CHEMICAL KINETICS

@)

Chemical kinetics is the branch of physical chemistry that deals with the study of rate of reactions and the
factors goveming rate of reaction.

Important applications of kinetic studies are given below :

1. In determination of rates of reactions and factors goveming ratcs.
2. In predicting the conditions for maintaining the reaction rate

3. In determination of yicld of reaction in certain time period.

4. In calculating the time required for completion of a reaction.

S. In deciding the mechanism of a reaction.

TYPES OF REACTIONS

On the basis of reaction rates, the chemical reactions have been classified into the following three groups:-
Very fast or instantaneous reactions : These reactions occur at a very fast rate. Generally these
reactions involve ionic species and known as ionic reactions.
These reactions take about 107'* seconds for completion.
Examples: (i) AgNO, + NaCl - AgCl + NaNO,  (Precipitation rcaction)

(PPL)

(W) HC1+ NaOH — NaCl + H,0 (Ncutralization reaction)
(acid)  (basc) (sah) -

Moderate reaction : These type of reactions proceed with a measurable rates at normal temperature.

In this a large number of bonds have to be broken in reactants molecules and a large number of new

bonds have to be formed in product molecules. Mostly these reactions are molecular in nature.

Examples :

(i) Decomposition of H,0, : 2H,0, - 2H,0+ 0,

(i1) Decomposition ofN O 2N, 0 — 2N 0o, +O

(iii) Hydrolysis of ester : CH COOC }{ + NaOH — CH,COON: + C,H,OH

(iv) Reaction of NO with chlowinc : NO +Cl,-»NOCl,

(v) Inversion of cane sugar in aqueous solution : C,,H,,0,, +H,0 - CH,,0,+C,+H,,0,
Glucose Fruciose

(vi) 2FeCly(aq.) + SnCl, — 2FeCl,(aq.) + SnCl (aq.)
(vii)) NO, + CO - NO + CO,
(vii1) Decolourisation of acidified potassium permanganate with sodium oxalate.

Very slow reactions : These reactions are extremely slow and take months together to show any
mecasurable change. The rate of such type of reactions are very slow. So, it is also very difficult to
determine the rate of these reactions.
R : f Fe,0,+xH,0 »F H,0

i) Rusting of iron : Fe,O, + — Fe,0,x
( ) ¢ 2 H',ninhlj lcmc oxide (Rust)
(ii) Reaction between H, and O, to form H,O at ordinary temperature in absence of catalyst.
(iii) Reaction of atmospheric H,S on basic lead acetate paint.
White basic lead acetate paint m)":s Blackening of paint very slowly

(due w0 formation of Pbs)



Note : The chemical reactions can be slowed down or speed up by changing conditions under which

they occur. e.g. CO + 2H, —===_, CH,OH (very slow reaction)

crp
The reaction can be speeded up by maintaining temperature around 400°C, pressure about 300 atm and
using a catalyst containing ZnO and Cr,0,.

RATE OF REACTION

The change in concentration of either reactant or product per unit time.
dc

Formula:r= i

dc is change in concentration of reactant or product in a small time interval dt.
Example: N, + 3H, - 2NH,

(i) Rate of formation of ammonia =+ _H?-d[':l ]

(ii) Rate of disappearance of nitrogen = _%
(iiii) Rate of disappearance of hydrogen = _ﬂ:z_'
Rate of reaction=+ % dt::"]-._ dl;:?]-_ % %z_]

2.1 AVERAGE RATE AND INSTANTANEOUS RATE OF REACTION

A difficulty arises in stating the ratc of rcaction as above. This is because according to the Law of
Mass Action, the rate of reaction depends upon the molar concentrations of reactants which
keep on decreasing with the time (while those of the products keep on increasing) . Therefore, the
rate of reaction does not remain constant throughout.

Thus the rate of reaction as defined above is the ‘average rate of reaction’ during the time interval
chosen.

To know the rate of reaction at any instant of time during the course of a reaction, we introduce
the term “instantancous rate of reaction’ which may be defined as follows :

The rate of reaction at any instant of time is the rate of change of concentration (i.c. change of
concentration per unit time) of any one of the reactants or products at that particular instant of
time.

To express the instantaneous rate of reaction, as small interval of time (dt) is chosen at that particular
instant of time during which the rate of reaction is supposed to be almost constant. Suppose the
small change in concentration is dx in the small interval of time dt. Then the rate of reaction at that

dx
instant is given by T
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Measurement of the Rate of Reaction

In order to measure the rate of a reaction, the progress of the reaction is followed by studying the
concentration of one of the reactants or products at different intervals of time. The most common
practice to do so is 1o withdraw small amount of the reaction mixture (2 cm® or 5 cm®) at different
intervals of time, cool it down immediatcly to nearly 0° C to arrest the reaction (called freezing the
reaction) and then find out the concentration of the reactant or the product by suitable method
usually by titration against a suitable reagent. However, this method is not preferred when some
observable property like volume, pressure, optical rotation etc. changes with time and can be
obscrved directly at different intervals of time without stopping the reaction. It is important to
mention that except concentration, all other factors (like temperature etc.) which affect the rate of
the reaction are kept constant during the kinctic study of the reaction.
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If concentration of onc of the reactants is studicd at different intervals of time and these values are
plotted against the corresponding times, a graph of the type shown in figure may be obtained.

Calculation of instantaneous rate of reaction
To know the rate of the reaction at any time t, a tangent is drawn to the curve at the point
corresponding to that time figurc and it is cxtendced on cither side so as to cut the axcs, say at

the points Aand B. Then

Rate of reaction = _ imhf —
Time
p— _A_x.. —_ _()_A.. Sl r h
“ A& - OB ope of the tangent

Thus the slope of the tangent gives the rate of reaction.

For cxample, from the (figure) in the present case, at time t = 10 minutes, Ax =0.04 mole and
At =20 minutes = 20 x 60= 1200 seconds, therefore, rate of reaction at the end of

10 minutes will be 0.04/1200=3.33 x 10*mol L's"'".



2.4  Calculation of the average rate of reaction :
To calculate the average rate of reaction between any two instants of time say t, and t,, the
corresponding concentrations X, and x, are noted from the graph. Then

xz-xl

Average rate of reaction = ot
b Tt

For example, from the (figure) between the time interval 5 to 15 minutes,
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If concentration of one of the products is plotted against time, the type of curve obtained and the
rate of reaction at any instant of time are calculated as shown in the figure.
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Hllustration

1. Decomposition of N,O, is expresscd by the equation,
N,O, — 2NO, + %20,
If in a certain time interval, rate of decomposition of N,O, is 1.8x 10" mol litre' min™', what will be
the rates of formation of NO, and O, during the same interval ?
Sol. The rate expression for the decomposition of N,O, is

_AINO) _ 1 AINO;) | AIO,]
At 2 M At

NO N,O
So A[NO;] =2A[_L.11=2x|_8,¢10-1
At At
= 3.6 x 10 ?> mol litre ' min'

0o 1 A[N,O 1
M2]=_M=_xl.sx|01
At 2 At 2

= 0.9 x10 * mol litre ' min*

and

N,O
[Magnitude of rate is always positive and hence = é-['—jl—z']' is taken positive.

2. A gaseous reaction : 2A(g) + B(g) - 2C(g).
Show a decrease in pressure from 120 mm to 100 mm in 10 minutes. The rate of appearance of C is
(A)2 mm/min (B)4 mm/min (C) 1I0mm/min (D) 12mm/min.



Ans.
Sol.

3.

(B)

Suppose 2p is the pressurc of C after 10 min.

Fall in pressure of A=2p ; Fall in pressure of B=p
Total fall in pressure = (2p + p) - 2p=p=20 mm
Pressurc of C=2p =40 mm

Rate of appearance of C =40/10 =4 mm/min

For the reaction : 4NH,(g) + 50,(g) - 4NO(g) + 6H,0(g)

Given: "T‘"O' =3.6x10"mol /s

Calculate : (i) rate of disappcarance of ammonia (ii) rate of formation of watcr
From the egn. it is clear that

—_ 1 diNH,] _ 1 dINO] _ 1 dH,0) i 1 dINH,] _ 1 dNO;]
Rate =-7 —a 4 d 6 a Thus: - 2—q

diNH,] _ dNO,] _ -3 = 1 dNO) _ 1
-Ta - a =36x10 moll's Abo 2 % S

dINO) _ dM;0)

Exercise

Ans.

In a reaction the concentration of a reactant (A) changes from 0.200 mol litre™ 10 0.150 mol litre™! in 10

minutes. What is the average rate of reaction during this interval?
0.005 mol litre ' min™!

E & °4%

Factors Affecting the Rate of Reaction

Concentration : According to law of mass action greater is the conc. of the reactants, the more rapidly

the reaction proceeds.

Pressure (Gaseous reaction) : On increasing the pressure, volume decreases and conc. increasces and

hence the rate increases.

Temperature : It is generally observed that rise in temperature increases the reaction rate. It has been

found that rate is either doubled or tripled for every 10°C rise in temperature.



(v)
v)

(v

31

32

Nature of the reactants : The rate depends upon specific bonds involved and hence on the nature of
reactants.

Surface area of the reactants : In heterogencous reactions, more powered is the form of reactants,
more is the rate. [as more active centres are provided)

Catalyst : Affects the ratc immenscly.
LAW OF MASS ACTION, RATE LAW AND RATE CONSTANT

Law of mass action : (Guldberg and Wage 1864) This law relates rate of reaction with active massor
molar concentration of reactants. According to this law, "Ata given tempcerature, the rate of'a reaction at
a particular instant is proportional to the product of the reactants at that instant raised to powers which
are numerically equal to the numbers of their respective molecules in the stoschiometric equation describ-
ing the reactions.”

Active mass = Molar concentration of the substance

Number of gram molcof thc substance W/M n

Volumein litres v \"J

Where W = mass of the substance, M is the molecular mass in grams, 'n’ is the number of g moles and
V is volume in litre.
Consider the following general reaction, m,A, + m,A, + m,A; — Products

Rate of reaction [A, M [A, ™ [A,]”

Rate law : The actual relationship between the concentration of reacting species and the reaction rate is
determined experimentally and is given by the expression called rate law.

For any hypothetical reaction, aA +bB — cC+dD

Rate law expression maybe, rate =k[A]" [B]"

Where m and n are constant numbers or the powers of the concentrations of the reactants A and B
respectively on which the rate of reaction depends.

(i) Rate of chemical reaction is directly proportional to the concentration of the reactants.

(ii) The rate law represents the experimentally observed rate of reaction, which depends upon the slow-
est step of the reaction.

(i11) Rate law cannot be deduced from the relationship for a given equation. It can be found by experi-
mentonly.

Rate constant : Consider a simple reaction, A— B. If C,, is the molar concentration or active mass of

dx dx
A ata particular instant, then, E «C,or E =kC,: Wherck is a proportionality constant, called

velocity constant or rate constant or specific rate of a reaction.

dx
At a fixed temperature, if C, = |, then Rate = ok



34

s

"Rate of a reaction at unit concentration of reactants is called rate constant.”
(i) The value of rate constant depends on, Nature of reactant, Temperature and Catalyst
(It is independent on concentration of the reactants)

litre
mol

mol
litre

-l -a
(ii) Unit of rate constant : [—] xsec” or= [-'—-:I x sec |

Where n = order of reaction

Difference between Rate law and Law of mass action

Rate law

Law of mass action

Itis an experimentally observed law.

It depends on the concentration terms on
which the rate of reaction actually depends
Examplc for the rcaction, aA + bB — Product
Rate=k [A]" [B]

Itisatheoretical law.

It is based upon the stoichiometry of

the equation

Examplc for the reaction, aA + bB— Products
Rate =k [A]"[B]"

Difference between Rate of reaction and Rate constant

Rate of reaction

Rate constant

It is the speed with which reactants are
converted into products.

Itis measurcd as the rate of decrease of
the concentration of reactants or the rate
of increase of concentration of products

It depends upon the initial concentration of
the reactants.

It is proportionality constant.

Itis cqual to rate of reaction when the
concentration of each of the reactants is unity.

Itis indcpendent of the initial concentration of
the reactants. It has a constant value at fixed

temperature.

ORDER OF REACTION

The order of a reaction may be defined as the sum of the powers to which conc. terms must be raised in

an experimentally determined rate equation :

For the reaction : aA + bB - product

Experimental rate equation : r=k [A]" [B]"

order with respect toA=m

order with respecttoB=n
Totalorder=m+n

m and n may or may not be equaltoaandb.

Note : Order may be zero, fractional, integer or negative.




Example:

Reaction Experimental rate equation order

H, +Cl, - 2HCl r=k zero

H, + Br, - 2HBr r=k [H,) [Br,)"* one and half
H, + 1, - 2HI r=k[H,][L] two
Examples of fractional order reaction

Reaction: CO(g)+ Cl.z,(g) - COCII(g)
v=k [CO] [Cl,] ? order=2.5
Reaction: COCl(g)—» C0(3)+ Clz(g)
V= k [COCI-.] = 1.5

lllustration

The dimensions of rate constant of a second order reaction involves :

(A) time and concentration (B) neither time nor concentration

(C)time only (D) concentration only
Ans. (A)

Rate _molL™'S™" _ s’ -1

2. The rate constant of a reaction has same units as the rate of reaction. The reaction is of

(A) zero order (B) first order (C) second order (D) nonc of these
Ans. (A)
Sol.  Fora zero order reaction, r= k[A]". Thus the units of k are the same as that of rate of reaction.
3. On whichof the following factors, the rate constant does not depend ?

(A) Temperature (B) Concentration (C) Presence of catalyst (D) Nature of reactants
Ans. (A)
Sol.  Rate constant is independent of the conc. of the reactants.
Exercise

The rate constant of n™ order has units

(A) litre' "mol' sec”’ (B) mol' "litre' "sec  (C) moi** litre” sec”’ (D)mol' litre™ 'sec”’
Ans. (D)
3. MOLECULARITY

The number of reacting species (atoms, ions or molecules) taking part in an elementary reaction, which
must collide simultancously in order to bring about a chemical reaction is called molecularity of a reaction.
The reaction can be unimolecular when one reacting species is invol ved, forexample, decomposition of



NH,NO, —» N, + 2H,0

Bimolecular reactions involve collision between two species, for example, dissociation of hydrogen
o
2HI — H, +1,
Trnmolecular reactions involve simultancous collision between three reacting species, for example,
2NO + 0,— 2NO,

Molecularity of a reaction is :

0)
W)

(@)

(b)

©)

5.1

Always a whole number (not zero) and never a fraction.

The probability that more than three molecules can collide and react simultancously is very small. Henee,
the molecularity greater than three is not observed.

Thus, from the above discussion we can conclude the following:

Order of a reaction is an experimentally determined quantity. It can be zero and even a fraction but
molecularity cannot be zero or a non integer.

Order is defined to clementary as well as complex reactions whereas molecularity is defined only for
clementary reactions. For complex reaction molecularity has nomeaning.

For an clementary reaction order and molecularity are same.

Example

N,O,-+2NO, ... umimolecular

H,+L-2HT ... bimolccular

2FeCly + SnCly— 2FeCl, +SaCl, ...... trimolecular

Note : If the reaction takes place in two or more steps then the overall molecularity of the reaction is
monitored by the slow or rate detcrmining step.

Difference Between Molecularity and Order of Reaction

Molecularity Order of Reaction

1. Molecularity can neither be zero nor fractional Order of a reaction can be zero, fractional

orinteger
2. Itis independent of pressure and temperature It depends upon pressure and temperature
3. Itis assigned for cach step of mechanism Itis assigned for overall reaction as well as
separately each step of reaction.
4. Itis the number of molecules of reactants Itis sum of power raised to the concentration

concentration terms taking part in ¢lementary step | of the rate expression.
of a reaction.
5. Molecularity of reaction cannot be negative Order of a reaction may have negative value.




6. INTEGRATED RATE LAWS FOR DIFFERENT ORDER OF REACTIONS

dx
DifYerential rate law (rate = o K.[Conc.]") expressed the dependance of rate of reaction on con-

centration of reactants. Upon integrating the differential rate law, we get integrated rate law expression
which is a concentration-time equation from which we can calculate concentration at any time (1) or the
time required for an initial concentration to reach any particular value. The integrated rate law expression
for different reactions have been discussed below :

6.1  Zero order reaction : Reaction whose rate is not affected by concentration or in which the concentra-
tion of reactant do not change with time are said to be of zero order reaction.
Calculation of Rate Constant : Let us take the reaction

A —> Product
conc.at t=0 a 0
dx dx
= =k[A], s dx =kdt

or.rdx=]:kdt

conc. of Aat, timet=0is [A],=a (say)

Integrated rate cquation, k =? ; The rate of reaction is independent of the concentration of the reacting
substance.

2. a
22" %
period is directly proportional to the initial concentration of the reactants.

Half life period of zero order reaction: Whent =t ,:x = ort,, o a; The halflife

Unit of Rate constant : = <. Unit of rate of reaction = Unit of rate constant.

lit.sec.’
Characteristics of zero order reactions:
) Concentration of reactant decreases linearly with time.
(@) Unit of k is mol 7! time™".

(m) ﬁmrequﬁedfordwlﬂﬂ'ﬁmplclionofmcﬁmis%
[AL
® 4=y

(v)  Zeroorder reaction must be a complex reaction

()  Graph related with zero order reactions.




Examples :
() Hy@+Cl(g) ™ ,2HCI(g) @ N,0(g) “—&_;c* N,(g)+ % 0,(2)
G) 2NHy() — > N,+3H, () Enzymecatalysedreaction

Substrate(S) —=22™<!E} | product (P).

Illustration

The rate constant for a zero order reaction is 2 x 10-2 mol L-'sec™!, if the concentration of the reactant
afier 25 sec is 0.25 M, calculate the initial concentration.

Ans. 0.75M

Sol. 2x10%x25= |Ao—0.25]
0.5=A°- 0.25 . Ay =0.75

Exercise

A certain substance A is mixed with an equimolar quantity of substance B. At the end of an hour A is 75%
reacted. Caleulate the time when A is 10% unrcacted. (Given: order of reaction is zero)

Ans. 12hr

6.2 First order reactions

For the reaction : A —— Products

Rate of reaction x [A].
For the reaction : 2 A— Products

Ratc of reaction o« [A] only.
For the reaction : A + B—— Products

Rate of reaction x [A] or [B] only.
Let us consider the simplest case viz.
A —> Products
Suppose we start with “a’ moles per litre of the reactant A. Afier time t, suppose x moles per litre
of it, have decomposed. Therefore, the concentration of A after time t = (a - x) moles per litre.
Then according to Law of Mass Action.
Ratc of rcaction x (a-x)

i.c., %W(a-x) or %ﬂi(a—x) veeea (1)

where k is called the rate constant or the specific reaction rate for the reaction of the first order.
The expression for the rate constant k may be derived as follows :
Equation (1) may be rewritten in the form

dx
—, =kdt ee(2)




Integrating equation (2), we get I% = I kdt

or 2 ..(3)
t a-—-Xx
or k=230 2 er(d)
t a—x

Equation (4) is sometimes written in another form which is obtained as follows :

If theinitia concentrationis[A], and the concentration after time Lis [A], then putting a=[A], and
(a-x)=[A] equation (iv) becomes

L2303, (Al

k " bg[A] )|

Further, puttinga = [A] and (a —x) = [A] in eqn. (3), we get
[Alo
kt=In (Al

which can be written in the exponential form as
Ab _ . (Al _ -

Al - Al
or  [Al=[A],e" e (6)

Characteristics of First Order Reaction :

W Unit of rate constant is time™'.

® 1, @ (Half-life)

(m) log(a-x) v/stisastraight line with slope —ﬁ.
(v)  Graph related with first order reactions.

come. * R | s (AL
4] e——
(Al
tune Bne nrme ———

Examples:

0] Radioactive disintegration is a first order reaction.

®  CpHy0,,+HO0 — “T’m:_wm > CeH,,0, + CH, 0,
(glucose) (fructose)

(m) Mineral acid catalyzed hydrolysis of esters.

(v)  Decomposition of H,0, in aqueous solution.




Illustration

]

£

Ans.

3.

Sol.

4.

Sol.

A reaction which is of first order with respect to reactant ‘A"* has a rate constant of 6.0 min~'. If we
start with [4] =0.5 mol L', when will [4] reach the value of 0.05 mol L.

(A)0.384 min (B)0.15 min (C)3Imin (D) 3.84 min
(A)
2.303

1= "—log——

k a-x

2.303 0.5 2303 2.303 .

Or == lo800s =6 8 384 min.
The reaction

N,O (inCCl,) -2 NOz-l-';- 0, (g) is first order in N, O, with rate constant equal 10 6.2 x 10~*s~".
What is the value of rate of reaction when [N,O,] = 1.25 mol L-'?

(A)7.75x 10¥mol L' s™! (B)6.35x 103 mol L' s™!
(€C)5.15x 10°mol L' 5! (D)3.85x 10*mol L 's"!
(A)

Reactionrate =4k [N,0,]=6.2x10%1.25 =7.75x 10*mol L' 5!

A firstorder reaction is 20 % completed in 10 minutes. Calculate the time taken for the reaction to go
to 80 % complction.

Applying first order cquation,
2.303 100 2.303 100
B e— = — = in !
k . log,, (100-20) 10 log,, 30 0.0223 min
Again applying first order equation,
2.303 100 2.303 100

T logl°(|00-80) = 00223 log,, 20 =72.18 min

The rate of the first order reaction X — productsis 7.5 x 10 mol L~! min~'. What will be the value of
rate constant when the concentration of X is 0.5 mol L-1?

(A)3.75x10%s! (B)2.5x 10735 (C)1.5x103s! (D)8.0 x 105!

(B)

Rate of reaction =7.5%10*mol L' min™!

—
SIS0 L s =125 x 105 mol L' s

Rate of reaction = k [concentration. of reactant X

-$
Ork= %- 2.5x107%s7!



Exercise

In a first order reaction, the concentration of the reactants is reduced to 25% in | hour. The half life
period of the reaction is

(A) 24 (B)4h © %’- (D) %h
©)

)

(i)

Second Order Reaction :
For the given reaction.
nA — products

Differential rate cquation % =k(a-x)

S . |

. ]
Intcgrated rate equation k l'a(a—x)“' a—x a

Is the above rate constant w.r.t. reaction or disappearance.

For the given reaction.

A + B—— products
atimet=0 a b
attimet=t a-x b-x

differential rate equation %-k(a-x)(b—x).

) 2303 , . Ba-x)
Intcgrated rate cquation k = a-b) o810 a(b—x)

Characteristics of Second Order Reaction :

0) Unit of ratc constant L mol ! time .

® t,aa’(Ingeneralt,, aa""™; n=order of reactions).

(m) 2™ order reaction conforms to first order when one of the reactant is in excess.

‘i!
I-IA]'/"'P‘ =k |/
} 1AL
1 I'n
Examples:

0 Saponification (hydrolysis of csters catalysed with alkali).
CH,COO0C,H, + NaOH — CH,COONa + C,H,OH

(@  Hydrogenation of cthane C,H +H, __19¢C ,C.H,.

@ 20,—30,.




0)

()

W)

n"™ Order reaction
Consider the reaction
nA — Product

kt = nl-l{(._:;)‘" - :..} [hn=1, n=order]

1 p AR |
Ywe® Y- 2™

11AT™" /m-(n_ Ik

-1 "'

What is the 'k’ involved in the rate law rate constant w.r.t. reaction or w.r.t. disappearance
METHODS OF DETERMINATION OF ORDER OF REACTIONS

A few methods commonly used are given below :

Hiit & Trial Method : It is method of using integrated rate equations, where the experimental values of
a, x & tare put into these equations. One which gives a constant value of k for different sets ofa, x &
t correspond to the order of the reaction.

Graphical Method :
(i) Aplot of log (a—x) versus 1’ gives a straight line for the First order reaction.
(ii) A plot of (a— x)™ ") versus 't' gives a straight line for any reaction of the ordernexcept n=1.

Half Life Method : The halflife of n® order reaction is given by t, , o 1/a*!
By experimental observation of the dependence of half life on initial concentration we can determine n,

log(ty/3); —log(ty;2),
l"B(a(:)| -|08(°n)z .

the order of reaction.n=1+

Initial rate method. Initial rate method is used to determine the order or reaction in cases where more
than onc reactant is used. It involves the determination of the order of different reactants scparately. A
scrics of experiments are performed in which concentration of one particular reactant is varied whereas
conc. of other reactants are kept constant. In each experiment the initial rate is determined from the plot
of conc. vs. time, e.g., if conc. of A is doubled, and initial rate of reaction is also doubled, order of
reaction w.rtAis 1.



Hlustration

1. The following result have been obtained during kinctic studies of the reaction.

A+B—>C+D
Experiment | [A]/M | [B]/M l:".“l;i':;:::fm“‘“
I 0.] 0.1 6.0x10°
Il 03 0. 7.2x1072
11 0.3 04 g.ssno‘:
v 0.4 0.1 2.40x1072

0] Determine the rate law of above reaction
(§  Find the rate constant of above reaction in (mole/L)' * sec!

Sol. r,= 6x102=k[A].[B]
6x1072 =k [0.1]™[0.1]" (i)
L= 72x102%=k(0.3)"(0.2)" (1))
= 288 x107! =k (0.3)™ (0.4) —(ii1)
r,= 240x102=k(04)(0.1)° e diV)
L 288 (_u] m—taind
cg(m)/(n) T 0.2 =n
... 240
doing (iv)/()) 5= = @)™
=>m=l]
A 6x10~°
rtetaw=—aBl A BE. k= 2 M sec!
dt 10
2 The catalytic decomposition of N,O by gold at 900°C and at an initial pressure of 200 mm is 50%
complete in 53 minutes and 73% complete in 100 minutes.
0] What is the order of the reaction?
(1) Calculatc the ratc constant.
@)  HowmuchofN,O will decompose in 100 min. at the same temperature but at initial pressure of 600 mm?
[2021013194)
Ans. (i) firstorder (ii)k =1.308 x 102 min™'! (iii) 73%
Sol. N,O0——— Product
1 A
K==; In A,
1 As In2
"HMA: TS
3 jpl00
100 27



K= .s_
600x73
0L = =
X% 100 6 x 73 mmHg
Exercise

The halflife period of decomposition of a compound is 50 minutes. If the initial concentration is halved,
the halflife period is reduced to 25 minutes. What is the order of reaction?

Zero order

m

)

L)

CALCULATION OF FIRST ORDER RATE CONSTANT USING DIFFERENT PARAMETERS

In terms of pressure
A(g)— B (g)+C(g)
2.303 Py
k=" B3 _p

where
P, = Initial partial pressure of A
P, = Total pressure of gaseous system at time '

Decompesition of H,0, in aqueous solution (In terms of volume of reagent KMnO, required
in titration against H,0, ).
2303, V,
k=" log v,
where
Vo= Volume of KMnO, required in titration of H,O, sample taken initially
V,= Volume of KMnO, required in titration of same volume of H,O, sample attime 't

Acid catalysed hydrolysis of ester( In terms of volume of reagent NaOH required in titration)
CH,COOC,H, + H,0 —— CH,COOH + C,H,0H
NaOH reacts with H* and CH,COOH.

2303, (V.-V,
k=" V.-V,
where
V, =volume of NaOH required in titration when reacted with H* (at start)
V, = volume of NaOH required in titration when reacted with H* and CH,COOH at time 't'.
V_ = volume of NaOH required in titration when reaction is completed




Iv)

Inversion of canc sugar (In terms of angle of rotation)

C,H»0,, + H,0 w by, CeH 304 + CH,,0,.

Inversion
. 2.303|og{r.,-r,]
t r-r,
where
r, = initial angle of rotation of the sample
r,= angle of rotation after timet

r_ = angle of rotation afier completion of reaction

(glucose) (fructose)

Oxide layer formation:

1
k= )
where
T = Thickness of oxide layer after oo times
t = Thickness of oxide layerat time Y'.

T
jn—oe

Toux = F

Bacterial Growth:

1, a+x
k=-ln——
t a

Illustration

Ans.

Sol.

From the following data show that decomposition of H,0, in aqueous solution is first order.
Time (in minutcs) 0 10 20
Volume (inc.c. of KMnO,) 22.8 13.3 8.25

First order

2303 Ve

K= . Iogvl

.. Itis first order reaction

The following data were obtained in experiment on inversion of cane sugar.

Time (minutes) 0 60 120 180 360 o
Anglec of rotation (degree)  +13.1 +11.6 +10.2 +9.0 +5.87 -3.8
Show that the reaction is of first order. After what time would you expect a zero reading in
polarimeter?



E

£F

966 min

2303 L-r,
=T s

2.303 13.1+3.8

K

Ki="60 '8 11 ge3g 000155

K, = 0.001566 K, =K,)
. Itis first order reaction

2303 13.143.8

= 0001566 '°8 0438

t = 966 min

The reaction given below, rate constant for disappearance of A is 7.48 x 10~ sec™!. Calculate the time

required for the total pressure ina system containing A at an initial pressure 0of 0.1 atm to rise 10 0.145 atm
and also find the total pressure after 100 sec.

2A (g)—4B(g) +C(g)
0.180 atm, 47.69 sec
@ 2o - 4B+C
PO-2x 4 x
2.303 0.1

t =47815

= 748x10" 8 01-03

100x7.48x10°’ - 0.1
2303 . Ey

y=0.04732

a-2x=0.1-2x

x = 0.02634

P,=P%+3x=0.18 atm

In this case we have
A —order | B+C

Time t 0
Total pressurcof A+B+C P,
Find k.

"
-

1 P,
—-h—3
k=1"2p,-Py)

A- B+C

P, P
Atinfinite P, itmeans initially Pof A is P, , which convertsinto Band C ["23‘ + ";,:)' = P:]

2, =Py,
A -»B+C



-l-;"-—x X x

—Zﬂ‘-+x=l’3

x=P2—%

k-lln B2 5 -'}Inii,_l,_"T)
P,/2-P,+} yo

2

S. At 100°C the gascous rcaction A— 2B + C was obscrved to be of first order. On starting with pure
A it is found that at the end of 10 minutes the total pressure of system is 1 76 mm. Hg and afiera long time
270 mm Hg. From these data find (a) initial pressure of A (b) the pressure of A at the end of 10 minutes
(c) the specific rate of reaction and (d) the half life period of the reaction?

Given : J'n[-?—?]=0.6$
47

Ans. (2) 90 mm, (b)47 mm, (c) 6.49 x 102 per minutcs, (d) 10.677 min.

Sol. A —2B+C
t=0 P,
t=10 Po—x X  x 176 =Py + 2x
t=a 0 2, P, 270=3P,
270
(@) Pp=—7 =90
3
_ 176-90 4
X7
| 90
©  K=15x60 " 50xa3
In2
d t,= X
Exercise

3
The reaction AsH(g) —>As(s) + EHE(g)wasfollowedatm:mnvolmneaﬁm‘bemsming

the gas pressure at intervals Show from the following figures that reaction is of first order.
Time (in hes) 0 5 1.5 10
Total pressure (in mm) 758 827 856 882

Ans. Firstorder




9. ELEMENTARY PARALLEL PATH REACTIONS

Lt
e

Let the initial concentration of A be{A],, and let afier time t, the concentrations of A.B and C be [A][B]
and [C], respectively. It is obvious that

[Aly=[A]+[B] +[C]
The differential rate experisions are
d[B)

o kA

d(C] [B] k
& kAl g =i

A

The overall-rate of disappearance of A is given as

dIA]
-~ =l +KA]

[Alo
[k +k)t=h

ky
+k,

% of B in products = k, x 100

k
: 2
% of C in products = k,+k; * 100

Some examples of parallel reactions

C¢Hg + N3 + HC1 + CH;CHO
(®  CHN=NCl+CH,CH,OH —<
CeHg OCHs + N2HCI

CH;CH;0H + KBr
() CH,CH ,Br+KOH —<
CH; =CH, + KBr+ H;0



Illustration

Ans.

Consider the reaction,

s. 10 w’ B
/

A

l—"‘f\.
k{' C

W. '
A, Band C all are optically active compound . If optical rotation per unit concentration of A, Band C are
60°,-72°,42° and initial concentration of A is 2 M then sclect write statement (s).
(A) Solution will be optically active and dextro after very long time
(B) Solution will be optically active and levo afier very long time
(C) Half life of reaction is | S min
(D) Afier 75% conversion of A into B and C angle of rotation of solution will be 36°.
(A),(D)

1
After very long time concentration of B = 3 x2

2 4
After very long time concentration of C = 3> 2= 3

4
Angle of rotation afler reaction = % x(-72)+ 3’ x42 =8°

) =069 0.693
(42 6.93x1072

0.693
t,a)y =——mmmm
(t:2) 13.86x10°%

Koveran = Ky + Ky

(o)) )
—_— = —| +] —
Y2 et \W2); N2/
10
lnu:ll- '? mm
After 75% conversionof AintoBand C

ConcentrationofA=0.5M

= |0 min

=5min

1
Concentration of B = 3* 1.5=0.5M

2
Concentration of C = 3*'-5=9 IM
. Anglc of rotation = 0.5 x 60° +42° x | - 72° x 0.5 = 36°]



X1 ~B (o]
2. A k,=xhr';k,:k,=l:lO.Calculate after one hour from the start of the reaction.
k\-,\C N [A)

-[g 10 1ix
Ans. [M-”(c 1)
k_1
Sol. %, 10
k, =x k, =k, x10=xx 10
k,+k, =x+10x=11x

Exercise

Fa'amclionx/kl’.y calculate value of ratio, [xk at iven instant t
o~z ')+ T E -

AnS. T KoaKko .
KKy




10. REVERSIBLE OR OPPOSING REACTIONS

Reversible reactions are these in which products formed converted back into reactants simultancously.

Forward reactions ~
S Backward reactions

Kinetics of reversible reactions (First order opposed by first order):
Considerareversible reaction in which forward and backward reactions follow first order.

Products

K,
A = B
at 1=0 [A],
at 1=t [A]=[A],-x X

K, and K, are rate constants of forward and backward reactions respectively.

dx

T K [A]-K, [B]

dx

i K [[Al;=x] -K, x B )
But at equilibrium % =0; (since concentrations become constant) and x represents x _ (equilibrium
concentration of B).

At cquilibrium ratc of forward reaction is cqual to ratc of backward reaction.

K; [[A]v - xq] = Kb. xq.
K,[AL

or X = m ......... (2)

K,I[AL—X.J
X

oq.

Also K,= k)

Putting valucsofx_ andK, incq. (1)

d Xeq
KJ[AL"‘
=K -[AL-K;x~ Xo +R,x
dx _K,[Al
or, &t  x [X“ -x] p— ) |



On integrating the equation (4), we get

A

or —n[x_ -x]=K X, ‘t+C

att-O.x-O.andC--Inx_.

putting value of C ineq. (5)

or =In[x_ -x] +In x_ -K,[—L

From egs. (2)and (7)

(CE ‘,?_:' |

x-l
or (K, +K)t=In T
o

X
o (K+ x,)-a=z.303|og[x "_x]
oy

The equilibrium constant of such reversible reactions,

ke op=pr i

ssssmnsas

sssssssss

If[B], is not equal to zero, therclanonformchme:sibk reaction shows

K, t=2.303 [[[;Lr:[xg"r] log L:t,

Example of reversible reactions :

: K,
(i) H,+1, > 2HI

i) A -K'? CH,CH=CH,
(iii) NH,CNO % NH,CONH,

(i) CO + NO, => CO, + NO



Hlustration

Consider a reversible reaction :
k,

A——B
k,

1.38
Which is a first order in both the directions (k, = N x 1072 min™'). The variation in concentration is

plotted with time as shown below.

0.3)
02}--* [A]
congc.
(M)
L] S (B]
0 time —»
Calculate the time (in minute) at which 25 % of A would be exhausted. [fn2=0.69 ]
01 1 k
- —=—=—L
Sol. ku=02"2 &,
2 2
= —x].38x107
k: 3: X
p 0.1 ™
" 01-0075 i tk)t
2x069=138x102x¢
t= 100 min.
11. SEQUENTIAL OR CONSECUTIVE REACTIONS :

In many cases, the product formed in onc of the elementary reactions acts as the reactant for some
other elementary reaction. One of the examples of consecutive reactions involves the following

steps.

A_4,B_,C
Let the initial concentration of A be [A], and let after time t, the concentrations of A, B and C be
[A], [B] and [C], respectively. It is obvious that

[A),=[A])+[B] +[C) S—l)

Differential Rate Law : The differential rate expressions are

-%-k.le\l v ))




L =k,[A]-k,[B] I )

dt
C
-0 )
On integrating equation (2), we get
[Al=[A)e™ veeeeea(5)

Substituting [A] from equation (5) into equation (3), we get
A - kfALe -k, B

ALk, 1B)= kAL ™

Integrated Rate Law : Multiplying the above expression throughout by exp (k,t), we get

A+ kBt = kAL

The left side of the above expression is equal to d([BJe*¥ ) / dt. Hence, the above expression can
written as , d{[B] ¢*2t } =k [A] e ™ 17*" dy
Integrating the above expression with [B] =0 at t = 0, we get

-(ll-klll
tzl _ (4 l
(Bl k'[A]"[—(k, —k:)+ kl_kZ]

e L
-(ky-ky) k,-k;

I[ALI L ket _ -ht]

(B]= ItuU"ﬂ»[

()}

Substituting equations (5) and (6) in equation (1), we get

[AL lALe h*[AL[ k ]( -lll t1l)+[C]
2- 1

o [C]=[A], [‘-;(Rz"-k" -k10"‘"] Y )
-



Figure (1) lllustrates the general appearance of the variations of concentrations of A, Band C

during the progress of the reaction.
l I€]
; -
IA]
Time =9
Fig 1: Typcal varstions of concentration of A, B
and C durag the progress of the reaction
A=pR—>C

In general concentration of A decreases exponentially, the concentration of B initially increases
upto a maximum and then decreases thereafter, and the concentration of C increases steadily until
it reaches its final value [A],, when all A has changed into C.

Maximum Concentration of B : Equation (6) is

k o st
[B])= [A]‘,[k2 kIJ{e hat _ g-katy

At the maximum concentration of B, we have

4Bl _,
dt
Hence, differentiating equation (6) with respect to t, we get

& [A]o[kz_kl] e ket ree®)

Equating cquation (8) to zcro, we get
—kjett'om 4 ke mm =0

k k. k
or _i_j_ - eu’-l L 33, - or h[_l]= (kl __k:)t_‘
2 k'.’

Lk
or L= k -k, Lk RN ()

substituting cquation (9) in cquation (6), we get

k ky (kj-ky)
[B]_‘-[A],[;r] )

Examples of consecutive reactions :
(1) Several radioactive decay
Pb £, Bi -, Po

e 2 < K, K,
(ii) CH,- CHl, —> (CH,CHO) —> CH~CO



Hllustration

How much time would be required for the B to reach maximum concentration for the reaction

in2
AL, B X, C.Givenk,= 4 k,=

Ans. t=4min

Sol. k,=0.173
k, = 0.3466
1 k

-1 .
lnax ™ k, -k, In k, =4 min

Exercise

In2
3

For the first order consecutive reactions.

A —k k,

the reaction is started with some amount of A . Match the given observation (column I) with the time

(column II) related with the above reaction.

Column |
(Observation)

(A) Rate of formation of C is maximum

(B) [B], = [C],
(©) [A) = [8B],

Ans. (A)P.Q(B)R,P (C)S

Column|ll

(Time)
(P) Attime 't'=1,,,0of A(Givenk, = 2k,)

l k,
Attime't'= In| =
s (ky -ky) ("l]
(R) Attime Y’ when rate of formation of B is maximum
2k, -k,
(%

(S) Attime t'= —

12. RATE LAW AND MECHANISM

As alrcady mentioned in the reaction:
2NO +2H—— N, +2H,0

Obcys the following third order kinetics
Rate @ [NOJ? [H,]

The kinetics is not in tune with chemical equation. As the law of mass action suggests each
concentration term should be raised to power 2, but this is not supported by experimental facts.
Under this condition we are led to believe that the reaction does not occur according to the chemical
cquation as written. That is the reaction is not clementary but is complicated. In order to explain the
observed rate law following mechanism has been proposed.



I/"—HﬂE[A] should becleminated.

| NO + NO === N.O, (fast and reversiblc)
Il N.O, +u—>N0+H0(slow)
Il N0+H —»N +H0 (fast)

The step [l being the slowest i.c., the ratc - determining step (R.D.S.). Note that the rate of formation
of N, cannot be faster than the rate of formation of N,O. So, the rate of overall reaction or rate of
formanon of N, will be equal to the ratc of step 1 which according to law of mass action may be

givenas.
Rate of overall reaction = Rate of step 1 =k[N,0,] [H,]
Where k = rate constant of step Il

The conc. of the intermediate (N,0,) may be evaluated by applying law of mass action upon the

equilibrium existing in step [ as mentioned below.

[N,O,] _ \
K. = —‘—‘—[N of [N,0,] =K_[NO]
Putting this in the rate expression, we get
Rate = k.k [NOJ[H,] =k, [NOF[H,]
Where k =k k_=observed rate constant of the reaction
Rate a [NOF* [H,]
This is the same rate - law as observed experimentally.

Illustration

1. Rate law for ozone layer depletionis

40,/ _ K10,/
& {0;]
Give the probable mechanism of reaction?
Sol. O, == 0, + O (fast reaction)
0,+0—> 20, (slow rcaction, ratc constant k’)
Rate =k’ [0,](O] (1]
= 10:]0] [0:]
K. [0;] orlo1=K. 0,1 (0.1
putting the valucin(1)

(equilibrium constant K )

o ? :
From () Rate =k'. [0 )] K [—01% k. K‘ . l[(())l ]] =k ._[[(())}_1]]
k=k'xK. . -

2. In hypothetical reaction A, + B,—— 2AB follows the mechanism as given below:
A, == A+ A(fastreaction)
A+B,— AB + B (slow reaction)
A+ B—— AB (fast rcaction)
Give the rate law and order of reaction.
Sol.  Slowest step is rate determining.
Rate =k[A][B,]




K = [ANA] _ [AF
© [As]  [A2)
[A]= KV2[A,)*?

From (1). Rate= kK!'2[A,)'?(B,)

= K[A,]'*[B,]
Order=1+1/2=3/2

3. For the formation of phosgene from CO(g) and chlorine,
CO(g) + Cl(g) —> COCl(g)

The experimentally determined rate equation is,
djcoci
% = klco][Clzll'z

Is the following mechanism consistent with the rate equation?

(i) Cl, == 2CI (fast)
@ Cl1+CO == COCI (fast)
@i) COCIl+Cl, == COCL,+Cl (slow)
Sol. Multiplying equation (ii) by 2 and adding (i), we get:
Cl, + 2CO == 2COCI

_ [cocIp?
Cl,]J[CO

[COCI) = (K)'* [CL)**[CO] ... (i)
Slowest step is rate determining, hence

Rate=k[COCIJICl) ... (ii)
From (i) and (ii), we get

Rate = kK'? [CL]"?*[CL][CO]

Rate = k'[CL,]**(CO] [k' = kk')
Thus, rate law is in accordance with the mechanism.

Exercise

For the reaction 2H, + 2NO—— N, + 2H,0, the following mechanism has been suggested:
2NO # N,0, equilibrium constant K, (fast)

N,0, + H, —£2, N,0+ H,0 (slow)

N,0 +H, X, N, + H,0 (fast)

Establish the rate law for given reaction.

Ans. r=K[NOJ [H,], whereK =k, x K,
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CATALYST

Berzelius used the term catalyst for the first time for the substances which accelerate the rate of
chemical reaction. Now the term catalyst has been used for the foreign substances which influence
the rate of a reaction and the phenomenon is known as catalysis. Usually two terms are used for
catalysis :

Positive Catalysis : The phenomenon in which presence of catalyst accelerates the rate of
reaction.

Negative catalysis : The phenomenon in which presence of catalyst retards the rate of reaction.
Such substances are also known as inhibitors or negative catalyst.

Characteristics of Catalyst

A catalyst remains unchanged chemically at the end of reaction, however its physical state may
change. ¢.g. MnO, uscd as catalyst in granular form for the decomposition of KCIO,, isleftin
powdecr form at the end of reaction.

A catalyst never initiate a chemical reaction . It simply influences the rate of reaction. Exception:
combination of H, and Cl, takes place only when moisture (catalyst) is present.

A small quantity of catalyst is sufficient to influence the rate of reaction e.g. | gatom of Platinum is
sufficient to catalyse 108 litre of H,O, decomposition.

A catalyst does not influence the equilibrium constant of reaction. It simply helps in attaining
equilibrium earlier. It alters the rate of forward & backward reactions equally.

A catalyst normally docs not alter the nature of products in a reaction. However some exceplions
are found to this characteristic.

(8 HCOOH —2<» H,0+CO,  HCOOH —>- H, + CO,

() CO+3H,—> CH,+H,0, CO+2H, CH,0H

CO +H, —=— HCHO
It may therefore be concluded that in some cases nature of products formed depends upon the
presence and nature of catalyst used.
A catalyst does not make reaction more exothermic
Catalyst’s activity is more or less specific : A catalyst for onc reaction is not necessary to catalyse
the another reaction.

—
Cl'zo 3

Types of Catalysis
Homogeneous catalysis : The reaction in which catalyst and the reactants have same phase. It

includes two types.
(a) Gascous phase catalysis : When reactants and catalyst are in gaseous phase e.g. chamber
process for HSO,.

250,() + 0,(2) o> 250,(p)

(b)  Solution phase catalysis : The reactions in which catalyst and reactants are in solution
phase or liquid phase of miscible nature.

RCOOR;,+ H,0,;, —— RCOOH + R'OH



(i)

14.

Heterogencous catalysis : The reactions in which catalyst and reactants form phase 2 2.

R : Liquid
()  Solid-liquid catalysis: le M:Sl::: }Imiscihlc

MO, ,
2“20:“,‘ -—-(T;E;—b 2“20 + 0=

Reactant : Liquid

Catalyst : Liquid }lmmlsclblc

(b) Liquid-Liquid catalysis :

2H,0,, —=5+ 2H,0 + O,

Reactant : gases
Catalyst : solid

Two aspects of solid catalyst are more significant, one is activity and the other is selectivity. Activity
is the ability of catalyst to accelerate chemical reactions; the degree of acceleration can be as high
as 10" times in certain reactions. Selectivity is the ability of catalyst to direct reaction to yield
particular reaction (excluding others). For example , n-heptane selectivity gives toluene in presence
of Ptcatalyst. Similarly,

CH,-CH=CH, + 0, give CH, = CHCHO selectivity over Bismuth molybdate catalyst.

(c¢) Solid-gas catalysis : }lnuniscible

ARRHENIUS THEORY

Threshold Energy and Activation Energy :

Threshold energy : For a reaction to take place the reacting molecules must colloid together, but only
those collisions, in which colliding molecules possess certain minimumenergy  is called threshold
energy (E;) or the total minimum energy that reacting specics must possess in order to undergo effective
collision to form product molccules is called threshold encrgy.

Activation energy : It is extra energy which must be possessed by reactant molecules so that collision
between reactant molecules is effective and leads to formation of product molecules.

E-n = EMWJ - E&—i—n
Exothermic Endothermic
f | |

I lEJ.l Ere (E\ I Eal)) [/ Em \ (Ea),

Energy| 1 1 Energy i
AH AH

H. L 4 L

He Fa *

Prnwl-dm; ngruudmclu;

E,,, = Threshold Energy, H, = Enthalpy or Energy or Potential of reactants.
H, = Enthalpy or Energy or Potential of product, (E,),= Activation energy for forward reaction.
(E,), =Activation energy for backward reaction.



Activated complex. It is formed between reacting molecules which is highly unstable and readily changes
into product.
AHm = (En)l- (El)b

Influence of Temperature on reaction rates
Temperature coefficient : The temperature coefficient of a chemical reaction is defined as the ratio of
the reaction rates at two temperatures differing by 10°C. Its value usually lies between 2 & 3.
Temperature coefficient = kk* 2
1

Ifno tempcerature is specified in T.C. then it can be taken as 25°C
Arrhenius Equation : A quantitative relationship was proposed by Arrhenius

k=A. e—F.ﬂlT
where

k = rate constant ; A = frequency factor (or pre — exponential factor);

R = gas constant ' T=Temperature (kelvin) ; E, =Activation energy.

K,  E, [1 1
2 s |
log, z.soan['r, Tz]

Graphical representations arc :
L]
- —_— gFs ) | [, d
E Sl - ToR € Shope - =%~
z
" - T
Illustration

1. In Arrhenius equation for a certain reaction, the value of A and E, (activation energy) are
4 x 10" sec' and 98.6 kJ mol |, respectively. At what temperature, the reaction will have specific rate
constant 1.1 x 10*sec™ ?

Sol.  According to Arrhenius equation

k= Ac F/RT

or logk=log A- % log e

E
2.303 log,k = 2.303 log, A- o

98.6x10°

. =2 4%10")- ——————
or 2303 log (1.1 x 10%)=2.303 log (4x10 )—8.314,‘1_
98.6x10°

= 831ax2303x1656 © MK




Sel.

Sol.

The ratc constant is given by Arrhenius equation
k = A'-E.Il’r
Calculate the ratio of the catalysed and uncatalysed rate constant at 25°C if the energy of activation

of a catalysed rcaction is 162 kJ and for the uncatalyscd reaction the valuc is 350 kJ.
Letk  and k_ be the rate constants for catalysed and uncatalysed reactions.

3
2.303 log,, k_ = 2.303 log, A - '°2R"_r'° ...... (i)
o’
and  2.303 log,, k_ = 2.303 log, A Sok’fr' ()
Substracting Eq. (ii) from Eq.(i)
K, 10°
08,0 3= = 5303rT G50~ 162
188x10°
2.303x8.314x 298 3295
Yo _gggx 10
Kin

At 407 K the rate constant of a chemical reaction is 9.5 x 10 *s ' and at 420 K, the rate constant
is 1.9 x 10“s"'. Calculate the frequency factor of the reaction.
The Arrhenius equation is,
A2\ AN [—lT"T]
%810 k;  2303xR | T|T,
Given k, =9.5x10%s" k,=19x10"s";
R=8.314) mol 'K ;
T,=407Kand T,=420K
Substituting the values in Arrhenius equation.
1.9x107* E, [420-407]
%8100 510-5  2.303x8.314 | 420x407
E,= 75782.3 J mol"

EO
Applying now logk, =log A - m

log 9.5 x10°* = log A 757823
08 7. =108 A= 5 303x8.314x407
| A 751823

or 8 9 5x10-  2.303x8.314x407

=9.7246
A=504x10°s"



Sol.

The energy of activation for a reaction is 100 kJ mol . Presence of a catalyst lowers the energy of
activation by 75%. What will be effect on rate of reaction at 20°C, other things being equal ?
The arthenius equation is

k= pe Es/RT

In absence of catalyst, k, = Ae-100/RT
In presence of catalyst, k, = Ae#**"

ko, 75
Ky _ smT =2 _0D
So K, c or 2.303 log k, = RT

75
8.314x1073x 293

75
108 L = 8314x107 x293x2.303

or 2.303 log L
K,

or L3 2.34 x 10"
Ky

As the things being equal in presence or absence of a catalyst,
k, rate in presence of catalyst

k, ratcinabscnceof catalyst

. n_k
1.C., n = kl =2-34x10|3

Exercise

Ans.

The rate of a reaction triple when temperature changes from 20°C to 50°C. Calculate energy
of activation for the reaction (R = 8.314 JK 'mol ').
28.8118 kJ mol™!

15.
(i)

(i)

(iii)

COLLISION THEORY

The basic requircment for a reaction to occur is that the reacting species must collide with one
another. This is the basis of collision theory for reactions.

The number of collisions that takes place per second per unit volume of the reaction mixture is
known as collision frequency (Z).

Every collision docs not bring a chemical change. The collisions that actually produce the product
are effective collisions. The effective collisions, which bring chemical change, are few in comparison
10 the 1o0tal number of collisions. The collisions that do not form a product are Ineffective elastic
collisions, i.c., molecules just collide and disperse in different directions with different velocities.




(v)  Foracollision to be effective, the following two barriers are to be cleared.
(a)  Energy barrier : "The minimum amount of energy which the colliding molecules must possess as
to make the chemical reaction to occur, is known as threshold energy”.

Fraction of molecules
capable of bringing
cffective collision

Fraction of —

Energy —> E
Distribution of energies at a
definite temperature

. In the graph 'E’ corresponds to minimum or threshold energy for effective collision.

. There is an energy barrier for each reaction. The reacting species must be provided with sufficient
energy to cross the energy barrier.

(b)  Orientation barrier : The colliding molecules should also have proper orientation so that the old
bonds may break and new bonds are formed. For example, NO,(g) + NO, (g) = N,O,(g) During
this reaction, the products are formed only when the colliding molecules have proper orientation at
the time of collisions. These are called effective collisions.

O ® - Os® OO

NO, + NO; Collision N;O,
(a) Properly oriented collisions form products

o (0) (0) (0)
OR O —i0°08—
peg=lrg=Dp%

Collision NO, NO,
(b) Collisions not properly oriented No product

(v)  Thus, the main points of collision theory are as follows,
(a) For a reaction to occur, there must be collisions between the reacting species.
(b) Only a certain fraction of the total number of collisions is effective in forming the products.
(c) For effective collisions, the molecules should possess sufficient energy as well as orientation.



(i)

(vi)

(viii)

The fraction of effective collisions, under ordinary conditions may vary from nearly zero to about
one for ordinary reactions. Thus, the rate of reaction is proportional to :

(a) The number of collisions per unit volume per second (Collision frequency, Z) between the
reacting species

(b) The fraction of effective collisions (Properly oriented and possessing sufficient energy), f

-dx
i.e., Rate= o Z; Where f'is fraction of effective collision and Z is the collision frequency.

The physical meaning of the activation energy is that it is the minimum relative kinetic energy which
the reactant molecules must possess for changing into the products molecules during their collision.

This means that the fraction of successful collision is equal to ¢ *"*" called Boltzmann factor.

It may be noted that besides the requirement of sufficient energy, the molecules must be properly
oriented in space also for a collision to be successful. Thus, if Z,, is the collision frequency, P is the
oricntation factor (Steric factor) then, k = PZ,,.:""'" . If we compare this equation with Arrhenius
equation k = Ae *"*T,

We know that pre-cxponential form ‘A’ in Arrhenius equationis,A=PZ, .



SOLVED EXAMPLE

Q.1

£ F

£ F

E

Q4

£ F

QS

In the following reaction 2H,0,— 2H,0+0,
rate of formation of O, is 3.6 M min-'.

(a) What is rate of formation of H,0?

(b) What is rate of disappcarance of H,0,?

(1) 7.2 mol litre 'min-!, (ii) 7.2 mol litre ! min!
d d d
o (H0:1= 3 [H,0]=2x = [0,]

In a catalytic experiment involving the Haber process, N, + 3H,— 2NH,, the rate of formation of
Ammonia was measured as

NH
Rate = N—NL] =2x10*mol L's'.
If there were no sides reactions, what was the expressed in terms of (a) N,, (b) H,?

(@)1 x10*molL's!, (b))3x10*mol L's!

© d|N.I=El’; g|‘::1|=_1_ d[NH,

dt 2 d

or d'[N,] 5 X(2x104=10
d 3
(b) 5[H=]=5x(2xlu)=3~lo*

For the elementary reaction 2A + B,— 2AB. Calculate how much the rate of reaction will change if
the volume of the vessel is reduced to one third of its original volume?

rate increase by 27 times
Rate =K [3A)* [3B,] = 27 Rate.

In the following reaction, rate constant is 1.2 x 10> M s™' A—— B. What is concentration of B after
10 and 20 min., if we start with 10 M of A.

(i) 7.2 M, (ii) Think

(a)K-':' [A,-A] =Kt=[B]

=12x102x10x60=[B]=72
(b) Same way

A first order reaction is 75% completed in 72 min.. How long time will it take for
(1) 50% completion (i1) 87.5% complction

(1) 36 min., (i) 108 min.



Q.6

3

£

Qs

£F

2.303 100
K= KN log,, >s =0.19

) 0.693
(i) t,= 019 =36

2303 100
(=519 10810 1575 =108

Show that in case of unimolecular reaction, the time required for 99.9% of the reaction 1o take place is
ten times that required for half of the reaction.

3
Loo03 Calculate t] & t2 scparately

The halflife of the unimolecular clementary reaction
A(g)—>B(g) + C(g) is 6.93 min. How long will it take for the concentration of A to be reduced to 10
% ofthe initial value?

(A) 10.053 min (B)4.6min (C)46 min (D) 23.03 min
(D)

0.693 (AL .

6.93 xt=2303 log O.I[Ak = t=23.03min

A 1 Lreaction vessel which is equipped with a movable piston is filled completely with a | M aqueous
solution of H,0, .The H,0, decomposes to H,O (/) and O,(g) in a first order process with half life 5
hrs at 300 K. As gas formed, the piston moves up against constant external pressure of | atm. What is
the net work done by the gas from the start of sixth hour till the end of 10 hrs?

(A)25Cal (B) 150 Cal (C)75Cal (D) 100 Cal

©

At the end of 5 hours

A,
An=73
at the end of 10® hours
Ag
A=
A, A, A,
AamAa=5 -7 0BA
amount decayed = 0.25 mol

moles of O, formed =0.25/2 = 1/8
W =-PAV =-nRT =-(1/8) x 300 x 2 Cal = 75 Cal



Q9 Ataceraintemperature the following data were collected for the reaction

2ICl1+H, =1, +2HCI
Initial Concentrations (M) Initial Rate of formation ofl._,(Ms' )
(ncy M)
0.10 0.10 0.0015
0.20 0.10 0.0030
0.10 0.05 0.00075
Determine overall order of reaction
(A)O (B)1 (C)2 (D)3
Ars. (O)
Sol.  From 1*and 2™ data order of reaction w.r.t. ICl is 1, from 1* and 3" data order of reaction w.r.t. H, is
1, sooverall order of reaction is 2.

Q.10 Forthereaction
CH,COCH, +Br, —" 5 CH,COCH,Br+H*+Br~

the following data was collected
[Acetone] [Br,] [H*] Rate of reaction (Ms™)
0.15 0.025 0.025 6x 10
0.15 0.050 0.025 6 x 10
0.15 0.025 0.050 12x10%
0.20 0.025 0.025 8.0x 104
The order of the reaction w.r.t. CH,COCH; and Br, respectively are :
(A)0,1 (B)1,0 o1, (D)1,2
Ans. (B)
Sol. Rate=k.[Acetone]*. (Br,})". [HF
6 x 10*=k. (0.15)* (0.025)" (0.025) v (1)
6 x 10 =k . (0.15)* (0.050) (0.025) - (i)
12 x 104 =k. (0.15)* (0.025) (0.050)* . (1))
8 x 104 =k . (0.20)* (0.025) (0.025) —(iv)

o I_[o.ozs]’

() + (i), 1=| 5020

y =0, hence rate does not depend upon the concentration of Br,.
oo 6 _[0.025)' L (1)'

@+ @35 ={o0s0) * 2 7\2

Y z=1

e 3(3)

(1) + (wv), il ¥

x=1



Q.11

Ans.

Q.12

Ans.

Q.13

Ans.

Direction for Q.11 and Q.12 (2 questions) : Read the following passage carefully and answer
the questions given after the passage.

Dinitrogen pentroxide decomposcs on heating to nitrogen dioxide and oxygen following first order kinctics.

2N,O, (g) — 4NO, (g) + O, (g)

02 molcofN 0 wmlakcnma\essclofmmlyl L and heating to a certain temperature of T Kelvin
at which thetucnon begins. The concentration of N, O is measured at different intervals of time by
withdrawing samples of reaction mixture. Aplo(ofln[N,Osl v/s time is shown in figure-1. The value of
ratc constant (k) of the reaction is determined from the slope of the lincar plot. The same experiment is
repeated at five different temperatures and the value of the rate constants are calculated at each temperature.
A plotof Ink v/s (temperature) ! is shown in figure-2.

3 =
z;| \ \
Temperature( 1/T)
Fig-1 Fig-2

Slope of straight line in figure-2 is — 1.2 x 10* K. What is the activation energy of the reaction? (J/molc)
(A) 1.0 x 10° J mole~' (B) 2.303 x 10° mole *(C) 1.2 x 10° mole”' ' (D)2.5 x 10° mole!
(A)

-E,
—--—-——-+
Ink RT InA

~E
slope = —*=—1.2x 10°*

E,=12 x10* x 8.314 =9.97 x 10* Joule
Slope of straight line in figure-1 is - 1 x 10~! sec™!. What is the half-life of the reaction?

(A) 15.96 sec (B)6.93 sec (C) 693 sec (D) 31.92 sec
(B)
Kt=mA,-InA;
InA=hA,-Kt
slope=-K=-(1x10")
1 0.693
5= ‘?' =6.93 sec

The rate constant for an isomerisation reaction A — B is 4.5 x 10> min™'. If the initial concentration of
A is 1 M. Calculate the rate of the reaction after | h.

3.435x 102 M/min

2.303 a
k " log P

45x103= 230 log l = (a-x)=0.7633
(a-x) '

60
Rate =k [a-x]
=4.5x 10" x0.7633 =343 x 10°



Q.4

]

Q.15

£F

Q.16

A hydrogenation reaction is carried out at 500 K. If the same reaction is carmied out in the 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 barrier by 20 kJmol .

100 kJmol !
k= Ac-h*l! - Ac-h‘rll'
Given that two rate are same

c-h‘-ll’ = e-b'.'lf'

Ea Ea-20

T
Ea—20 Ea=100K)
400

glp -l

The encrgy of activation of a first order reaction is 104.5 kJ mole! and pre — exponential factor (A) is
5 x10"3 sec™!. At what temperature, will the reaction have a half life of | minute?

349.1 k
k=A.c ™™
Ea
logk=logA- RT
0.693
log = . =1o8A-330RT
0.693 104.5
" "
log —gg ~ 1085 X107 = 5 X8 314x10" xT
104.5
- 19412 13699 - oo
T = 348.95

In gascous reactions important for understanding the upper atmosphere, H,O and O react bimolecularly
to form two OH radicals. AH for this reaction is 72 kJ at 500 K and E, =77 kJ mol ™, then calculatc E,
for the biomolecular recombination of 20H radicals to form H,0 & O at 500K

5 kJmol™!

Eab=77-72=5



