reaction vessel. This
step inhibits the formation of product HBr.

Finally Br-atoms combine to produce Br. and the chain is terminated. Using the above steps, rate equation is
formulated which is same as Bodenstein had derived.

Formulation of rate equation of the reaction:

BB BITH, 1+ K HITBE] - K THITHBr] e ®
Taking steady state concept for H-atom and Br-atom as these chain carriers are reactive and its conc. is steady,
LB 2k [Br,] K BHITH 1 + KIHITBr]+ K [HITHBr] - 2K B = 0 e @
and Sk BrH,1-KHITBL] K [HIHBF =0 ®
Adding equation (2) and (3), we get 2k,[Br,] = 2k;[Br]? or, [Br]=/(k /k;) [Br, ]}/2 ------------------ (4)
[ b
Again from equation (3), weget [H] = o BrilH,] k2 (l/ks) [H,][Bry] , using (4) for [Br] .
kS[Br2]+k4[HBr] k,[Br,]+k,[HBr]

Putting equation (3) in equation (1), d[I;:Br] = 2k,[H][Br,] . Replacing [H] and dividing by 2, we get the

1d[HBr] _ ko /I6) MBI _ ko (/K [HIIBLT? i, I(Br, 1
dt k[Br]+k[HBr] 1+ (k,/k)([(HBrI/[Br,])  1+K ((HBr]/[Br,]) °

rate equatl on,
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Comments on the rate equation:

(1) Order of thereaction: At theinitial stages, [Br] >> [HBr] so, 1+k'([HBr]/[Br,])~1.
or, rate equation at theinitial stagesis %¥= k[H2][Br2]}/2 and the order of thereaction is 1+%=%
K[H,][Br,]"2/{1+ K ([HBr]/[Br
(2) Chain length of thereaction = 1d[HBr] /1d[Br,] _ [H.][Br] /{ +HK([HBr L 2])}
2 dt 2 dt k,[Br,]
e
= k[HZ][Brf] , where k =Kk, /(k /k;) and =K
K [Br,] +kKTHBr] K
(3) Calculation of overall activation energy of the reaction:

d[HBr]

— ko [(k /Ko )[H,][Br,]72 . But plotting [HBY] vs. t, we

obtain theinitial rate (t = 0) from the limiting slope. Using several different values of initial conc. of [H2]o
and [Br2]o, we can obtain the overall rate constant, k =k, \/k; /K; .

L 1
At theinitial stages, therate equationis 2

Problem: Using Arrhenius equation, find the expression of the overall activation energy of thereaction
H + Br, — 2HBr at the initial stages in terms of the activation energies of the steps involved.

Given, k =k,./(k /ks) , wherek isthe overall rate constant of the formation of HBr at the nitial stages.

Solution: Arrhenius equationis Ag R = AzefE%lT (AeE%*T/ASeE%‘T j% = AZ(A/PS)}/2 ef(ZEﬁEl_E‘%RT :
Comparing, A= A, (A/A)?and E=(2E, +E,~E,)/2.

L et the activation energies of the steps are given as, E1 = 192 kJ/mol, E; = 74 kJ/mol and Es = 0.
Find the overall activation energy of the formation of HBr and calculate the initial rate at 300 °C
relative to that at 250 °C. [Answer: E = 170 kJ/mol and ratesis 30 times larger].

(4) Comment on the inhibition step of the reaction:

rate(iv) k,[HBr][H] _ k,[HBr]
rate (i)  K[BrJ[H]  K([Br,]
The success of HBr in the competition is determined by the relative rates of the steps (iv) and (iii).

If the inhibition step would be Br + HBr — Brz + H, then H, and HBr would compete for reaction with

k,[HBr]
k[H,]
(5) Reaction speed: Thereaction is slow dueto high activation energy involved in the step (ii),

We have

. It appearsthat Br, and HBr are competing for H-atom.

Br-atom and then the denominator in the rate equation would be

E
Br+H, —=— HBr +H and therate= k,[Br][H,], where k, = Ae Vr . However, therateis

increased
when temperature of the reaction is increased and thisis due to enhanced value of K, .

Question: H2 and Br- react to give HBr by the following steps:
) o

Bro+M~ * 1 2Br+M (fast), (K =k; /K, ); Br + Hy —2— HBr + H (slow);

H + Br; - % 5 HBr+Br (fast). The probable rate law for the above sequenceis
(@) rate= k2(|<)1/2[|_|2][Br2:|1/2 (b) rate=Kk,[H,][Br,] (c) rate= kz(k1)1/2[H2][Br2]1/2

(d) rate = k, (K)**[H,][Br]*. [GATE, 2003
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Answer: The correct option is (a). Hints: In multi step reactions, slowest step determines the rate of the reaction.
Thus therate of thereaction = K,[Br][H,] . But rapid equilibrium process determines [Br], so

K =([BrI’[M1)/([Br,][M]) or, [Br]=+/K[Br,]**. Putting [Br], therate="k,/K[H,][Br,]**.

Explosive or non-stationary chain reaction (¢ >1):
For the reaction A — P, following the chain mechanism as outlined earlier, the conc. of chain carrier (R)

o . A

is given by the expression, [R] = kLA : (1)
(ku+kg )~ k(@ ~DIA]

For this type of non-stationary chain reaction, ¢ >1.

Thus, as the reaction proceeds, more and more the free radicals are generated. Thereaction rate is also more and

moreincreased. A stageis reached when

k(e —D[A] = (K, +k; ).

Denominator is zero and [R] becomes infinity. This leads to very high reaction rate and the system explodes.

Effect of pressure on thereaction rate:
Therate of this type of reaction is largely dependent on pressure aside the temperature.
Some striking features of this chain reaction are shown below by the plot of

reaction rate vs. pressure. -5
1st pressure limit: I _| s EB8
At low pressure, [A] is also small, diffusion of thefree radicals to the wall - 5 2 E E'ﬁ E =
of the reaction vessdl is rapid as the reactant molecules are widely dispersed. # E'E JE L =% . @
The radicals stick to the wall and are destroyed according to ?5: RE 8l

R ——> wall destruction; kv islargeand (KN+kg)> k(a-D[Al. E|l -7 :
The denominator in the equation (1) is (+ve). Rate of destruction of free P'IH 15'.:'“ P;"“
radicals dominate over the rate of branching and the reaction proceeds Pas bl = 41 ,

smoothly without suffering any explosion.
This condition continues with increase of pressure (P) up to thelimit P < P,. When the pressure exceeds P;,

explosion starts. This pressure (Py) is called first explosion limit.

2" pressurelimit:
Asthe pressureisincreased and becomes P > B, [A] isincreased and the rate of branching of free radicals

k,(a —D[A] [R] isincreased but therate of termination of freeradicals(karkg)[R] is decreased dueto less

rate of diffusion of the radicalsto the wall of the vessel and (kw +K, ) =K,[ Al( —1) . The denominator
becomes zero, [R] reaches infinity, rate of the reaction attains very high value and the reaction explodes. With
increase of pressure, k[ Al(a—1) = (kw + kg) is maintained up to P < P,, 2™ pressure limit.

Asthe pressureis further increased, free radicals suffer three-body collision and are destroyed with the reactant
molecules which are thickly populated in the reaction vessel at this pressure.

R, gas phase destruction dominates and again (KN + kg) > K,[ Al(« —1) , and the reaction proceeds
steadily as the denominator of the equation (1) is (+ve) and finite. This occurs when P > P,, the 2™ pressure
limit (P,) after which the reaction goes on smoothly and this continues up to P > P, , 3 pressure limit.

3" explosion limit:

Thesereactions are usually exothermic and heat of reaction accumulates within this gas phase. The temperature
isincreased leading to increase the rate of the reaction which ultimatey reaches the explosion. Thisisthe
thermal explosion. The pressure at which the thermal explosion starts is the 3 pressure limit (Ps).
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An example of non-stationary (explosion) chain reaction: 2H, + O, — 2H>0.
The mechanism of the reaction is not very clear but Hinshelood and his co-workers proposed
the following steps to explain the experimental observations.

Chaininitiation:  Hy——b—3 2H  ccmmmmmommom oo (1)
Chain branching:  H + Oz S N ' [ Y )
O+H, — % OH +H L ©)
Chain propagation: OH + Ha =3 H,0 + H ==-mmmrmmmmermmmemm oo e 4)
k.
Chain termination: H + Wall 7 JeStUCHION —-wmwm-emememmmememmememem iemeemem e ememememereee (5)

Thereaction is usually conducted at 550 °C in a closed vessel. The first explosion limit can be explained by the
help of the above mechanism.

At low pressure (below 107 bar), the reaction rate is slow and proceed smoothly. With the
increase of pressure, the free radicals increase exponentially than the rate of termination and explosion occurs.
The magnitude of the 1% pressure limit (P1) at which explosion begins, depends on the relative rates for
branching 2k, [H][ O] and termination ks [H]. So long termination rate dominates over the branching rate,
reaction goes smoothly. However the exact value of P, depends also on nature the vessel surface and the size
and shape of the vessd. This supports the concept of wall destruction of the chain carriers. This explosionis
called chain explosion.

To explain the 2™ limit (P,), above which there is no explosion, another termination step is to be
considered and it is the gas phase destruction.

Chain termination: H + O, + M ? HO2(M)  m-mmm e m e o (6)
In a mixture of oxygen and hydrogen, M may be hydrogen or oxygen.
This termination step prevents the exponentially increase in the number of free radicals and this step is more
important as the pressure is increased especially the conc. of O.. Again the gas phase termination step dominates
over the branching step and the reaction proceeds smoothly.

The propagation step (4) is exothermic and fast. The heat of reaction is getting accumulated in
the vesse and temperatureisincreased. Thisresult an increase of rate of the reaction and at very high pressure
Ps, rate becomes tremendously high. The reaction again explodes. Thisis thermal explosion and Ps is the 3™
explosion limit at which this explosion starts. At this high pressure, another propagation step begins to occur and
more heat is generated that results more rise of temperature of the gas mixture.

k-
HO, + H,————> H,O + OH

Thus, at P < P, smooth reaction occurs. When B < P > P,, chain explosion continues.

Againat P, < P > B, smooth reaction goes. At P > P, , thermal explosion occurs.

Question: Observe the following statements:
I. Inthe Hz — Oz reaction, explosion occurs when the rate of chain branching exceeds that of chain
termination.

_3
I1. The order of thereaction, N A— productsis 2.5. For the reaction, t}/ oc [A]O/2 .
2

I11. Unimolecular gas phase reactions are second order at low pressure but becomefirst order at high

pressure.

Which of thefollowingis correct?

LI I, 1T arecorrect 2. only Il iscorrect 3. only Il iscorrect 4.1 and Il are correct.
Answer: Correct optionis 1 (I, Il and IIl are correct). [NET (CSIR - UGC), 2013 (1)]

Question: Therate constant of a reaction changes by 2 % when its temperatureis raised by 0.1 °C at 25 °C.
The standard enthalpy of the reaction at this temperatureis 121.6 kJ mol . Find the energy of
activation for the reverse reaction. [Civil Service Examination, 1996]
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Answer: We havetherelation E, = RTZ(d Ink} = RTZ(MJ
dT dT

= 8.31x10°°kJmol 'K (298K )? [%) ~147.6kImol .

But, AH = E, — E_, or activation of reversereaction, E ; = E, — AH =147.6-121.6= 26kJmol *.

Question: A certain 1% order reaction is 20 % complete in 15 min. at 20 °C. How long will it take to complete
40 % of thereaction at 40 °C? (The average value of the energy of activation for thereactionis

23.03 kcal mol*within this temperature range). (Burdwan Univ. 1992)
Answer: Kyg = 1_ In A, =0.015min™" and Ky, = 1_ In A, = 0'5_1 .
15min  [A],-0.20 Al, tmin [A],-040A], tmin

Now, In—==% =2
293K x 313K

- -1
Ky« E, (TZ—TZJ o 1n 05Ytmin _  23.03keal mol [ 20K ]Or’ = o8min

ke R TT, 0.015min*  2x10kcal mol *K ™
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Part |1 - Theoretical Aspect
I ntroduction:
This part of chemical kinetics deals with the theoretical aspect of elementary reactions at the molecular level.
The calculation of rate constant (k) of a chemical reaction from the properties of individual atoms, ions and
mol ecules of reactants is highly challenging.

Collision Theory of Elementary Bimolecular Gas Phasereactions:

The collision theory attempts to explain the mechanism of chemical reactions and to formulate the expression of
rate constant (k) in terms of the molecular properties of reactants.
Let usfirst try to explain the elementary bimolecular gas phase reactions and the following postulates are used
to formulate the theory.
Postulates:
(1) The reactant molecules must come closer through either by collisions (in gas) or by encounter (in liquid).
[Transport property]
(2) Only those collisions or encounters are effective for reaction in which the reactants can acquire activation
energy (E, )of thereaction. [Energy criterion]

(3) At thetime of effective collisions, the reactant molecul es should have proper orientation or alignment.
[Steric criterion]
Evidence in support of postulate (2):
Asall the collisions are not effective for chemical reaction, that can be justified by the following logistic
arguments:

(a) For the reaction 2HI(g) — Ha(g) + I2(g), at 700 K and 1 atmosphere pressure, the frequency pf binary
collisions (Z) i.e. number of collisions between two HI molecules per cc per sec is about 107, but kinetic data
show that the number of HI molecul es decomposing per cc per sec is only about 10% at the above temperature
and pressure.

Thisjustifies that all the collisions are ot effective for reaction. In the above example, (10%%/10%) = 10%°
collisions lead to decompose one pair of HI molecules.
(b) Again thefrequency of collisions between two like molecules and between two unlike molecules are given

8RT 8RT( 1 1 PN
as Zgg = \/—” : (NB) ' ZBC=7[O-BCZ\/ i [M +|\/| jNBNC’
B c

where N and NC are the number of molecules of B and C per cc of the gas.

Thus the frequency of collision, Z o \/'I_' when volume of the gas (V) iskept constant andso N and N/ are

not affected by T. [Rate= _L1dIA]_ __[ 1adn
V.

v, dt \VARY

j shows that rate of the reaction is dependent on the rate of

change of number of moles of the reacting component (i) only when V is kept constant].

Thus, Zniok = 710 =1.01, this means that if every collision were effective, then per 10 K risein

Z ook 700
temperature, the reaction rate would increase by 1 % only. But kinetic measurements show that rate often
increases by 100 % to 200 % per 10 K increase of temperature.

Activation Energy of thereaction (E, ):

The KE of the molecules obeys Boltzmann-Maxwell distribution law. Some molecules have very high KE
(fast moving molecules) and some have small KE (slow moving molecules). But the moleculesin gasarein
random chaotic motion and so they undergo incessant molecular collisions with constant reshuffle of
tranglational kinetic energy among themselves. When these pair of reactant molecules in their binary collisions
acquires additional energy equal to the activation energy (E»), they undergo chemical reaction. If E;isthe

activation energy per mole of thereaction, then &, = E, /N, isequal to difference of the average total energy
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(trandational and internal) of those pairs of reactant molecules that are undergoing chemical reaction and the
average total energy of all pairs of reactant molecules. That is, ¢, of pair of molecules

=g, total energy of pair of reactant molecules undergoing reaction — &, total energy of all pairs of reactant
molecules existing. This energy is essential for the pair of moleculesto initiate the breaking of the relevant
bond(s) to cause reaction.
According to Boltzmann distribution of energy, the number of collisions undergoing reaction

E,

(effectivecollisions) isgivenas  Zy. . =Zx€ Vir :
This activation energy of the reaction can be determined from Arrhenius plot of (VR

Ink vs.J/T intherelation, Ink=In A—(%)%
where A is pre-exponential factor, k israte constant and E, is the activation energy of the

reaction. E, is determined from the slopeand A from the extrapolated intercept.

Now for the elementary bimolecular gas phase reaction B + C — Product(s),
the number of molecules of B reacting per cc per sec

! Ea Ea
_ Mg = Ztecive = Loc © v = {”UBCZ\/gRT - + . j NéNé} e AT
V4

dt Mg Mc

Converting the rate of the reaction in terms of number of moles of B reacting per litre per sec, we get

dt dt  (10° 10° 10°
Thus according to the collision theory reaction rate (R)

3 E,
_d[B]: 10° ”O'Bcz 8RT( 1 N 1 [B][C] eAT.
dt N, T (Mg M.
[B] and [C] are the respective molar conc. of the reactants B and C. But the experimental rate equation of the

elementary bimolecular (subsequently 2™ order) reaction Rte (R) —% =Kk[B][C], wherek isthe

experimental rate constant of the reaction. Equating with the collision theory rate equation, we get

2
k:(N—éjﬂ(GBJrGCJ 8RTM 1 1 )%
10 2 z (M, M,

For the gas phase elementary bimolecular reaction, 2B — Product(s),

1
putting Mz =M, oy = o and multiplying by (Ej in order to avoid double counting, we get the rate

Ea
constant for the reaction k= (N—’;jiﬂ%z BRT o
10° )2 Mg

So expressions of the two rate constants (k) are given here: For the reaction B + C — Products,
2
=
rater:——d[B] and the rate constant k=(N—§jﬂ Os*0c | |8RT( 1 + ! eéT
dt 10 2 7 \Mg Mc

. 1( d[B]
and for the reaction 2B — Products, rate I' = E — T

1, [8RT By

27 B\ M,

10°

] and rate constant k = (&j
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or, k=2 N o’ uall eE%T
10°) ® \ M,

Exampleto show calculation of rate constant for areaction:
For the reaction 2HI(g) — Hz(g)+ I>(g) at 556 K and 1 atm pressure, the rate constant is calculated by

taking thevalues o, = 3.5A, Ea= 44 kcal mol™, My = 128gmmol™, we havetherate constant,

23 -1 7 Ay, -1 44keal mol ™t
(= o 8028107 mlol (35x10°cm) 3.14x8.31x10"erg mol KOXE5K J/re——
10°cm’lit 128 gmmol -

= 2x6.023x10™ x12.25x10*° x 3.37x10" x 6.54x 10 ** lit mol™* sec? = 3.25x107" lit mol™ sec™.
Experimental value of rate constant for the reaction at the above temperatureis K., = 3.5x 10" lit mol™* sec™.

The agreement is good considering the crude assumptions involved in the theory.
For many reactions, k. > K, . Sointhe 1920s, hard-sphere-collision theory is modified by adding a factor P to

the right sides of k_, expression. This factor is called steric factor or probability factor in accordance of the
postulate 3 of the theory. Thus the expression of the rate constant for the reaction, B + C — Product(s),

2 E,
k:px(N—g)ﬂ(wcj BRT(1,. 1) S
10 2 r M, M,

The agreement for theinclusion of P is that the colliding molecules must be properly oriented in their effective
collision at the point of impact to produce reaction. Thus the steric factor may be defined as the fraction of the
effective callisions in which the molecules have right orientation at the time of collision.

_ reactivecollisions  Keg
effectivecollisions k-
P lieswithin 0 to 1. For example, in the reaction CO + O, — CO; + O, we should expect the reaction to occur if

the carbon-end of CO hits the O, but not if oxygen end hits O i.e. when O hits the C-end of CO, reaction is
possible but nat if O hits the O-end of CO.

O=0—=C50=-0+0=0=00 butnotwhen OS¢ 0 =¢7 collizon occurs

The hard sphere callision theory provides no way to calculate P theoretically. Instead, P is found from the ratio
of kexp/kCal i.e. from theratio of experimental k and collision theory k. Thus for CO + O, — CO- + O,

P = 1/230=0.0043.1t means that 230 effective collisions produce one reactive collision which leads to
reaction. Thus P is afactor that brings the theory into agreement with experiment. The value of P ranges from 1
to 10°%, the smaller values are for reactionsinvolving larger molecules, as expected dueto lack of proper
alignment.

T-dependence of Arrhenius pre-exponential term (A):

Thatis,

Ea
The collision theory predicts that pre-exponential term (A) in Arrhenius equation k = Ae Vir is

Ea
temperature dependent. Therelationis k = A’\/'Fe G , where A= A'\/'I_'.
Thelinear plot of Ink vs. LT in Arrhenius equation is explained by the fact that %2 InT does not change much

1 E 1
with change of T in comparison to (E, /RT ) term. Thusin the equation Ink =1n A'+§InT —(Ea]?

dink _ E.+(Y2)RT |

% INT almost remains constant with change of temperature and the equation becomes pres RT
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Question: The elementary bimolecular gas phase reaction CO + O, — CO + O has activation energy
214.2 kJmoal at 2700 K. Estimate the rate constant for the reaction by applying the collision theory of

reaction rate at 2700 K. The molecular diameters of O, and CO are3.6x10 mand 3.7x10 ™ m
respectively. Also estimate the probability factor (steric) for the reaction if the observed rate constant

is 3.45x10° L mol™* s*. [Calcutta Univ. 2009]

N “IsRT( 1 1) & . . .
Answer: k :(_Aj”(aBHTCJ \/ (—+—)eAT . Now putting the data in the equation, we get

3
10 2 T \ (Mg c
_ 214.2k3mol
k, =314 6023~ 10233 ITlD| l (3'6 37 x107® ijz 8x8.31x10" x 2700K (i + ij cms * x e_ 831102 KJ mol K "1x2700K
10°cnr’L 2 314 28 32

3.45x10° L mol *s™
bs __

= 3.52x10" L mol'*s’. Thesteric factor, P = . =
k, 352x10°Lmol’s

=08.

Question: State the assumptions incorporated in the kinetic theory of collision. In thelight of the theory, arrive
at the expression of rate constant for a bimolecular reaction assuming frequency of collision,

Z,s =CNTN,N, (N, and N, arethe number of molecules of the reactant A and B per unit
volume of the reaction mixture).

& S N - _
Answer: Z g io=2Zpg X€ Vir and Z,g :C\/'FNANB. Let N, and Ny arethe number of molecules per

litre, then the number of molecules decomposing per litre
dN _E — — U5
- th = Zective = Lps X € v :C\/-FNANBXG a :
But therate of the reaction in terms of number of moles of A reacting per litre per sec

- AL N, = CVTTAIBIx (N, )2 7 or, ~ A _ c FAIBIN,, xe 77T

at

d[A
The experimental rate law of the reaction between A + B — Products, rate —% =k[A][B].

Ea
Comparing the two, we get the expression of rate constant of thereaction, k=N AVOC\/'F xe Vir
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Collision theory of elementary unimolecular gas phase reactions

Introduction: Unimolecular reactions are either |somerisation (viz cyclopropane to propene) or decompasition

(viz azomethane to ethane and nitrogen). In this type of reactions, only one molecule participates and el ementary

unimolecular reactions are kinetically 1% order reactions. It appears difficult to explain unimolecular reactions

by collision theory due to the following reasons:

Dilemma to explain:

(2) As per requirement in the collision theory, at least o bimolecular collision is required for activation and
subsequent decomposition and rearrangement of bonds in the reactant molecule. So the collisional activation
becomes bimolecular and hence 2™ order reaction. Thus how can a unimolecular or 1% order reactions be
explained by collision theory?

(2) Again 1% order or elementary unimolecular reactions such Isomerisation or dissociation in gas phase are
1% order at high pressure (1 atm or higher) and 2™ order at low pressure (at 10 to 100mm of Hg).

(3) Unimolecular reactions generally have large activation energy. This raises another interesting point ; how is
this large activation energy supplied?

Therefore, a scheme must have to be chalked out that can explain all the above salient features of the
unimolecular reactions.

Lindemann scheme for the reaction:

In 1922, Lindemann (Trans Faraday Soc.) proposed a scheme that explains the mechanism of the
unimolecular reactions. The Scheme consists of three steps for the reaction,
14— 1", wherek isthefirst order rate constant.

(a) Activation step: A molecule of A collides with another molecule A and one s activated to acquire enough

additional energy ( E, ) so that it can decompose or isomerize. KE of one molecule A istransferred to

another A molecule and the latter is activated.
A4 A—B 3 4"+ A,
where k; is rate constant of bimolecular activation step and A" is activated molecule.
Rate of activation step = k,[ A]®

(b) Deactivation step: There is sometime-lag between activation and of A and decomposition of A’. Within
this times-lag, the activated molecule may have chance to be de-activated by callision with other normal
molecule (A).

A+ A—" A+ A,

where Kk , is the rate constant of bimolecular deactivation step. The rate of deactivation step =K ,[ A][A] .
The above two steps are not eementary chemical steps (since no new compounds are formed in these steps) but
are dementary physical stepsin which only the energy is transferred. This type of energy-transfer iscommon in
many other processes.
(c) Decompasition step: The activated molecules that can survive the time-lag are decomposed to product (P).

A —lsp
where k; isthe rate constant in the decomposition step and the rate of decomposition= k[A].
P may be several species but it is supposed that they do not take part in activation or de-activation

collisions (it may be possiblethat P is solid). If it does so, the discussion will be substantially modified.
Thus the total scheme of Lindemann is given as:

]

A+ Ax - A+ and - ——rF
. N : : . d[A']
Applying steady-state approximation to the reactive species A", we have =0
2
or, K[A? -k, [A Al -k[A1=0or, [A]= _KlA” . Overall rate of thereaction, r = i} =k[A].
K,[A]+k, at
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Putting the [ A'], we get the overall rate of therate of thereaction, r=—22—"— ——ooeoeeeeeee Q)
K [Al+k
The expression does not seem to give the 1% order kinetics. However, till now we do not say anything about the
relative rates of the different processes involved in the reaction.
Two limiting cases for equation (1) can be considered.

(@ When K ,[A] >> K, i.e, therate of deactivation step is much greater than the rate of decomposition step,
KL[A][A] >> k[A']. This may happen when [A] islargeork ,>> k.

Therate equation (1) becomes r = (kli—sz[A] . the reaction follows 1% order kinetics (time-lag is high).
2
(b) When k, >>k ,[A], i.e. therate of decomposition step is much greater than the rate of deactivation step,

K[A]>>Kk,[A][A]. This may happen when [A] is very small or k >>k,.
The rate equation (1) becomes 1 = k,[ A]?, the reaction follows 2™ order kinetics (time-lag is small).
Depending on reaction and temperature, the transition from 1% to 2™ order generally starts at pressure between
10 to 100 mm of Hg.
Lindemann hypothesis has the advantage that it can be tested experimentally. Ramsperger in 1927
(Am. Chemical Soc.) verified by conducting the decomposition study of azomethane,
CH N =NCH,(g)——= O, H (g)+ N,(g)

1 ( d[A]j: kio[A

Therate equation (1) can berearranged as:

[AIL dt ) K [Al+k
1 A
Thusat low conc. of A, —[—Mj =k,[ Al and at high conc. of A, i(—M = Kk, = constant.
[A] dt [A] dt K,
Ramsperger used initial rate and measured the pressure of the azomethane gas
at theinitial point of the reaction. ] .
He plotted io(—ﬂj vs. PY, where (—ﬂ) istheinitial rate of the ='-'|-E A I.i."m“
PA o dt \ -"25 . +'lraneilinm
reaction. Thefollowing curve is obtained which can only be explained by _,,J A e
Lindemann mechanism. At low pressure of azomethane, the curveis straight 2
line passing through origin and at high pressure, LHS is constant. M e

However rigorous treatment of Lindemann mechanism shows some limitations.
For thereaction 4—— I, the experimental rate equation is r = k[ A] as the reaction is unimolecular

elementary reaction and so it follows 1% order kinetics. k is experimentally determined 1% order rate constant.
Equating this rate equation with that obtained from Lindemann scheme, we get

2
k[A]=—k1k2[A] or, o= fakl Al or, 1K (11 emsol pressure, 1:&+iio
K [Al+k, K [Al+k  k kK, Kk [A] k kk, Kk, Py

. : . . 1 1
Thus Lindemann expression predicts a linear plot of K VS. o For CILNGC »100N

A - TRENAR -
But the plot obtained for the isomerisation of CHsNC — CH3CN at 230 °C ] P
shows substantial non-linearity. Deviation is prominent at high pressure where <" at low P
the experimental value of Kk islower than predicted by Lindemann mechanism. jl -

This due to the oversimplification of the mechanism adopted. K, is assumed "ot high B
constant for the decompasition step. Thisimpliesthat al the activated

molecules ( A") are not decomposed so the decomposition step was modified
by Hinshelwood as follows.

LA ——

CHEMICAL KINETICS-DR N C DEY
45



A" — ¥ —— Prochicts | F)
The molecule Aacquires activation energy and the energy is dispersed over number of bonds
[non-specific excitation]. Thisis energized molecule ( A"). But when the excitation energy is concentrated to the

particular bond(s), it is called activated state of the molecule ( A™) [specific excitation].
Onereaction is cited as an example: conversion of cyclobutene to butadiene.

“H =vH “H—-1H . -4
| . | T S i

CEH.—LH: cr LU Al
B P4 R

1l

In A", the excitation energy is distributed among the four bonds but in A", the energy is concentrated
(by intra-molecular energy transfer) to CH, — CH> bond only and the energy exceeds the vibrational stability
level so the bond breaks. Thus energized (A") turnsinto activated state of the molecule (A”), thenit is
isomerised to the product (P) . This explains that experimental value of rate constant is less than the cal culated

value from Lindemann scheme.
Alter native Approach:
Lindemann scheme can be written also in another way for the unimolecular reaction A — 4P as

A+ M=——A"+Mand £'——F
where M is either A or any other inert species. When M = A, theformulation is same as given above.
_ ki [A[M]

Therate equation (1) of formation of Pisthen r .
k. IM]+k

(@ When k ,[M] >>k, , therate equation becomes r = (kli—kZ][A] and the reaction follows 1% order kinetics.
2

(b) When k;, >>k ,[M], therate equationis r = k,[A][M].If M = A, itis2™order butif M = A, it is pseudo

1% order reaction.

It is noted that when an inert gas (M) is present in the reaction vessel and is capable to activate the reactant

molecule (A), the reaction becomes always first order with respect to A both at high pressure and at low

pressure.

Question: Outline briefly Lindemann scheme for determining rate constant of a gas phase isomerisation

reaction A — B. Show that the expression obeys a first order kinetics at high pressure. What will happen at low

pressure? (4 + 1+ 2) [Burdwan Univ. 1996]

Answer: Shown above the alternate formulation of Lindemann scheme,

Question: The mechanism of isomerisation of cyclobutene (CB) to 1,3 butadiene (BD) is as follows:

CB+CB ——»CB* +CB; CB* +CB — " CB +CB; CB* —»BD.
2
(a) Show that the ratelaw is d[BD] = KK [CB] .
dt k ,[CB]+Kk,
kK, [CB]

k,[CB]+k,

Kapp reaches 50 % of its limiting value obtained at very high conc. [CB]. Evaluatetheratio K, /k_; .
[11 T-JAM, 2012]

(b) The apparent 1% order rate constant k,,, = . At the CB conc. of 1x10°mol dm3, the value of

Answer: 1% part: Seethetext as above.
2" part: The limiting value of kapp fOr the reaction occurs at high conc. of [CB] and k ,[CB] >>k, .

_kk

The limiting value of apparent 1% order rate constant, kapp =
1
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But at [CB] = 1x107° mol /dm™ | k, :%kkz—kl Putting in the expression of K., we get

pp app ’
-1

1iok __kKICBI (0 1 GBIl K _cmp-1x10° mol/dm®.
2k, Kk, CBl+k, 2k, Kk,[CB]+k, k.,

Question: Cite one example of unimolecular reaction. In the Lindemann mechanism, ‘apparent’ first order rate

k.k.c
constant K, = 2K . At low conc., thevalue of Kk, decreases.
k.c+k PP
-1 2
If, when the conc. is 10° mol L™ the value of Kapp r€aches 90 % of itslimiting value at c=oo,
what istheratio of K,/k ,? [Burdwan Univ. 2009, 2015]

Answer: 1% part: One example of the unimolecular reaction is decomposition of azomethane.
2" part: Seethe answer of Question, [T — JAM, 2012. Answer is 1.11x10°° mol /dm>..

I,.I—_ "+ Al —

: : . . |
Question: Species A undergoes a unimolecular reaction as
For this reaction, thefirst order rate constant at high pressureis Kk, .

)
Thefirst order rate constant becomes Kk, /2 when pressureof A E i e
is [Aly,. Thevalue of Kk, will be Sk :
g2
Lk, /[Al, 2KkI[A, 3k -[A, 4[A,/Kk,. B
[11T —JAM, 2014(11)] 8 o
Answer: Correct option (1). Hints: First order rate constant is & LA By ——
k= —RlAL ks k. when [A] ishigh so that k [A] >> k, and k, =K
kfl[A]+k2 k,l
_ 1 k, 11 . - K,
Therate equation is arranged as — = —* +——— Puitting the condition [A] = [A],, when k=2
k kk, Kk [A 2
we get A N1 or k=K, /[[Al,.

=t
koo Kn kl[A]]/Z
Question: For aunimolecular reaction 4 ——+ I therate R isgiven by therelation R = k [A].
[+ W=—"=d + W st A -
[ T

The mechanism of the reactionis

Show that k = W : [Calcutta Univ. 2010]
ki[A[M]

Answer: Hint: Following the mechanism, wehave R= K M4k, Comparing with the experimental rate
-1 + 2

o _ kik,[A[M] __kk,[M] __ kk
equation R = k[A] , we get k[A] = K [M]+K, or, k= or, k (k_l+k2)/[M] .

K [M]+k,
Question: Theisomerisation of cyclopropane follows the Lindemann mechanism. It is found that the rate
constant at high pressureis 1.5x10* sec™ and that at low pressureis 6x10 °torr *sec™.

Find the pressure of cyclopropane at which the reaction changes its order. [NET(CSIR-UGC), 2008]
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Answer: For the Lindemann scheme of unimolecular reaction, A k , therate of

. kk,P? . kK, 2
thereaction, R=—-*2— . At highpressure, R=—+=P = R=kP and at low pressure, R=Kk,P~.
—2 P + kl k—2
At thetransition from 1% order to 2™ order, the rates are equal so k,P> =k P or, P=k/K, .
Putting the value, we get P =1.5x10"* sec™'/6x10 °torr *sec™ = 25torr .
Question: “Unimolecular reactions are not always first order.” — Justify the statement using Lindemann

mechanism. [Calcutta Univ, 2013]
Answer: At high pressure, unimolecular reaction is 1% order but at low pressure it becomes 2™ pressure
Seethe Text as above.

Hinshelwood madification of Unimolecular mechanism:
For eementary unimolecular reaction A ——**, Hinshelwkood modified the steps as follows
A+ A—% A" + 4 (energization); A+ 4" —=— 4+ 4 (de-energization); _
A" " A" (activation by intramolecular energy transfer) and A” —Lap (decomposition).

Rate equation can be formulated from the above mechanism. % = R=K[A"] but [A"] = %,[A*] and

AR g K LA o m e K KIAE o AT
LA AT K kLA CLATK
A
LA+

step which isslow and so K] is smaller than k; of Lindemann decomposition step. This explains the smaller

value of 1% order arte constantk .
Problem: The effective rate constant (experimental rate constant) of a first order reaction following Lindemann
mechanism has the following values:

k=25x10"sec" when [A] =5x10%(M) and k =4.2x10°sec™* when [A] =9.8x107 (M).
Find the rate constant for the activation step (k, )and theratio of k_, /K, .

k, 1 1
Solution: According to Lindemann mechanism, we have —= . Putting the values in the equation,

k k1k2 k, [Al
1 k, 1 1 1 k, 1 1
R o 2 and Bl v 2 .
2.5%x10" sec kk, k,5x10°(M) 4.2x10 " sec kk, k,9.8x10°(M)
Subtracting the two equations, we get rate constant of activation step, k, = 6.04x10mol *Lsec™.
k, Kk, 1
_— =
42x10°%sect k= 9.8x10%(M)
Now inserting thevalue of k,, weget k,/k =4.18 (M).
Problem: The effective rate constant for afirst order reaction which has a Lindemann mechanism has the
values at 127 °C: 1.88x10*sec™ at P=1.25kPaand k =1.14x10° sec™ at P = 10.9 Pa. Find out
the rate constant for the activation step in the mechanism. [Answer: 1.104x10°Pa™*sec™]

Putting, [ A'] =

Thus first order rate constant, k = . But k] istherate constant of the intramolecular energy- transfer

L et the 2" equation on rearrangement is
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Transition State Theory (TST) or Theory of Absolute Reaction Rate

Limitation of Collision Theory
(1) Thecallision theory fails to explain and interpret the steric factor (P) in the rate equation

_Ea/
Rate=PZe "R,
(2) The callision theory is more or less satisfactory to explain the gas phase reactions. But it fails to explain
thereactions in the condensed phase.
This theory was proposed by Polanyi and Eyrinein 1935. TST can explain the unimolecular and bimolecular
reactions both in gas phase and condensed phase. This theory consists of the following postulates:
Postulates of TST
(1) Let thereaction isrepresented by B + C — Product(s). The reactant molecules which have an additional
energy ( E,) and come close to each other, will form activated

activared |

complex ( X”). The energy of the activated complex is sufficient Coanpd e "!'jf_‘;;;ﬁﬁ on
to reach the peak of the PE diagram. Activated complex is the region T state
near the potential maximum, and transition state corresponds to the : FE
maximum itself. [ / \

(2) The activated complex sometimes also approximately refers to the ?f
transition state ( X”) which is formed by some loose association or FE| B+C \L?
bonding of reactant molecules with necessary rearrangement of F

valence bonds and energy. The activated complex (super molecule)
is unstable and so has transient existence but it is treated formally
as a definite molecule with independent entity. It remains in equilibrium with the reactant molecules.
[X7]
[BI[C]
of the activated complex. Suffix ‘# (dagger) refers to the activated complex. So, [X”]=K_[B][C]

(3) When the reactant molecules B and C form activated complex X ™, some of the translational and rotational

degrees of freedom of B and C are converted into vibrational degrees of freedomin X™. The complex has
vibrational degree of freedom = 3(Ng + N¢) — 6, where Ng and Nc¢ are the number of atoms of the reactants
B and C molecules, respectively. Out of these vibrational degrees of freedom, one modeis of different
character from the rest. This mode corresponds to a very large vibrational amplitude which allows the
complex to dissociate into products. The frequency of this decomposition vibration is low and its energy is
given as

&ip = v, (from Plank’s quantum theory), and &, =kgT (fromthelaw of equipartition of energy).

Thus equating the two, we have hv, = kT and the decomposition frequency v, = kT /h.
For mulation of the theory
The activated complex is a transient species during the pass-over fromtheinitial stateto thefinal state
and unableto turn back. X” — Products (P).

Only those activated complex molecules that can acquire this frequency (v, ) will undergo decomposition.

Eenction Coordinore—

B+CI[] X” and the equilibrium constant is K, = where [ X”] isthe conc. (molecules/cc)

So therate of the reaction (R), %zn[x#] Jbut v, =k;T/h and [X"]=K,[B][C].

P K T
Inserting the two terms in the rate equation, we have the rate, % = (BT) K_[B][C].
. . . . d[P]
But the experimental rate equation for thereactionB + C — P is e k[B]C].
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Equating these two rate equations, we get expression of experimentally determined rate constant of the reaction,
k. T

k = B K C AL T 1

( : ] (&™) (2)

C, isthe standard conc. and m is the number of molecules participating in the el ementary reaction or order of

thereaction. Thisterm Col’m isused in the expression to give proper unit of K.

This expression is retained not only for two reactants but for any reaction at any conc. unit chosen.
To express kinterms of experimentally determinable quarntities, it is dealt with either from thermodynamics or
from partition function. We shall use here the thermodynamics for further treatment.

From van’t Hoff reaction isotherm, we have —RTInK, =AG? or, K, = g ACH/RT e_(AH:_TAS*)/ "

K, = SRR, )
where AGB = the standard Gibbs free energy of activation = standard Gibbs free energy of the activated
complex and the reactants. That is, AG? = G? —(Gg + Gg) . Similarly, AH? and AS’ are the standard
enthalpy of activation and standard entropy of activation, respectively.

k., T
Therefore the rate constant of thereactionis Kk = (BT e/ Rcol‘m) geR (3)

Now, using equation (1), standard enthalpy of activation AHS can be replaced by Arrhenius activation
energy E, which is experimentally determinable.

dlnk_1+dInK¢
ar T dar
E, 1 AU’ RT+AU’
P — 2
RT° T RT RT
Equating, we get E, = RT +AU?, where AU ? is the standard internal energy of activation of the reaction.

k:(i(E‘TTjK¢(colm) or, Ink=In(ks/h)+InT +In(c,"™)+InK, or,

Utilizing the Arrhenius equation and van’t Hoff reaction isochore, we get

But, AU? = AH? —An RT . Insarting this expression, it is possible to connect AH with E, .

Using above equations, weget E, = RT +AU? =RT +AH? —An RT or. AH? = E, +(Ang —1) E, - (4)
Now, replacing AHf , inthe expression of rate constant, we have K = (kBTT eA§ / Rcol—me—(Ang -1 j o Ea/RT
An, is the change in the number of moles of activated complex and the reactants. However, for condensed

phase reaction, Ang = 0. For 1% order gas phase reaction, Ang =0and —(Ang —1) =1: for 2" order reaction,

An,=—1and —(An,-1)=2. Let —(An, —1)=m, identified with the order of thereaction.
Thus, the rate constant of the reactionis given as

ks T _
k= (—E;] e Rcol"“e’“j Ca (5)
Equating with Arrhenius equation, k = Ae =/F" wehavethe expression of pre-exponential term
A= kBTT R M e (6)

Thisrelation is used to calculate ASf of the reaction from the value of A which is determined experimentally.
But, AS’ = S° —(sg + sg) and for bimolecular reaction, thesign of AS] is generally negative. All gas phase

reactions lead to the conversion of trandlational and rotational degrees of freedom of the reactants to vibrational
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degrees of freedom of TS. The widely spaced energy levels of the latter type of molecular motion implies a
smaller entropy and this gives a negative value of AS.

Only for unimolecular reaction, when the activated state is more disordered than the reactant (which is the usual
case), thesign of AS) is positive.

The steric factor (P) isrelated with theterm ehS/R , for more complex reaction, AS? is more negative and
steric factor (P) becomes more less than one.

Problem: The rate constant of reaction in transition state theory isgiven by k = (kB%j K..Usethetheory

tofind the expression of AG?, AH? and AS? of the reaction.

k;T (c) K., or, Ink=In(ky/h)+InT + In(c"™)+InK,

Solution: Wehave k =

0 0
or, dlnk:1+d|nK¢ or, Eaz—1+AU;:RT+A2U¢ o, AU’ =E,—RT.
dr T dT RT* T RT RT
Again, AH? =AU? +AnRT or, AH? =E_ +(An; -)RT. But Anj —1=-m,

where m = order of thereaction. Thus, AH? = E, —mRT .

,AG:/
Again, from van’t Hoff reaction isotherm, K, =e /R,
m _AG? A N
Thus, k:kBTT(CO)l me A‘r _ k?]T (Co)l me(AHi TA$)/RT

AS _Eq
o, k= [kBTT e'ame A j e hr . Comparing with Arrhenius equation, we get

S
A:kBTTemCé‘meA A o, AS = R{In(%}—m}

0

Now, AG; =AH? -TAS?, Inserting the expression, wehave AG? = E, — RT In(%j .
B

Problem: For a bimolecular decomposition of HI, the rate constant is 2.8x 107" mol ™ lit sec™ at 556 K.
The activation energy is 44,300 cal mol™. Calculate the entropy of activation. [Calcutta Univ. 1987]

Solution: AS] = 22.48 cal mol™ K™,

Problem: Therate constant of a second order gas phase reaction Hz + 1, — 2HI is 0.0234 lit mol™ sec™ at
400 °C, and activation energy id 150 kJ mol ™. Calculate AH?, AG? and AS’ for the reaction.

Solution: AH? =138.8kJmol?, AG? =190.3kIJmol* and AS’=-76.5JK™* mol™.

Problem: For thereaction A+B[l X, - P, E;=20.0 kamol™ at 300 K. The enthalpy change for the

formation of the activated complex from the reactantsin kJ mol* is
@12 (b)15 (c) 23 (d) 25 [GATE, 2004]

Solution: The correct option is (b). Hints: AH? = E, +(Ang —1) E,, here An, =-1,%0 AH?=E, -2RT
or, AH? =20 kI mol™ — 2x 8.31x 10° kI mol*x 300 K = 20.0 — 4.986 = 15 kJmol .
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Question: The activation energy and entropy of a bimolecular gas phase reaction at 600 K are 200 kJ mol™ and
—200 JK™* mol™, respectively. The free energy of activation is
(1) 70kIJmol™*  (2) 80kJmol™* (3)310kJmol™* (4) 320 kJmol™* [AdmtoM Sc, BHU 2011]

Answer: The correct option is (3). Hints: AG? = AH? -TAS? =E, —-mRT -TAS!
=200 kImol™ —2 x 8.31 x 10® kI mol K™ x 600 K — 600 K x (—200x 10° kJ mol™ K*) = 310 kamol ™.

Question: The activation energy of a gas phase association between F, and IFs afirst order reaction, is
58.6 kJmol™. The activation enthalpy at 340K is
(1) 53kJmol™ (2) 55.8kIJmol™* (3) 58.6 kJmol™ (4) 61.4kIJmol™ [AdmtoM Sc, BHU 2011]

Answer: The correct option is (1). Hints: AH? = E, —mRT = 58.6 kJmol " —2x8.31x10*kJmol K™
=53kIJmol™.
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Effect of lonic Strength on lonic Reactions — Primary Kinetic Salt Effect

Introduction:

Dueto dectrostatic interactions, kinetics of reaction between ions substantially deviates from those
observed in reactions between no-electrolytes. The rate constant of ionic reactions depends upon the charge of
the reacting ions and also on the ionic strength (i ) of the solution. It also depends on the dielectric constant (D)
of the solution.

The effect of ionic strength on rate constant is called the primary kinetic salt effect.
For mulation of the effect:

Bronsted (1922) and later Bjerrum made a satisfactory treatment on the eff ect using the concept of
transition state theory. Let us consider the ionic reaction in solution

]rj!-l _{..- i"‘- & __||Lr-' +o _|“_._} !-_. ,
where zg and zc are the valences of the reacting species and zg + z¢ is the valence of the activated complex.
The equilibrium constant of the rapid equilibrium process is given as

a X ]f
K o= B _ [X.1fx, or, [X.]= K¢[B][C]xﬁ
agxa. [B]fyx[C] f. fy
. . d[P] fgx o
The rate equation for the formation of the product, o v, [X.]= (v¢ K. )[ B][C]x2—=
X

d[P] x fo
or —g = lBIIC] f

€, where k, = (v, K, ) istherate constant of theionic reaction when f —1.
X

[X.] and f, arethemolar conc. and molar scale activity coefficient of the activated complex. v, isthe
KT

decomposition frequency with which the activated complex breaks into the product (P). v, = and

k,=v, K, = ( Col ASY/R j gFa/RT
The activity coefficient of anionis related with ionic strength (i) of the solution by Debye-Huckel limiting law,

log f; = —AZJZ\/I_ , Where A = Debye-Huckel constant o« ——— and 25 °C in agueous solution, A = 0.51.

(DT)*
But, for this elementary bimolecular reaction (which is 2™ order reaction also), the experimental rate equation is

diP]
a -~ BIC],

where K is experimentally determined rate constant of the reaction. Equating with the formulated rate equation,

we get k= kolc><f

X#
Taking logarithm, we have logk =logk, +log f; +log f. —log f, . Now using Debye-Huckel limiting law,
logk =logk, — AZ\i = AZ2 i + Azg + 2. )\l = Iogko+A[(z 12 -2 -2 Ni- AT+ AT
or, logk = logk, + 2Az, z.+/i (1)
This is Bronsted- Bjerrum eguation relating the effect of ionic strength (i ) on therate constant (k) of ionic
reaction. At 25 °C in aqueous solution, A = 0.51 and the equation is logk, +1.02 szcx/i_ :
This equation shows that k =k, when i — O i.e. at the zero ionic strength of the solution
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If the products have different charges than the reactants, the ionic strength is change significantly during the
reaction, K will also change as the reaction proceeds. To avoid this, alarge amount of inert salt is often added to
keep i essentially fixed during the reaction.

The equation (1) is written as Iog(%o) =2Az, ZC'\/i_ = Iog(%o) =1.02z, zC«/i_ (at 25 °C in agueous

solution). Theionic strength is calculated from Lewis-Randall relation, i = %ZCJ zj2 :
Three possibilities may arise depending on the charge of the reacting ions.
(A) When z, and Z.arethesamesign, Z; Z. = (+ve) and rate constant (k)
increases with the increase of ionic strength (i) of the solution.
Examples: (1) [Co(NH,).Br]”+Hg", z,z. =4
(S0, 2 +21 " —>1,+230,7?, 2,2, =2 . [Calcutta Univ. 2013

(B) When z, and z. areof oppositesign, z;zZ. = (-ve) and
the rate constant ( k ) decreases with the increase of ionic strength (i ) of the solution.
Examples: (111) [Co(NH,). Br]”?+O0OH™, z,z. =-2 [Calcutta Univ. 2014]

(IV) NH,"+CNO™ —-CO(NH,),, z3z. =-1

(C) When one of the reactants is uncharged, z,z. = 0 and the rate constant (k) remains unchanged with the
change of ionic strength (i) of the solution.

Example: (V) C,,H,,0,, +OH g z;7. =0. ;fj LI
[‘ (e i ...-_‘__.-"'

Nature of ionic reactions: L

lonic reactions are very fast but the reactions where I * ] 0 il v
bond-breaking and bond-making processes are involved, o P e N S
its rateis moderate. The well-known example is the ’ S
isomerisation of NH4 CNO to urea. the reaction rate is {—va) e
measured by titrating the cyanate with AgNOs solution 0t
or by measuring the conductance of the reaction mixture.
Itis 2™ order reaction. N7

Stability of activated complex in ionic solution:

For the ions of like sign, the increasing ionic strength
(by addition of inert ions) increases the rate constant. This can be understood in terms of the formation of a
single, highly charged activated complex from two ions of like charges. The process is favoured by high ionic
strength because of the favourableinteraction of the new ion with its denser ionic atmosphere.

Some other examples of ionic reactions:
(1) 2CH,BrCOO™ +S,0,” — 2CH,(S,0,)COO +Br~, z, zZ.=2

(2) [Cr(NH,CONH,),]*®+6H,0 —[Cr(H,0),]*+6NH,CONH,, z,7. =0
(3) CH,ICOOH +CNS™ —> 2CH,(CNS)COOH +1°, 7,7, =0.
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Example of the effect: Primary kinetic salt effect is large, even at modest ionic strength. For z,z. = +2,
the values of %0 ati=10°,102,10" are1.15, 1.51 and 2.7, respectively.

Problem: Therate constant of areaction A"+ B — Product, is measured at 0.001 ionic strength and at 0.01
ionic strength at 25 °C in water. What is the expected ratio of the rate constants?

Solution: Hints: Iog%: 2x(+1)(—2)><0.51(\/0.001—\/0.0l):0.1395 or, kko(;001 ~1379

.01 .01

Question: Therate constant for areaction A" + B™ — P ismeasured in two different agueous solution of

ionic strengths 0.01 M and 0.04 M. If Iog@ = 0.3, thecharge n on Bisclosest to
.01
@1 ®2 (©3 (d6 [NET(CSIR - UGC), 2014 (11]
Answer: The correct option is (c).

IOQ@:2X +1)(+n)x0.51(+/0.04 —40.01) or, 0.3=1.01xn(0.2-0.1) or,n~3.
Ko

.01
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CATALYSIS

Introduction:

We observed that there are many reactions which, while having large equilibrium constant, proceed at
extremely low rate. So to take advantage of these reactions, especially for industrial processes, it is important to
find ways to increase their rate. A suitable catalyst can help to increase their rates.

Definition:

A catalyst is a substance that accelerates the rate of a chemical reaction without itself being consumed.
It provides an alternative route of lower activation energy and so the rate of the reaction in increased.
The substance remains unchanged both in mass and composition at the end of the reaction. This effect is called
catalysis.

An example of the catalyzed reaction is the decomposition of KCIOs by the catalyst MnOs-.
SE

OKCIOx(s) ~ Her T 2KCI(S) + 30x(g).
The product O, gas gets out of phase and so the reaction tends to complete (large value of equilibrium constant).
Another examplein agueous solution is

2CeH + TI* ——— 2Ce™® + TI*?
In absence of catalyst Mn*?, the reaction requires three-body collisions and hence rate is slow. But the catalyst
changes the path of the reaction in which it requires two-body collisions and the rate becomes high.
Ce™+Mn? — Ce®+Mn* ; Ce™+Mn® — Ce®+Mn™ ; TI"+Mn* — TI"®+ Mn*

The net reactionis 2Ce™ + TI* ———— 2Ce™ + TI*S,
This shows that catalyst provides an alternative path of the reaction that leads to easy formation of the product.
Some reactions slow down the rate of chemical reaction and are often called negative catalyst. But

such behaviour does not suit the function of the catalyst asit would provide an alternative path of higher
activation energy. Inthat case, the reaction would follow the unanalyzed path of lower activation energy. Asfor
example, H>SO4 acts ainhibitor in the decomposition of H-O.. Inhibitors may destroy a catalyst present in the
system or may react with reaction intermediate in the chain reaction.
Characteristics of Catalysts:

(2) the catalyst remains unchanged in mass and composition at the end of the reaction. However, the
physical state such as particle size or colour of the catalyst may change.
For example, course grains of MnO- used in the decomposition of KCIO3; becomes finely divided powder after
thereaction.
This suggests that the catalyst participates during the course of the reaction.

(2) A very minute quantity of a catalyst can produce large effect on the reaction rate.
For example, 1.7x 10* gm Pt in colloidal state can produce 1.8 cc of O gas per minute from the decomposition
of H20.. The catalyst remains equally effective even after the production of 10 litre of O..
This suggests that the catalyst though participates in the reaction; it is regenerated at the end of the reaction.

(3) A catalyst can not start areaction but only increases the speed of a spontaneous reaction.

The criteria of spontaneity of a chemical reactionis givenby AG; , < 0. Sincethe catalyst is reproduced at the

end and it provides an alternative route of the reaction without changing the composition at equilibrium, it does
not contributeto the AG; , value of the reaction. But G is astate function and so AG; , of the reaction remains

same as it does not depend on the path of a process.
This argument explains that a catalyst can not initiate a reaction, it only can change thereaction rate which is
already occurring in its absence.

(4) The catalyst can not affect the final state of equilibrium.

This can be explained from the van’t Hoff reaction isotherm, AG?’P =—-RT InK. Since catalyst does not

contribute any free energy to the system, hence AG?’P remains same asiit is in absence of the catalyst. ThusK, ,

the equilibrium constant of the reaction remains unaffected.

However, if we consider it morerigorously, then in homogeneous catalysed reactions (reactants and catalyst are

in same phase), a catalyst can change the equilibrium compasition slightly. The activity equilibrium constant of
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areaction, K, =T1(& ); , Where @ = X 7; . The catalyst remains in the same phase as the reactants and

products so it will change the activity coefficients ( ;). Since K is atrue equilibrium constant so the

equilibrium mole fraction ( X ) of the reacting components are changed. However, the catalyst is added to a very

small amount so the equilibrium composition is also very small.
(5) A catalyst not only accel erates the forward process, but also it accelerates the backward process to the
same extent.

Wehave Ko, =K, /K, , where k; and Kk, arethe rate constants of the forward and backward processes
respectively of areaction. If the catalyst increases the rate of the forward process, K isincreased. Thus, in

order to keep K, constant, k, is also increased to the same extent. So the catalyst enhances the rates of both the

forward and backward processes and it helps to attain the equilibrium much more quickly.
For example, H ™ which accelerates the hydrolysis of ester is also an accelerator for the esterification of the
CHCO0H + CHOH ————CHCO0CH, + H.0

organic acids.
This suggests that the catalyst not only Iowers the activation energy of the forward process but aso it lowers the
activation energy of the backward process to the same extent.

(6) The action of a catalyst is specific.
A catalyst can catalyse only a specific reaction and cannot be used for many reactions. For example, MnO; can
catalyse the decomposition of KCIOz but not KNOs or KCIO.. Highly specific action of a catalyst can be
compared to the specific use of a key which can open a particular lock and not every lock (Emil Fisher).

This specific action of the catalyst helps to eliminate undesirable side

products when several products are possiblefor same reactants. A catalyst i X

can lower the activation energy of a specific path. Thusit is possible to select / ,

and direct the course of then reaction in a specific path. This specificity and A Ca v

selectivity property of acatalyst isvery much useful to change the direction {reactani) .. Cz

of thereaction. \H
Thecatalyst C; reduces theactivation energy of the path A — X and 4 F

does not affect theformation of productsandY and Z. Similar cases also
happen in other two paths.
Examples:

Hr . . Wl P wEL ST 1

CH_+ HuW .
M1 I | LT . .
L TH T e L LHLEAL B CHa = CH; + Hach

(7) Thereis optimum temperature at which the efficiency of a catalyst is notably high.
For example, at 770 K temperature, the act1v1ty of catalyst Fe in the Haber’s process:

N2(g) + 3H2(g) = 2NH3(g) ismaximum.
Thisis because at this temperature, N2 is chemisorbed on the surface of Fe powder and N is dissociated into N-
atoms by the heat of adsorption (dissociative adsorption) and thereby it favours the formation of NHs.
In case of enzyme catalyst, the efficiency increases exponentially with temperature and when sufficient
temperatureis raised, the efficiency falls down due to coagulation of the enzyme from the colloidal state. The
optimum temperature of the catalyst is between 25 °C and 45 °C.
(8) Some substances, known as promoters, can activate the efficiency of a catalyst. The act as catalyst

for the catalyst. In the Haber’s process, Na(g) + 3Hy(g)  ‘# i+ duikd i 2NH3(g),
Al,Osacts as barrier that prevents the tiny particles of Fe from joining together (sintering). Since formation of
large crystals decreases the surface area of the catalyst, Fe and thereby catalytic activity is also diminished.

(9) Some substances can destroy the activity of the catalyst and these are called ‘catalyst poison’.
ol i

For example in the contact process,  2SO0x(g) + Ox(g)  Aresaalis peuson * 2S05(g).

CHEMICAL KINETICS-DR N CDEY

57



A small amount of As destroys the efficiency of the catalyst Pt by forming Pt-arsenide. These substances adsorb
on thereactive site of the catalyst and form strong bond, and thus block for the reaction. These poisons may be
present along with the reactants as impurities or formed as by-product from the reaction. They include
compounds of S, N, P, As etc having lone pair of dectrons and also certain metals like Pb, Hg, etc. Pb is catalyst
poison and so lead-free gasolineis used in the car.

L owering of activation energy by the catalyst

Activation energy ( E, ) of areaction (both catalysed and uncatalysed) can be experimentally determined

by Arrhenius plot of the Ink vs. % inthe equation Ink =1n A—[E—é‘)% orby E, = RTz(dlnkj.

dT
dape = — { - R} Different catalysts lower the activation energy of the same reaction to different
@ extent. Some examples are given for the reaction of decomposition of H»0;
T 2H,0, —> 2H,0 + O,
Ink .y Activation energies: 17.0 kcal/mol when uncatalysed
13.6 kcal/mol when catalysed by I°

(1 }rr} 12.0 kcal/mol when catalysed by colloidal Pt particles
10.0 kcal/mol when catalysed by Fe™
2.0 kcal/mol when catalysed by enzyme liver catalase.
A decrease from 17.0 to 2.0 kcal/mol in E, increases the rate constant by 10™ times at room temperature

assuming the factor Ais not significantly changed.

Keat _ Ag Feat/FT _ ol Bt —Eeat)/RT _ e(17.0—2.0)/(2><10’3><300)
kuncaI Ae’ Euncat /RT

=7.2x10"° ~10".

Question: A hydrogenation reaction is carried out at 500 K. If the samereaction is carried out in presence of a
catalyst at the same rate, the temperature required is 400 K. Calculate the activation energy of the
reaction if the catalyst lowers the activation energy barrier by 20 kJmol ™. [IIT — JAM Sample]

_Bincat _Eea
Answer: R, =k _[S]=Ae "7R0[S] a500K and R, —k_[S]= Ae TR[S] at 400 K.

,an[/ ,Eumat/
But thesetwo rates aredame, so Ae  “R40[S] = Ae /RSO G]
(E e —20k3 mol 1% _E,. B 4
or, h00= "0 O i =100K3 mol .

Type of catalysed reactions
Catalysed reactions can be classified as:
(A) Homogeneous catalysed reactions. The catalyst remains in the same phase as the reacting substances.
(1) Gas phase homogeneous catalysed reaction:

(a) Chamber process of manufacturing H2SO. ; 2S04(g) + O2(Q) _—"-riﬂ--? 2S04(0).

(b) Decomposition of acetaldehyde by I, vapour; CHsCHO(g) ————————* CHa(g) + CO(g).
(2) Liquid phase homogeneous catalysed reactions:

(@) Inversion of cane sugar (sucrose) by H" ; Ci2 Hz O11 + HO H4>C6H1206 + CeH120e.

(b) Hydrolysis of ester by H" ; CH3;COOC,Hs + Hon—>CchOOOH + C;HsOH.
(B) Heter ogeneous catalysed reactions: The catalyst is present in different phases from the reactants.
(1) Mostly solid catalyst is used with reactants in the gas phase.

Contact process of manufacturing H2SO4 ; 2S04(g) + O2(g) - S 2S04(Q).

(2) Also solid catalyst is used with reactants in the liquid phase :

I ey I:;'l
Decomposition of H2O- by Pt powder; H>O»(aq) — H2O(l) + Ox(g).
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(C) Micro heterogeneous catalysed reactions:

Enzyme catalysts are used in colloidal state having dimensions 10° to 10* A and kinetic behaviour is
similar to that of heterogeneous catalysed reactions. So this is sometimes called heterogeneous catalysed
reactions.

I e A rp oA ol

For example:  H:05(aq) ———— H,0(I) + O(g).
Theory of homogeneous catalysis

It is now a known fact that for a chemical reaction to occur, it is essential that the reacting substances
must possess addition minimum energy, called activation energy.
Function and criteria of catalyst:

According to the theory of homogeneous catalysis, the function of a catalyst is to provide an alternative
path in which the activation energy is lowered. Lesser activation energy permits larger amount of reactants to
react in agiven time.

For example, the uncatalysed decomposition of ethyl ether is found to be a unimolecular reaction with activation
energy 53 kcal/mole. Wheniodine vapour is used as catalyst, the reaction becomes bimolecular with activation

L d[ether
energy 35 kcal/mole. Therateequationisgivenas:  — [ ] =k[ether][I,].
Catalyst islike atunnel in chemical reaction:
That theactivation energy in catalysed reaction ( E.) is

less than that in uncatalysed reaction ( E,.) can be obtained from I T T _,-‘“r ] _F“ tabysed
; LU (] g

the Arrhenius plot for the reaction in absence of the catalyst and in [ E‘"‘ L I-’_ rewch on

presence of the catalyst. PE T 1 Catalysed

This function of the catalyst can be compared to that of atunnel in E“‘"’ b eactlon

crossing mountain. Inorder to crossa mountain at its full height, Es T TNy

there requires more energy. But catalyst provides an alternative "L Ep

route tothe reaction similar tothe tunnel at some lower height.
This requires less energy to cross the mountain.
Postulates of the theory:
The postulates of the theory of homogeneous catalysis are given bel ow:
(i) The catalyst (C) first combines with the substrate ( S) to intermediate ( X ). This postulate complies with
the fact that catalyst participates in the reaction and does not react with any substrate (sel ectivity)

4+

Feactl o oo dlanale——=

where Kk, and k , aretherate constants of the forward bimolecular and backward unimolecular reaction.

(ii) Theintermediate compound ( X ) then breaks down to the product ( P ) and the catalyst (C) in unimolecular
reactions. In bimolecular reactions, theintermediate ( X ) reacts with another substrate (S) to form

product (P ) and catalyst (C)
This step also supports the fact that the catalyst is regenerated back at the end of the reaction.
X—a P+ or, X +5—4 s Py

(iii) The catalyst (C) is regenerated in the last step and may further undergo steps (I and (ii) to form more and
more products. Thusthe turn over number of the catalyst is very high.

Formulation of therate law:

Therate of formation of the product, % =K [ X] . Using the steady-state approximation for the reactive
intermediate X , we have d[X] =K,[S][C]-k [ X]-k[X]=0 or, [X]:m.
dt K, +k
Inserting in the rate expression, we get dLP] I<1k2[S][C] kak [S][C] or, d[P] =Kk [S][C],
dt k,+k K,+k
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where K. isthe catalytic coefficient of the catalyst. It is characteristic constant of the catalyst for the reaction.

Thus, it is seen that the catalysed reaction becomes bimolecular though the uncatalysed reaction is
unimolecular (S — P). Again the rate equation shows that the rate of the catalysed reaction depends on the conc.
of the catalyst although it is neither produced nor consumed in the reaction. This has been confirmed by
experiments.

Examples. Oxidation of SO, catalysed by NO is 2SO04(g) + Ox(g) ———» 2S04(g).
The reaction follows the above mechanismas O + 2NO — 2NO- ; 2SO, + 2NO; — 2S03 + 2NO
The net reactionis 2SO0, + O, — 2S03. The existence of the intermediate, NO is experimentally confirmed.

Success of the theory: This mechanism explains the following criteria of the catalyst.
(1) Catalyst participates in the reaction (criterial) (2) Catalyst is regenerated at the end (criteria 2)
(3) It shows that it provides an alternative path of lower activation energy (4) It shows the selective
nature of the catalyst as C does not form intermediate with any substrate (criteria 5).
(5) This explains that the rate of catalysed reaction depends on the conc. of catalyst.

Failure of the theory:
(1) Thistheory fails to explain the heterogeneous catalysis. (2) This also fails to explain the action f
catalyst poison and catalyst promoters.

Question: In a homogeneous catalysed reaction, 1.9 (M) substrate and 1.0 w(M) of a catalyst yields 1.0 m(M)
of aproduct in 10 sec. The turn-over frequency (TOF) of the reaction (sec™) is
(A)10° (B)10>* (C)10° (D)10° [T —JAM Sample]
Answer: The correct option is (B).
[Pr oduct] 9 1 10 m(M)x 1 _1.O><10’3(M)>< 1 102 s

=10"“sec.

Hintss TOF = — = = 3 =
[Catalyst] time 1.0x4(M) 10sec 1.0x10°(M) 10sec

Question: The pseudo first order rate constant for the cobalt-catalysed auto-oxidation of toluene in acetic acid
at 87 °C at different conc. of Co(lll) are
[Co(TI)}/M — 0.053 0.084 0.118 0.172

k/10° st — 1.47 2.93 5.68 11.58
for [toluene]o = 0.5 M. The order with respect to [Co(lI1)] is
12 (2 15 31 (405 [NET(CSIR - UGC), 2015 (1)]

Answer: The correct option is (2). Hints: The pseudo first order rate constant, k = k.[C]", where n isthe
order with respect to the catalyst Co(II1) and K. isthe catalytic constant. Putting the first and second
set data in the above equation, we get

293x10°s* (0.084
147x10°st ( 0.053

n
j . Solving the equation, n=1.5.

Question: Sucroseis hydrolyzed to glucose and fructose in presence of H™ as catalyst. At any initial conc. of
sucrose, the half lives at pH = 5 and pH = 4 are 500 min and 50 min respectively. Find out the values
of the exponents ‘a’ and ‘b’ in the rate law expression

—d[sucrose]/dt = k[sucrose]*[H*]° [Calcutta Univ. 2013]
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Acid — Base Catalysis [An example of homogeneous catalysis]

Acids and bases are very popular in their activity to catalyse the variety types of chemical reactions.
Some of the examples are given below in brief:

(1) Specific H" ion catalysed reactions:
Oswald found that inversion of cane sugar is catalysed by acids to different extent depending on the
strength of the acids. Later, it is explained that this is due to the fact that these reactions are catalysed by

H " ions only and different acids produce different [H*] in solution depending on their strength. Thisis called
specific H ion catalysis.
Ci2H201 + H:O — > CeH10s + CsH1205. Therate of thereaction = Kk . [H'][S].

(2) SpecificOH ™ ion catalysed reactions:
Thesereactions are catalysed by OH™ only. One example of this typeis the formation of diacetone
alcohol from acetone by NaOH.

2CH:COCH; ——* CH:COCH,C(OH)(CHz). ; therate of thereaction = k_, [OH][S]>

(3) Specific H ion and OH ~ion catalysed reactions:
This type of reactionsis catalysed both by H"ionand OH ~ions. One exampleisthe hydrolysis of ester.
CHsCOOC,Hs + H,O 4) CH3COOH + C,HsOH and
CH3COOC,Hs + H,O 4) CH3;COOH + CoHs0H.
Therate of thereactionis= k. [H'] [S] + k_,,- [OH][S] + k ,[H0][S].
(4) Generalized acid catalysed reactions:

Thesereactions are catalysed by H*, HA and the cations of weak bases. One exampleis the iodination of
acetone catalysed by chloroacetic acid.

CH3COC;5 —> CHyC(OH) = CH —2—> CHsCOCHGl:
rate of thereaction = k. [H'] [§] +Kk,,,[HA][S] + k;, [Hz0][S].
(5) Generalized base catalysed reactions:
Thesereactions are catalysed by OH", BOH and anions of weak acids. One example is the decompaosition
of nitramide by OH", Ac and H20.
NH>NO> + OH — NHNO> + H,0 and NHNO, — N,O + OH and
therate = kOH, [OHT][S] +kAC, [AC][S] + kHZO[Hzo][S].
NH>NO> Ac — NHNO> + HAc and NHNO; — N>O + OH and HAc + OH  — H,O + AC

(6) Generalized acid —base catalysed reactions:

All acids and bases like H*, OH", HA, BOH, anions of weak acids and cations of weak bases have
catalysed effect on the reaction. One exampleis the mutarotation of glucose.

G_H—"— [H-G-H]' ——=H-G
Therate= K, [OH][S] + k. [H'] [S] + k,._[AC][S] +ky,. [HAC][S] + Ky o [H0][S].
The catalytic constants determined experimentally have values,
k. =6x10° k. =14x10", k, . =2.7x107, ky,, = 2x10° and k,, , = 6x10°°.
Question: Therate constant of areaction catalysed by HsO" and OH" ions, and also occurring spontaneously is
k=k, +k,.[HOT+k  [OH], where k; =rateconstant for the uncatalysed reaction.

What should be the plot of log,, K vs. pH for

(i) sufficiently acid solution (ii) sufficiently basic solution (iii) solutions when thereis no catalysisin
ather the acid or the basic region, and (iv) the uncatalysed reaction. [Burdwan Univ 1992]
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Answer: (i) In sufficiently acidic solution, [HzO"] >>[OH, we can neglect both k, andk_, [OH"] in
— pH
(ii) In sufficiently alkaline solution, k=k_, [OH"] or, log,, k=log, K, +log,,[OH"]

comparisonto k,.[H O] . Therate constant k =k ,.[H,O"] or, log,, k =log, k...
or, log,, k=1log,, k - +l0g,, K, + pH .

(iii) Theregion of the acid and bases where the reaction is not catalysed will be around the neutral
regioni.e, around pH = 7.0 and the rate constant, log,, k =log,, k,

(iv) for the uncatalysed reaction, k = ko and log,, k =10g,, K, .

log, & —=

Fig i b Flg.(ldy Fiz (iv)

Question: Decomposition of a compound A is catalysed by OH ~ions. If the rate constant is 1.35x10 lit mol™
sec! at 30 °C in aqueous solution, calculate the half life of A inasolution of pH = 10.
[Burdwan Univ. 1996]

Answer: Rate= k_ . [OH][A] andtherate constant k , =1.35x10"lit mol sec™. But thereaction is
conducted at pH = 10 so pOH = 14 — 10 = 4.and [OH] = 10 (M).
Therate constant k =k_, [OH™]=1.35x107 x10™* lit mol* sec™ x mol lit* = 1.35x10 °sec™
Thereaction is 1% order asrate constant isindependent of time, so the half life of A is,
t,, = 0.693/k = 0.693/(1.35x10° sec*) =5.13x10 " sec.

Question: Hydrolysis of ester is simultaneously catalysed by both H™ and OH ~ions. Thereaction is first order

12
with respect to each species. Show that the rate is minimum when [H*]:(ko—H.KW] :
H+
[Calcutta Univ, 2011, Burdwan Univ. 1997]
Answer: Rate of thereaction, R= k[E]. But raIe=(kH+[H+]+kOH,[OH‘])[E] , Wwhere [E] is conc. of ester
k. xK
and k=K. [H']+k_, [OH] = kH*[H+]+O|EH—+]W' Differentiating with respect to [H*],
dk k. xK k. xK k .
X X _
— =k, ——2— ok, ——2—==0o0r, [H*]=( oH .KWJ .
d[H"] [H'] [H'] K,.
When therateis minimum, k is also minimum at the [H*] and the condiition this is (dk/d[H +]) =0.

Question: Find the appropriate pH in the above problem at which the minimum rate is observed at room
temperature, if kOH,/kW =100. [Burdwan Univ. 2010 ]

we get

12
k_
Answer: Wehave [H"] :{kO—H.KW] =(100><1O‘14)]/2 or,[H7=10° (M) or, pH =—log10° =6.

H*
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Question: A reactionis catalysed by acetic acid, acetate ion and proton. The rate constant of the reaction at
25 °C in two solutions — one containing 0.2 mol acetic acid and 0.2 mol acetate ion and the other

containing 0.2 mol and 0.1 mol acetateion are 4.4x10°sec™ and 2.4x107° sec respectively.
Find the catalytic coefficient of acetic acid and acetateion. (Assume HsO" conc. to be low enough to
be ignored) [Vidyasagar Univ. 1995]

Answer; k =Kk, [HAC]+K, [Ac’]. Putting data, ki, = 2x107°mol *sec™, k,  =2x10?mol ‘sec™.

ENZYME CATALYSIS

I ntroduction:

Enzymes are copolymers of amino acids with specific amino acid sequences. These are produced in
living plants and animals, and are responsible for catalyzing infinite number of chemical changes occurring in
living cells. These are not prepared in the laboratory. When the enzymes are extracted from the cells, they retain
their catalytic activity and function in the same manner as vitro.

Enzymes dispersein water forming colloidal state having dimensions of the colloidal range (10 to
10 cm or 1 to 10° nm). Enzyme catalysts are widely used in colloidal state. Their kinetic behaviour is similar to
that of heterogeneous catalysis.

(i) These catalysts provide functional groups (eg. - CONH —, — CO — N =, etc.) at the reactive centres that form
association with the substrate molecules and thereby catalyse a reaction. Thisis why the enzyme catalysis
(enzymolysis) is often referred to as micro-heterogeneous catalysis.

(i) These catalysts are also affected by promoters and poisons. Some biological poisons act by binding to the
reactive centre of an enzyme , thereby blocking (inhibiting) the action of the enzyme. For example, cyanide
is a poison for enzyme ‘cytochrome oxidase’

(iii) Activity of enzyme catalyst is effective at moderate values of pH.

(iv) The activity also increases exponentially with rise in temperature but when the temperature is sufficiently

raised, these catalysts lose the activity. At high temperature, it is coagulated. The activity is found to be
maximum with temperature range 35 °C to 45 °C. Above 55 °C, it becomes totally inactive.
These enzyme catalysts are highly specific in nature. For example, the enzyme urease can catalyse
the hydrolysis of urea but it has no effect on the hydrolysis of substituted urea (e.g. methyl urea).

NHOONH, + H O ——ey NH, + 01,
Various other enzymes catalyse reactions leading to the transformation of starch to alcohol.
. (Gl | — ey O HL O, »2C H 0, —== 4, H.OH +4C(),
! Starch Maltose Glucose

Type of enzymes:

Many enzymes catalyse only the conversion of a particular reactant to a particular product and the
reversereaction(e.g. urease). Some other enzymes catalyse only a certain class of reactants (e.g. ester
hydrolysis). Some enzymes require particular metal ion as co-enzyme to operate and these can act only in
presence of this non-protein coenzymes. For example, adenosine di or tri phosphate, etc. For enzymethee is
only one co-enzyme.

Naming of the enzymes:

Enzymes are usually named by adding the suffix — aseto aword indicating (i) nature of the substrate
(e.g. urease, maltase, amylase, etc.) or (ii) the type of reactions involved (diastase, anhydrase, dehydrogenase,
ec.). A few enzymes retain old names which relate to neither of the abovetwo rules (e.g. pepsin, trypsin, €c.).

Kinetics of enzymolysis:

The mechanism of the enzyme catalysed reaction was first proposed by L. Michadlisand M. L. Menten
in 1913 and so is known as Michaelis — Menten mechanism.
According to them, the enzyme (E) first combines with substrate and form a complex intermediate, ES (enzyme-
bound substrate). The bound substrate (ES) may decay into product (P) with first order rate constant (k1) or may
revert to give the substrate back with rate constant (k.1).
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The overall reactionis
S—EP
with rate constant k which is determined by experiment.
Michaelis— Menten scheme is
F+Se———FS5—_ s P+F E+§—q EY —F+E

|
This is done catalytic cycle performed by the reactive centre of the enzyme.
The enzyme-bound substrate (ES) is short lived and so reactive intermediate. It maintains steady value of conc.
during the reaction. Thus steady-state approximation can be applied to the conc. of ES.

d[ES] _K[EI[S] _  [EIS] _LEI[S]
=K,[E][S]-k ,[ES]-K[ES]=0 or, [ES]= k. +k = (k,l+k1)/k2 o, [ES]= <., ,

where (k_, +k;)/k, = K, , called Michaelis constant for the reaction. Ku valueis different for different

enzyme-catalysed reaction. It may given a significance as K,, [[Eé[s?] @

Kw may called dissociation constant of enzyme —bound substrate for thereaction, £ = £ +3

The higher value of Ky signifies the higher dissociation of the enzyme-bound substrate to the substrate and
enzyme instead of breaking into product (P). Thus higher value of Ky of the enzymolysis hampers the rate of
thereaction.

For this reaction scheme, the enzyme exists either as free enzyme (E) or as part of enzyme-substrate complex
(ES). Because enzyme is catalyst and is not consumed by the process, so sum of these two conc. is constant and
equal to thetotal conc. of enzyme taken initially, [E]o but thisis not so in case of substrate as it is consumed
during the process. Thus, [E] + [ES] = E[o, a constant through out the reaction. Since only alittle enzymeis
added, thetotal conc. of the substrate is approximately equal to the conc. of unbound substrate

i.e [S] +[ES] ~[S]. Typical values are[E] = 10° M and [S] = 10° M to moderate the speed of enzymolysis.
These reactions are very fast and to maintain steady-state condition of [ES], [S]/[E] is kept very large about 10,
Since [E] varies during the reaction, it is generally replaced by [E]o — [ES]. So using the expression of steady
conc. of [ES], we have

([El, —[ES])[S] [El[S]
ES] = or, [ES|xK,, =([E],—-[EF])[S] or, [ES] = —>"—.
(B8] === - [ES]xK,, =((Elp~[ES])[S]or. [ES]= =05
The overall rate of the reaction according to Michaelis — Menten mechanism when one substrate undergoes

enzymolysis, Rate (R) —k1[ ES] or, R= E[ME]:’[[:]] .......................... )

This rate equation shows that
() For afixed conc. of substrate [S]o, the rate of formation of product is proportional to theinitial conc. of
enzyme taken, [E]o.

(if) For agiven [E]o, at low [S], [S] << Kw therate, R=(k, /K, )[E],[S] and thereactionis 1% order with
respect to substrate, S. This (k,/K,, ) =k
Higher the value of K , greater is the efficiency of the enzyme for the reaction.

(iii) For agiven [E]o, at high[S], [S] >> Kuw , therate, R=Kk[E],. Thereaction is zero order with respect to

the substrate. This is the maximum rate (Rmax) Of the enzymolysis for a given initial conc. of enzyme.
These characteristic features of enzymolysis are experimentally verified thus Michaelis mechanism is
universally accepted.

called catalytic coefficient of the enzymolysis.

cat *
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Initial rate of enzymolysis:
The mechanismis actually givenas &£ +& = £5 = '+ £ But during the initial period, [P] is small so
therate of thereaction '+ I — £N is alS? very small hence it can be neglected. The reaction thus follows as
E+8S——=FES—4 P+ E

given by Michaelis and Menten

Theinitial rate R%is not therateat t = 0, there isashort mductlon period after which the steady-state condition
is attained. However, the induction period is generally too short to detect. Usually the reaction is followed only
to a few % completion and initial rate (R°) is determined.

Deter mination of constants of the rate equation:
K[Eo[Sl,

The rate equation as formulated by Michaelis and Menten at the starting timeis R° = K_+[S]
M + 0

- (3),

where R®is the initial rate of the reaction when the substrate conc. is [S]o.
When theinitial rate (R°) is plotted against [S]o, it is a straight line when [S]o is low and when { S} is high R°
attains a limiting value at given initial conc. of enzyme. Thisis the maximum rate of thereaction and it is

0
R . =k[E],. Putting this expression of R’_ in the equation (3), therateis R° = % -------------- (4)
M 0

For each initial conc. of S, initial rateis determined and the curve is shown given below:
At very high value of [S]o, therateis maximumand R’ = k[E],. ¥

Thus from the value of R’ from the curve and known [E]o,
7
it is possible to determine K, . This kK, is called turn-over number b o

. ' s
of the enzyme. It is the number of substrate molecules that are oy / 215 arder
converted into product by one molecule of enzymein unit time. 2 f’FT&der regi o
It is also defined as the maximum number of moles of product A4 apt = R-:-‘g&{u
produced in unit time by one mole of enzyme. ' = s [F],
Turn Over Number (TON) = R°_ /[ E], , provided one enzyme L5 =Ly

mol ecul e contains one reactive centre only.

Turn-over number of an enzymes ranges from 107 to 10° molecules per sec with 10° sec™ being typical.

For example, one molecule of enzyme carbonic anhydrase will dehydrate 6x10° molecules of H:COs per sec.
Thisreaction, Ho.COs —>H20 + CO,, isimportant in the excretion of CO. from capillaries of lungs.

For comparison of efficiency of enzyme, the turn-over number of heterogeneous catalyst is 1 sec™.

Michaelis constant (Kw) can be evaluated from the value of [S]o when therate (R%) is half of its R, .

(0] (0]
Thisisshownas R° :M, but when Rozﬁ,wehave R“ax R“”[S]O and [S], =K,,
Ky +[S], 2 2 +[S],

Question: The condition for which the reaction rate of an enzymolysis that follows Michaelis-M enten kinetics,
is half its maximum value, is
D[SI<<Ku @[SI=Km (@)[S]=Km2 (4)[S]>>Knm [BHU Adm. Test, 2011]
Answer: The correct option is (2).

Question: Therate constant k;, k ;and k, for the enzyme catalysed reaction Sl b et
are 0.1, 0.01 and 0.05 sec respectively. The Michaelis constant for the reaction is
(1) 0.6 (216 (3) 0.0066 (4) 2.25 [BHU Adm. Test, 2013]

Answer: The correct option is (1).
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Lineweaver - Burk Plot:
However, for many enzyme-catalysed reactions, it is not possible to obtain data close enough to the

plateau region to determine R’ . In this case, alternative method is used to determine R’ and Ky . Therate

equation (4) isrearranged in such away so that a straight line can be obtained by suitable choice of variables.
Thisisdoneas

1 K S 1 K, 1 1
2Kl e L ®). .
R RISl R RLI[S, R
1 1 o . Ky 1 L
Theplot of — vs. —— givesastraight lineand its lope=—"*-, — ,
R 1Sk . AT\ o stope = Ky (R,
1 ._-' .
and intercept = ——. Thus RY,, =————— and K, :_Sli y T imercept =178
R int er cept int ercept l.-‘ﬂ-' .
while [E]o is kept fixed in the reaction for which the plot is drawn. o 115, '
Effect of pH on the activity of the enzyme catalyst: Luew eaver-Buik plot

The catalytic activity of an enzyme generally passes though maximum

at a certain pH. This can be explained by assuming that there are three. 21—

forms of enzyme remaining in equilibrium with each other. B, =8 =&
Among the three forms, only EH can combine with substrate (S) and yield 5

EHS that can form product (P). The other intermediates EH»S and ES do not '

form product. Since the conc. of EH passes through at a particular pH, the EHS —+ EH +F

activity of the enzyme becomes maximum also.

Catalytic Efficiency of an Enzyme:

The catalytic efficiency (&) isdefined as £ =k /K,, . Higher the value of &, the more efficient isthe enzyme.
The catalytic efficiency asthe effective rate constant, also called catalytic rate constant (kml) when the conc. of
K[EL[S]
Ky +[S]
maximum when k; ishighandK,, islow. Inthat case, enzymeis said to attain catalytic perfection.

Sislow. Thisisshownas: R= , but at low [S], R:[KLJ[E]O[S] = Kt [EL[S] . ke attains

M

For example, the enzyme catalase has K., =4x10° L mol™ s,

The structure of active centre is specific to the reaction that it catalyses. For example, the active centre of the
catalase has d-metal ions for binding of the substrate and for mediating the e ectron transfer reactions that lead
to decomposition of H,O,. Thus, an enzyme is biological molecule which has evolved to a specific job with
great efficiency.

Problem: In an enzymolysis, theintercept and slope of 1/R° vs. 1/[S]o are given below:
Intercept =8x10* mol* dm® min and slope = 94.88 min. Find R°_, and Michaelis constant (Kw) of

the enzyme reaction. [Solution: R%. = 1.25x10™° mol dm™ min? and Ky = 1.19x10™° mol dmd).

Question: The slope and intercept of the plot /R vs. 1/[S]o are 3.5x10%sand 5x10*mol™ L s respectively,
where R® and [Sq] aretheinitial rate and initial substrate conc. of an enzyme catalysed reaction
obeying Michadis-Menten kinetics. Estimate the Ky and the turn-over number when the initial

enzyme conc. [E]o = 2.5x10™° mol L™ [Calcutta Univ. 2008]
Answer: K = slope/ intercept =3.5x10°s/5x10*mol "L s=7.0x10mol L.

R° . = lintercept = ]/(5><104moI’L s) =2x10"°mol L*s™. Bur R®_ =ki [E]o
or, k =(2x10°mol L's™) /(25x10°mol L*)=8.0x10°s™.
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Question: For an enzyme catalysed reaction, a Lineweaver —Burk plot give the following data:
slope =40 s, intercept = 4 (mmol dm?s%)2. If theinitial conc. of enzymeis 2.5x10° mol dm,

what is the catalytic efficiency (in dm™ mol s) of the reaction?
[NET(CSIR — UGC) 2011(1)]

(1) 10°  (2) 10° (3100  (4) 10
Answer: R’ =1/ intercept = K [E]o or, k =1/ (intercept x [E]o) and Km = slope/ intercept. Thus,
Kancey =Ko/ Ky = interce:tx[E]o /infl:g:pt - Slopelx[E]o
1 =10""mol *dm’s™. So the correct option is (3).

T 405x2.5%10 °mol dm’®

Question: In the Michaelis-Menten mechanism for enzyme kinetics, the expression obtained as

4
V_ _q4x102 10V

[EL[S] [E],
Lsec ') and k,, (Michaelis constant, mol L) respectively are

Thevalues of k,(k,,mol™
(1) (L4x10%,10") (2) (1.4x10°,10") (3) (14x10°,10*) (4) (1.4x10%,10).
[NET(CSIR — UGC) 2010]

Answer: Therate equation is v:klé[if[[;] or, V(K,, +[S])=K[E][S] or, vxK,, =K[E][S]-VS].

Dividing by Km [E]o [S], we get = K - 1 ( v j.ComparingWith equation given,
[ELIS] Ky Ky \[El
VK, =10*s0, Ky =10%and k /K,, = k_, = 1.4x10%, The correct option is (4).

Question: Plot RY[S]o against R® and find the value of R°, and Kw .[ See aboveform).

RO 0 0
R . Theplot gives Slope = ﬁ andinterceptzi.
Ku Ku

(0] (0] (0]
Answer: R = K[El, R or, R =
[Sl, Ku Ky [Sly Ky M
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Enzyme I nhibition:

The ability of enzyme to catalyse a reaction can be hindered by inhibitor molecules. One of the mechanism
is that the inhibitor molecule competes with the substrate molecule for binding to the active site of enzyme.
This inhibition reaction can beincluded and Michadis-Menten mechanism of enzyme reaction is modified.

E+Se=E5— s Po B E+ I =—F]

Inthelast equation, | istheinhibitor molecule and El is the enzyme-inhibitor complex. We consider this

reaction isin rapid equilibrium so equilibrium constant, K :% or, [El]l=KI[E][I].

Using the steady-state approximation to [ES], we get [ES] = [EI[S] . Km is Michaelis constant = M
So, [ = (8] +(£8] + (81 = 6] + LEL ] -[E1(1+ L5 +K[|]]
or, E=[Elo/| 1+, [S] Lok | o[BS [EL[S] R )
Ky (1+[S]/Ky +K[1]) Ky, +[S]+ K, K[I]

Therate of thereactionis ——= aPl_ =k[ES] or, R= K[E[S] = [Eo[S] :

dt Ky +[SI+KyK[IT (K, +K[IT)+[S]
Let Ky, =K,, +K[I], then rate equation in the enzymeinhibition reactionis R= ké['Elo[[:]] . -- (6)
This shows that when [I] — O, rate equation becomes R:@;[[g]] same as deduced in absence of inhibitor.
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