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The Kkinetics of complex reactions

(Chain reactions , Consecutive reaction, Parallel reaction,
Reversible reaction)

Chain reactions

Chain reactions are examples of complex reactions, with complex rate

expressions.

In a chain reaction, the intermediate produced in one step generates an

intermediate in another step.This process goes on.

Intermediates are called chain carriers. Sometimes, the chain carriers are

radicals; they can be ions as well. In nuclear fission they are neutrons.

There are several steps in a chain reaction.

1. Chain initiation
This can be by thermolysis (heating) or photolysis (absorption of light) leading

to the breakage of a bond.
H3;C-CH; — 2'CHj;
2. Chain Propagation
In this step the chain carrier makes another carrier.
'CH3 + CH;CH; — CH,4 + 'CH,CH;

3. Chain Inhibition
Chain carriers are removed by other processes, other than termination, say by

foreign radicals.



CH;CH,+ R — CH3CH;R

4. Chain termination
Radicals combine and the chain carriers are lost.

CH3CH,'+ CH3;CH, — CH3CH,CH,CH3
Example;

2Br- +H,0,+ 2H® =3 Br; + 2H,0
Predicted Rate law;

Rate = d[Br,]/dt = k [Br ] [H,0,] [H']

Mechanism;

k
Br-+ H,O; + H* == HOBr + H,0 slow step

k-
HOBr + Br-+ H" =% Br, + 2H,O fast step

Rate = d[Br,]/dt = k, [HOBr] [H*] [Br ] ------ 1
d[HOBr]/dt = formation — disappearance
According to the steady-state approximation (SSA);
d[HOBr]/dt=0
Formation; ky [Br ] [H.0,] [H']
Disappearance; k, [HOBr] [H'] [Br ]
0 =k [Br'][H202] [H'] -k, [HOBr] [H'] [Br ]

k 7] [H201] [T
[HDBT] = : Lif/[ﬂﬂ’/m{/_]
[HOBr1] = % [H20;] ——mm-- 2

Now substituting equation 2 in equation 1;
Rate = d[Br;)/dt = K — [H,0,][H"] [Br -]

Rate = d[Brg]/dt = kl [H202] [H+] [Br 7]
That means; predicted rate law = derived rate law



Minimum necessary are, Initiation, propagation and termination.

Now, how do we calculate for the rate of laws of chain reactions?

A chain reaction can have a simple rate law. As a first example, consider the

pyrolysis, or thermal decomposition in the absence of air, of acetaldehyde
(ethanal, CH;CHO), which is found to be three- halves order in CH;CHO:

Overall reaction,

CH3CHOy — CHy + COy  d[CH,J/dt = K[CH;CHO]*

The mechanism for this reaction known as Rice-Herzfeld mechanism is as

follows.

1.

Initiation: CH;CHO — -CH;+ -CHO

R =k, [CH;CHO]
Propagation: CH3;CHO + -CH3; — CH3CO- + CH,

R=kp [CH3;CHO][-CHjs] \
Propagation:  CH3;CO: — :CH3; + CO <—— Product

R = K,.[CH;CO-]
Termination: CH; + -:CH3; — CH3;CHj3

R =kr [CH;]

The chain carriers -CH; and -CHO are formed initially in the initiation
step .
To simplify the treatment, we shall ignore the subsequent reactions of
-CHO..
The chain carrier -CHj; attacks other reactant molecules in the propagation
steps, and each attack gives rise to a new carrier .

Radicals combine and end the chain in the termination step .

To test the proposed mechanism we need to show that it leads to the observed

rate law .



According to the Steady-State Approximation (SSA), the net rate of change of
the intermediates (-CH; and CH3;CO-) may be set equal to zero, That is, the
change in its concentration over time is equal to zero.
d[CH;)/dt=0
d[-CH,]/dt = formation — disappearance
d[‘CHa)/dt = k)[CH3CHO]-kp[ CH3][CH3CHO]+kp [CH;CO-2k[ CH3)* =0
d[CH3;CO]/dt = ke[ CH3][CH3;CHO] — kp.[CH3CO] =0
The sum of the two equations (d[‘CH;]/dt + d[CH3;CO}J/dt) is
K\[CHsCHO] —kp[ CH4[CHsCHO] + ke.[CH5CO] — 2k-[CH3]*=0
+
Ke[ CH3][CH3CHO] — ke [CH5CO] =0
We get:
K,[CH3CHO] — 2k[ CH5]*= 0
Which shows that the steady-state approximation also implies that the rate of
chain initiation is equal to the rate of chain termination.
The steady-state concentration of ‘CHj5 radicals is
[‘CH3] = (Ki/2k1)2 [CH,CHO]Y2 (1)

If follows that the rate of formation of CH, from Propagation step above is;
CH3CHO + -:CH3 — CH3CO- + CH,
d[CH,])/dt = k,[CH;CHO] [-CH3] ------ (2)
Substituting Eqg. (1) in Eq (2), we get:
d[CH,]/dt = k,[CHsCHO] (K/2ks)"* [CHsCHO]"?
d[CH,]/dt = k,, (K//2kr)"* [CHsCHO]**
ko (Ki/2k1)"% =k

d[CH,]/dt = k [CH;CHO]*?



Thus the mechanism explains the observed rate expression. It is sure that the true

rate law is more complicated than that observed experimentally.

What is Steady-State Approximation (SSA);

A——>P Simple reaction

A—>=B Intermediate
B——p

The intermediate compound forms rapidly and reacts or disappears just as

quickly; therefore:

Rate of formation of intermediate = Rate of disappearance of intermediate

| Steady-State

Example;
k 1 |'{|'_:
A I— P
1[I .
E[—' = ]Ell [:‘l ;L_) I
dt ]
Use SSA:
d[I] B
dt

ki[A] = ko[T
k1
= Il = — A
=21
d P



Example; A+B——>P
Mechanism;
A&c
ka
k2

C+B——P slow step

Rate = - d[A]/dt = k; [A]

Rate = - d[C]/dt =k, [C]

Rate = d[P]/dt = k; [B] [C] ------ 1

Using SSA;

Rate of formation of intermediate [C] = Rate of disappearance of intermediate [C]
Ki[A] = k4[C] + k. [ B] [C]
Ki[A] = [C]{ kit k. [ B]}

Ki[A]

O rem T

Substituting equation 2 in equation 1;

Ki[A] _ Kik[A][B]
Rate =k, [B]% = Rate= ==
1\_1"‘ 1\3 [ B] k_1 | 1\3 [ B]

Case 1: if k; >>Kk,[B] (This means that removing the intermediate is slower
compared to the reverse, the reaction is second order)

Case 2 : if ky[B] >> k., (This means converting the intermediate into product a

very quickly, the reaction is first order)



_ Kiky [A][B]
Rate = —l{_1+ K [B]
k1 >>ka [B] k2 [B] l|“=-?-? k1
care - KA Rate - SILLALEET
1
|
Rate =K;[A]

Rate = K[A][B] (second order reaction) (first order reaction)

K,
kit+k

where k =

KINETICS OF CONSECUTIVE REACTIONS

Consider the following series of first-order irreversible reactions, where
species A reacts to form an intermediate species, B, which then reacts to form

the product, C:

K1 B k2
. — : .
First order reaction (Intermediate) First order reaction
A-X B
B E.C
A —C

Initial conditions:

[A(t=0)] = [A],
B(t=0)] = 0
IC(t=0)] = 0

ki B i



Mass balance equation is:
[Alo = [A] + [B] + [C]
d[A]/dt = -ky[A]
d[B]/dt = k;[A] - k,[B]
d[C]/dt = k,[B]

[A]
T [C]
3| @
!
Time ——p
First-order decay of [A]:  A[AVdt=-ki[A]--—--1
INnA=-K;t+1---—--- 2
At t=0, [A]=[Al In [Alo =-Kyx 0 + I------3
| =1In [A]o

InA=-K;t+In[A]p4
In[A)/[A]o = -k t-----5
[A]=[Alo e "6
Substituting equation 6 in the equation 1, we get:
d[A]/dt = -ky[A]o e 7



Rate of formation of B:
d[B]/dt = k;[A] — k,[B] ------ 8
Substituting equation 6 in the equation 8, we get:
d[B]/dt = ky[A], €™ — k,[B]---- 9
d[B]/dt + ko[B] = ki[Alo e ™" ----10 (multiply Eq. 10 in e"™?)
{d[B)/dt + k,[B]} €™ =k [Aloe . e 11
d[Bl/dt.e™ +k,[B]. €™ =k Al,e™*". " 12
For recall;
[Al/[A]o = €™, and [B]/[B], = &** W [B],/[B] =™
[B], = [B] €™ ---13
At t = 0 the initial concentration of [B]o =0

d[B] e"® =ki[Aloe ' ¥ dt---m--emmeeeeo- 16
et JBd[B] = ki[Ao oft &~ € " dt ------- 17
Ble™ = ki[Alo ' e * ' dt -----18
Now, solve the exponential integral (for k; # k»), the right integral from eq. (18):

kl[A]O OJ't e—(kl—kZ)I dt = kl[A]O [_ (kl —kz)'l]. ef(kl —k2)t
Eq. 18 became;

[B]e"* = ky[Alp [ (ki ko) '] e~ ¥ + |- 19
Now to find I integration constant;
Att=0; [B] =0 substituting in equation 19;
0* e = |, [Alo [ (K _kz)-l]. o (KL-k2)0 4
0=ky [Alo [~ (ki —kz) 1. +1
I =~k [Alp [~ (ki — ko) ™]. €
Where ° =1;
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l=— kl [A]o [— (k]_ — kz)_l] ----- 20
Substituting equation 20 in equation 19;
[B] "% = ky [Alo [ (ki k2)"]. 6~ ¥~ ko [Alo [ (ki — ko) ] 21

[B] ™ _ g, [al[ & 1 ]
k) —ki-K)

[B] et __ki[AJo et~k _ 1]

ka-ky
Divide by "™ we get;
— (k1 —E2)
[B] _ ki [A]I} e _ 1 ]
k:-kl e—klt e—klt
_ki[Afo o kit 24T — k2t
B] = ka-ki /e,t.z/ - ]
_ kl [ﬂ]l} — kit — k2t ]
Bl = Lo
The concentration of B at k; # k, can be written as:
[B] _ ll{{]; [_-"-il-é‘ll[:| [ 'E- kit _ 'E- kat ] _____ 22

The concentration of B at k; = k, = k can be written as:
[B] =k [Alpe™ 23
Then, solving for [C], we find that mass balance equation is:
[Alo = [A] + [B] + [C]
[Alo= [Alo €™ + ki [Alo/ ko-ky (6% - &™) +[C],
Where: [A] = [A], e*" from equation 6; and [B]; = ki [Als/ ko-ky (e - &™)
from equation 22 we get:
[C]=[Alo - [A]+ [B]
[C]=[Alo— [Alo €™ + ki [Alo/ ko-ky (67" - €%

[C]=[Al {1 - ™" + ki / ko-k, € =€}
[C] = [Alo {1 - {&™" + Ky / ko-ky ™" — Ky / kp-k; €% }}
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_ B R kigklt kyekt
[C1=[Aloil={ e*t + ka-ki ka-ki b
[C] = [AJo {1 - { Yok F et -~ ket

(k2-k1)
4 p-klt 471t 4TF 1t
(€] = [A]o {1 { ke MJrM—kmL}}
(k2-k1)
- it | S— 23
[Alp = [Al:+ [B]: + [C
[A] = [Alo 76
[B] = ki [Alo/ ko-ky (€™ - ™) --—- 22
- —— 3} — 23

[Alo = [Alo €™ + ky [Alo/ ko-k; (€™ - ™) +

ko ekt _ 1y okt

[Alo=[Alo [ ™ +ki/ko-ky (e¥lt-e®) + 1~ {

(ke-ki1)

We can calculate the maximum B and maximum time by equation:
If k; #ko

k>
In—=
-k

tmax_ kE_ kl

k.
Binax =[A01(%) K-k
1

Ifk, =k,=k
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tmax = 1 /K

[Blmax = [Alo e’

Because of at t.x=1/Kk;
[B]max — [A]oe —k tmax — [A]oe —k 1/k — [A]O e -1

Notes:
o |f k, >> k;(Meaning B quickly convert to C) B does not accumulate much
and small [B]imax and tmax.
e |f k; >> k, that meaning B accumulate at long period and increased
[B]max.
Example: how much time would be required for the B to reach maximum

concentration for the reaction:
A B k. ¢
Ki=12andk,=2 [tin min]
Answer:
tmax = (In Ka/ko)* (Ky-ko)™
= (In 12/2)*(12-2) = 0.179 min

Kinetic of Parallel or Side Reactions
The reactions in which a substance reacts or decomposes in more than one way
are called parallel or side reactions.
ki
151’

N\ Ki>Ka:
100° o\\

B 60%

At t=0
[A] = [Ab
[B] =0
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If we assume that both of them are first order, we get.

ki

» B
15T l]
“."
" E:}"‘FE
t
t=t e
1 0
¥4

—d[A]/dt = k;[A] + Ko[A]
—d[A]/dt = (ki tko) [A]
Where [A]=(a—-X), [Alo=a,[B]=Yy,and [C] =z

—%(a—x) =ki(a—-x)tk(a—x)

%{+%— (ki+k)(@a—x)
=0

I_ (ki+k)(@-x)

(ﬂ—

1 X t
a_K]GZka:[t]O
1

d—X

1

d—X

- |(k1+k_)dt

[ In

—In 1
a—10

=(kit+tk )(t-0)

In

In —ln%=(k1+kz)t
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a

lna-x =(ki+k)t
-In2E =(k+k)t
In == =— (ki +k)t
a-x _ .~ (kitk)t

a

Where [A]o=a, [A] = (a-x)
[A] =e—(k1+k:)t

Al
[A] = [A]OC—(kx-*"k:)t
ki
151 *E
t=0 Y
t=t E > C
1 0
¥
d[B] _
— Al
d[B] _ . (ape (ki tk)!
y dt ¢

[dB] = | K ape etk 4
0

'\-? 1t
tl d[B] =k, [ﬂ]ﬂtl o (ki ki)t 4
0 0
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y
0

[B]

.t
=k, [A]o 'E:I o (ktlk)t dt

—X
] ™ e
Mathematically tl ¢ dx= —

o (kitk)t ¢
—(ki+k) -0

[B]=k [AD |
k; [A]o —(ki+tk)t o
Bl=———— — €
[ ] —(k1+k:)[e ]

kA o (ktk)t
[B]_—{k1+k:)[e |

__k _ ¢ (kitlk)t
[B]_(kwk:)[A]D [1-e |

— vV — kl
[B]=v T (kitk)

Al [1-¢ (it

[C] =E=L[ﬂ]ﬂ, [l_e—(k1+k:)t]
(kit+k)

[B] y ki

] Z k

Ratio of concentration of B and C is constant for all time.
If k1 > k2 then;

A — B is main reaction

A — C is side reaction
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k; 2B
Ai

3C
&
4D

1. A = Ape-kl+k2+k3)t

2k,
= Ao—A
2B k1+kz+k3[ 0 ]
2k1 5 - 1 + 12
= Ao —e (k1 k2 +k3n
o ]
-4k Ao —Ag ekl +k2+K3)t
3.D k1+k2+k3[ 0—Aoge ]
4. B _ ks _ 2k
D kp 4k;
2k,
5. %B = x 100
Lo 2k +3ka+4ks
B
T ]
Conc
A
Time——»
Effective half-life:
tie= T
1“"(1 » B 1'1;2- Jn2 a'"kl
A
T2 = To

» C T2 = In2 /k;

151‘ K]‘_
Two independent cases with half-lives; we have two processes or mechanisms

that occur together:
T1 =|n2/k1 :> kl =In2/ T]_
And T2 =In2/ k2 E> k2 =|n2/T2
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Where T is Half-life , k is decay constant
When Dboth processes occur together (active decomposition), the resulting
decomposition has a total decomposition constant:

Ks= ki + k;
Effective half-life is Ty,

Tr=In2/ki © ke=In2/T;
Kr = kitk;
In2/T;=1n2/T, + In2/T,
UTe=1T, + 1T,

According to this equation, when there are two independent decomposition
processes, the effective half-life is smaller than each one separately because the

combined influence of the two processes causes decomposition to happen more

quickly.
The Kinetics of reversible reaction
k¢
A B
kg
t=0 Ay 0
t=t Ay — X X
t=tgq Aoy —Xxe xe
[Aleg [Bleg

Rate of forward reaction = ks [A]
Rate of backward reaction = kg [B]
At equilibrium;
Rate of forward reaction = Rate of backward reaction
Kt [Aleq = Kg [Bleg
ki (Ao — Xe) = kg xe

kao—kfxe: kBXQ
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ki Ag = kg Xe + ks xe

ki Ag = (k|3+ kf)Xe

kKt Aj— e
. 0=xe = [Bleq

[Aleq = Ao —xe

Aleq=Ao-[ K¢
[Ales ? [kf+kB Ao]

[A]eq=A0 [ 1- kf ]

ki+ kg
. et kp ki
Ala=A
[ ]q 0[ kf+k3 ]
k
Aleg= A B
[ ]q O[kf+kB]
Conclusion:
© [Alg=A0 [
ke+ kg
@) [Bleg= Xt
[Bleq kr+kBA0
— AO = AO - X
kt =1In (A] o> kt=1In Ao—xeSWhere[A] Ao - xe

Xe
Xe —-x

@(ki+k3)t= In
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Expression for t1
t=t2, X =2xe/2

(ke+ ko)t 2 = In ==

Xe — xe/2
(ket ko)t = In <5
= In2
(ke+ ko)t12=In2=> typ =12
@ 0.693 ke+ ke
12 =222
ke+ ks
®B]=x
Xe
(ke+ ko)t=1n L
(kf+kb)t _ _ %€
© e —_x
Xe —x = xe o (kf+ kD)t
x— Xe _ xe o KE-kbt

[B]:XZXB_Xge_Ekf—kbjt
[A] :AD -X
[A] :AD—XE_XEET[kf—kbjt
[A] =Ap—xe [_e_l:kf—kbjt]
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What is Molecularity of reaction and how it different from

order of reaction?

Molecularity of the reaction can be defined as the total

number of reacting species in a rate-determining step. While,

the order of reaction is the summation of powers of

concentration of the reactant molecules in the rate equation of

the reaction.

Molecularity

Order

The number of ions or molecules
that take part in the rate-
determining step is known as
molecularity.

The sum of powers fo which the
reactant  concentrations are
raised in the rate law equation is
known as the order of the
reaction.

It is always a whole number

It can either be a whole number
or a fraction

The molecularity of the reaction
is determined by looking at the
reaction mechanism

The order of the reaction is
determined by the experimental
methods

The molecularity of the reaction
is obtained by the rate-
determining step

The order of the reaction is
obtained by the sum of the
powers to which the reactant
concentrations are raised in the
rate law equation.




Rate Laws and the Rate-Determining Step

Take the following example of a gas phase reaction:
CO +NO, — CO,+NO
If this reaction occurred in a single step, its rate law would be:
Rate = k [NO,] [CO]
However, experiments show that the rate equation is:
Rate =k[NO.J*

The fact that the experimentally-determined rate law does not
match the rate law derived from the overall reaction equation
suggests that the reaction occurs over multiple steps. Further,
the experimental rate law is second-order, suggesting that the
reaction rate is determined by a step in which two NO;
molecules react, and therefore the CO molecule must enter at
another, faster step. A possible mechanism that explains the

rate equation is:

slow

ZNO2(g) —— NO(g) + NO3(g) Elementary step 1

NO3z(g) + CO(g) Lﬂ}»ﬂ-@ﬂg) + COz2(g) Elementary step 2

NOz2(g) + CO(g) — NO(g) + CO2(g) Overall reaction

The rate reaction law was taken from slow step:

Rate =k[NO,T?



Since the first step is the slowest, and the entire reaction
must wait for it, it is the rate-determining step, that

determines how quickly reactants can become products.

If the first step in a mechanism is rate-determining, it is easy
to find the rate law for the overall expression from the
mechanism. If the second or a later step is rate-determining,
determining the rate law is slightly more complicated. We will

explore how to write that rate law later.

Slow Step Followed by a Fast Step

As discussed in the previous concept, if the first step in a
reaction mechanism is the slow, rate-determining step, then
the overall rate law for the reaction is easy to write, and
simply follows the stoichiometry of the initial step. For

example, consider the following reaction:
Ha) + 2IClg) —TIzq + 2HCly
The proposed reaction mechanism is given as follows:
(1) slow reaction: H, + ICI—-HE + HCI rate; = ki[H>][ICI]

(2) fast reaction : HE + ICI>TI,+HCl rate, = ko [HI[ICI]

Overall reaction; Hz(g) + ZICI(Q)HIZ(Q) + ZHCI(Q)

Since the first step is the rate-determining step, the overall

reaction rate for this reaction is given by this step:



rate = k [H2][ICI]

As it turns out, this rate law has been verified with

experimental evidence.

Fast Step Followed by a Slow Step

If the rate-determining step is not the first step in the
reaction mechanism, the derivation of the rate law becomes

slightly more complex. Consider the following reaction:
2NO) + Oz(gy—2NOz()

The proposed mechanism is given by:

k1
(1)Stepl, fast: NOy + NOyg, =2 I’{ég{gj rate,=k[NOJ*
k. equilibrium

k
(2)Step2, slow: %] + Dz,;g;.—z’ 2NO;;  ratex=k;[N:0][O:]

Overall reaction; 2NO(g) + O2(g—2NO2(

Step two is the slow, rate-determining step, so it might seem
reasonable to assume that the rate law for this step should be
the overall rate law for the reaction. However, this rate law
contains N.O,, which is a reaction intermediate, and not a final

product.

rate; = k2[N20,][O>]



The rate law cannot contain any intermediates, because the
rate law is determined by experiment only, and such
intermediates are not observable. To get around this, we need
to go back and consider the first step, which involves an
equilibrium between NO and N,O,. At equilibrium, the rate of
the forward reaction will equal the rate of the reverse

reaction. We can write this as follows:
rate =k{{NO7J*
rate = k.1[N.O;]
at equilibrium;
kiINOT = k4[N;0,]
Rearranging for [N.O:], we have:
[N2O;] = ki [NOT?/ k4

We can now substitute this expression into the rate law for

the second, rate-determining step. This yields the following:
Rate = ky(ki/k-1)INOJ[O2] = k [NOJ[O;]
Where k = ka( ki/k-1)

This overall rate law, which is second-order in NO and first-

order in O, has been confirmed experimentally.



<» How do we determine the slow or fast step?

There are multiple ways to find which step is the slow/fast

step without it being given to you.
1) Look at k. The smaller k is probably the slower step.

2) Look at the activation energy (E,) for each step. The step
with larger activation energy is the slower step (as the
fraction of collisions with enough energy to react will be
smaller - activation energy requirement is higher) this derives

from the Arrhenius equation:

k=A* eA(—Ea/RT)

Where A and R are constants, T = temp, and E, = activation
energy. As you can see, as Ea increases, k decreases. Thus, the

higher the E,, the slower the reaction rate.
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4 dal) 48 Je i
Zero-Order Reactions (n=0)

Zero order reaction means that the rate of the reaction is proportional to

zero power of the concentration of reactants.
A i Jara dad o 55V 5N B Baly 3N il 1Y) Ay phaal) A0 (e Jell) ¢S
Je )

A — products

OsSH Je ey Sl e e leliiall o Jay 138 &y jieall 45 el (e IS 131 o3l Jelal
&l ) e guall gl Baclusall Jal g2llS a8 Sige @llia G Y Aabaall (e e 3l
el

Rate does not change with concentration.

For a zero order process, the rate law can be written:

R > P
at t=0 [R]o 0
at t=t [R] X

R: reactant and P: Products
Where; [R]o is initial concentration of reactant.
Alelial) salall Sai¥) S il
X Is concentration of products.
Ale i) salall cpe Algivadd) 58 5 Jiay o) cAailill salall 38 i
[R] is the remaining of the concentration of the reactants
Alelaial) sald) 38 13 e rila

Now consider the reaction:




As any quantity rose to power zero is unity

d
Rate = 4Rl =k x 1
dt
d[R] = - k dt
Integrating both sides
[R]=-kt+1

Where , | is the constant of integration.
At (t = 0), the concentration of the reactant R = [R],, where [R], is initial
concentration of the reactant.
Substituting in equation
[R]=-kt+1

[Rlo=-k*0+1

[Rlo=1

Substituting the value of | in the equation

[R]=-kt+1

we get
[R]=-kt+[R]o

[R]=[R]o - Kt
Comparing with equation of a straight linec y = mx + c, if we plot [R]
against t, we get a straight line (Fig. below) with slope = -k and
intercept = [R]o.
Further simplifying equation:

[R] = [R]o - Kt
We get the rate constant, k as

K=[R]o-[R]/t



[R] = [R],—kt
intercept =[R],

v

—

slop =—k

Concentration of R

o

Time =—

Zero order reactions are relatively uncommon but they occur under
special conditions. Some enzyme catalyzed reactions and reactions which
occur on metal surfaces are a few examples of zero order reactions. The
decomposition of gaseous ammonia on a hot platinum surface is a zero
order reaction at high pressure.

1130K

.2NH3 g — Nz g +3H2 g

Pt catalyst
Rate = k [NH,]° = k

In this reaction, platinum metal acts as a catalyst. At high pressure, the
metal surface gets saturated with gas molecules. So, a further change in
reaction conditions is unable to alter the amount of ammonia on the
surface of the catalyst making rate of the reaction independent of its
concentration. The thermal decomposition of HI on gold surface is
another example of zero order reaction.

First Order Reactions

In this class of reactions, the rate of the reaction is proportional to the first

power of the concentration of the reactant R. For example«

R—P
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Rate = dR:kR

dt

-d R
= —Jedi
or R

Integrating this equation, we get

In [R] =-Kt + 1
Again, | is the constant of integration and its value can be determined
easily.
When t = 0, R = [R],, where [R], is the initial concentration of the
reactant.

Therefore, equation

In [R] =-Kt + 1
We can be written as
In[Rlo=—-kx0+1
In[R]o=1
Substituting the value of | in equation
In [R] =-Kt + 1

we get
In[R] = -kt + In[R]o

Rearranging this equation

or

At time t; from equation In[R] = -kt + In[R],
In[R]1=- Kty +In[R]o
And time t,
In [R]2=- Kt + In [R]o
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where, [R]; and [R], are the concentrations of the reactants at time t; and
t, respectively.
Subtracting In[R].=-Kt; +In[R]o from In[R];=-Kt; +In[R]o
We get
In[R]:— In[R], = — kt; — (—kt;)
In [R]/[R]> = K(t>ty)
K=1/(t>-t1) In[R]/[R]2

Equation In[R] = -kt + In[R]° can also be written as

In[R]/[R]o=-kt
Taking antilog of both sides

[R]/[Rlo=e-'

[R]=[R]oe™

Comparing equation In[R] = -kt + In[R]® with y = mx + c, if we plot
In [R] against (t ) (Fig. below) we get a straight line with slope = —k and
intercept equal to In [R]0 The first order rate equation (10) can also be
written in the form
K =2.303/t log [R]o/ [R]

log [R]o/ [R] = (K t) /2.303
If we plot a graph between log [R]%[R] vs t, (Fig.below) «the slope =
k/2.303
Hydrogenation of ethene is an example of first order reaction.

C2H4(9) + H2 (g) — CaHe(9(

Rate = k [CoHy[

All natural and artificial radioactive decay of unstable nuclei take place

by first order Kkinetics.
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o et
log =
In[R] = -kt + In[R], TR 2.303
In[R,] T
k = - slope
[|
& = Slope = k/2.303
E E ope = )
oL
0 Time ——> 0 Time ———>

Example

The initial concentration of N,Os in the following first order reaction
N2Os(g) = 2 NOy( + 1/20; )

was 1.24 x 102 mol L* at 318 K. The concentration of N,Os after 60

minutes was 0.20 x 10 mol L™.Calculate the rate constant of the

reaction at 318 K.

Solution: For a first order reaction

log (R k(t, —-4)
[R] 2.303
- 2.303 loe LR

K = (t,-t,) "IRl
2.303 log 1.24 %102 mol L
-~ (60min—O0min) ~ 0.20x102 molL!
'2.303

— = " log6.2min!
60 )

Jc = 0.0304 min’!
Let us consider a typical first order gas phase reaction
A(g) — B(g) + C(g)
Let p; be the initial pressure of A and p;the total pressure at time ‘t’.
Integrated rate equation for such a reaction can be derived as Total

pressure
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Pt = Pa + Ps + Pc (pressure units)
Pa, Ps and pc are the partial pressures of A, B and C, respectively. If x
atm be the decrease in pressure of A at time t and one mole each of B and

C is being formed, the increase in pressure of B and C will also be x atm

each.
Alg) — B(g) - Clg)
At t=0 p, atm 0 atm 0 atm
At time ¢ (p,—x) atm X atm X atm

where, p, is the initial pressure at time t = 0.

pp=p-xX+xX+xXx=p +X

x=(p -p)
where, p. =p,-X=p - (p. - p)
=2p, - p
s - \
_ [2.303 J[IOQ&J ........................... 16
t Pa .

2.303 D,
_ log — ;
t (2p, — py)

Example
The following data were obtained during the first order thermal
decomposition of N,Os (g) at constant volume:

2N,0, ¢ - 2N, 0, ¢ + O, g

S.No. Time/s Total Pressure/(atm)
1. 0 0.5
2. 100 0.512

Calculate the rate constant.

Solution: Let the pressure of N,Os(g) decrease by 2x atm. As two moles
of N,Os decompose to give two moles of N,O4(g) and one mole of O, (g),
the pressure of N,O, (g) increases by 2x atm and that of O, (g) increases

by x atm.
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2N,05 g 2N,0, g O, g

Start t =0 0.5 atm 0 atm 0 atm
At time t (0.5 - 2x) atm 2x atm X atm

p, = -pmzoS + Pn,o, T Po,

=05-2x) +2x+x=0bH+Xx
x p, 05
Pno. = 0.5 - 2x
= 0.5-2 (p- 0.5) = 1.5 - 2p,
At t =100 s: p, = 0.512 atm

Pno. = 1.5-2 x 0.512 = 0.476 atm

Using equation (16)

2.303 p,  2.303 0.5atm
= log = log
t " Pa 100s ~0.476atm

2.303
100s

ke

x0.0216 =4.98x10*s7!

Half-Life of a Reaction

The half-life of a reaction is the time in which the concentration of a
reactant is reduced to one half of its initial concentration. It is represented
as ty.

For a zero order reaction, rate constant is given by equation:

[Rlp -[R]
t
Att=t,5. [Rl=

Ik =
1

5 [R]

The rate constant at t,,, becomes

[Rlg—1/2[R]g
lL'l,-’E

LA

1/2 — 2k

k=
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It is clear that t;, for a zero order reaction is directly proportional to the
initial concentration of the reactants and inversely proportional to the rate
constant.

For the first order reaction

at t =t,, [RI]

So, the above equation becomes

=2.303 log R
by 2 RD/Q

ke

2.303

or tlf’ﬂ = ngQ

2.303

/o = 0.301

0.693
T

Or

[A]u;z = 2[A],

MO (torr)

Pressure, CH.

A
For a 15t order ln[ ]** a—
[ 4],
A A1 A
]ﬂ[ ]-r ]DM ]ﬂl
[A], [A], > 2 0693

fia =~ - k k| Ok



16

It can be seen that for a first order reaction, half-life period is constant,
I.e., it is independent of initial concentration of the reacting species. The
half-life of a first order equation is readily calculated from the rate

constant and vice versa.

Ag

[A]

First-order reaction

- Zero-order reaction

pe'

Slope = —kt

Time
For zero order reaction t;, « [R]o. For first order reaction ty, is
independent of [R]o.
Example
A first order reaction is found to have a rate constant, k = 5.5 x 10 s,
Find the half-life of the reaction.

Solution: Half-life for a first order reaction is

0.693
tl,fz = I
| . 0.693
Lr2 = 5510 Ms

= 1.26 x 10%s
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Example

Show that in a first order reaction, time required for completion of 99.9%
Is 10 times of half-life (t;,) of the reaction.

Solution: When reaction is completed 99.9%, [R], = [R]o — 0.999[R]o

2.303 log R],

=7 [R]
'2.303 [R], '92.303
_ lo _ = 3
=t IRl -0.999[R], - log10

t =6.909/k

For half-life of the reaction

t,, = 0.693/k
. |

ot =6.909>< Ic 10
o Ic 0.693

Table below summarizes the mathematical features of integrated laws of

zero and first order reactions

Table : Integrated Rate Laws for the Reactions of Zero and First Order

Order  Reaction Differential Integrated Straight Half-  Unitsof k

type rate law rate law line plot  life
0 R-P dRl/dt=-k | kt=[Rl[R] | [Rlvst [Rl,/2k | conc time"
or mol L's™
1 R-P dR/dt = -KR] | [Rl=[Rl,e* | nRlvst | In2/k | time'ors™
or kt =
In{[R],/IR]}




18

Example for order reaction calculated:

Consider the table of initial rates for the reaction: 2ClO, + 20H" — ClO;" + ClO," + H,O.

Experiment [C10;],, mol/L [OH"],, mol/L Initial Rate, mol/(L " s)
1 0.050 0.100 575x107
2 0.100 0.100 230 x 107
3 0.100 0. 050 1.15x 10"

a. Order with respect to Cl1O,:

b. Order with respect to OH'

¢. Rate law for this reaction:

d. Value and units for the rate constant:

Answer:
rate, k[CIO,"[OH T rate, k[CIO,]"[OH T,
rate,  k[CIO,]"[OH T’ rate,  k[CIO,1"[OH ]!
0.230 _ 0.100" 0.230 _ 0.100™
0.0575 0.0500™ 0.115 0.0500™
4=2" 2=2"
2 =m, so order is 2 1 = n, soorderisl
a. Order with respect to Cl1O,: 2
b. Order with respect to OH: 1
c. Rate law for this reaction: so, rate = k[ClO,]'[OH" ]!
d. Value and units for the rate constant: k=230 —£

mol? -5
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Consider the table of initial rate for the reaction between hemoglobin (Hb) and carbon monoxide.

Experiment [HB],, pmol/L [CO],, pmol/LL | Initial Rate, pmol/(L - s)

1 2.21 1.00 0.619
2 4.42 1.00 1.24
3 3.36 2.40 2.26

Order with respect to HB:

b. Order with respect to CO:

¢. Rate law for this reaction:

d. Value and units for the rate constant:

Answer:
rate, k[HB]'[COT! rate,  k[HB]'[COY:
rate,  k[HB]'[COY’ rate, k[ HB]"[CO]’
1 n
1.24 442" 2.26 3.36  2.41
pr— S =
0.619 221" 0.619 221" 1.00"
2=2" 24=24"
1 =m, so the orderis 1 1 = n, sothe orderis 1
a. Order with respect to HB: 1
b. Order with respect to CO: 1
c. Rate law for this reaction: so, rate = k[HB]'[CO]"
d. Value and units for the rate constant: k=028 —=£ _
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Third order reaction 3nd

In general, a third order reaction can be represented as:
(LS AU A5 jall (e Jeldl Jiiad (S ¢ ple JS0

» 3A — Products (when a reaction involves only one reactant)
» 2A + B — Products (when a reaction involves only two reactants)
> A + B + C —Products (when a reaction involves three different

reactants)

Case (I) : When a reaction involves only one reactant or when all the

reactants have same initial concentration ([A] =[B]=[C]:

Consider a general third order reaction:
o COle i) maad 65 Ladie sl Jad s 5 Je i 3ale Jeliill ey Ledie () Aa)
[A] = [B] = [C]) I5¥ 5S4
AN A0 e alad) Je il o jliie) b g
A + B + C — Products
3A — Products

The rate law applicable for a third order reaction at time (t) is given by

L (1) <)) 8 AN Al Jelis e Bakaal) Jeliill ey Jana oy 538 ol o3



dx _ 3
pn =K (a-x)

Rearranging the equation, we get;

dx

(ax)’ =K dt

Integrating the equation between proper limits, we get;

[ dx = [kat
J@x)® .

- = Kt+I
2(a-x)?

When (t = 0), (x = 0), where x is the initial concentration of the reactant.

Therefore, equation can be written as

L_-k*0+T
2(a-0)?
r=_1
2a?
1 + 1_

= KT
2(a-x)? K 242

1 . 1 1
]

=2t laxp " 2a

This is the expression for the rate constant for third order reaction with

equal initial concentration of reactants.



Units of rate constant (k):

lit.molesec™, lit2.mole®min®, littmole® hour?, Ilit>.mole?day™

lit*.mole?year™

The value of rate constant (k) is depends on the units of concentration

used. This is because the rate equation involves the term of concentration.

Jaee dabaa ¥ Aeodiuall 3 Al Gilaay e il (K) deldll de pu Jame 0l dad

For a third order reaction (with equal initial conc.), a graph of 1/2(a-x)*

vs. t is a straight line, the slope = k and intercept =1/2a°

o e 172(a-X)? O Al ans il i ¢ (Sl sl 38 ) AN A8 pall Jelis
(X) Dz Sle (1) il dad 5 (y)

1 LA

=Kt
2(a-x)? K 2a?

2(a-x)? slop= K

1
} 2a?

Half-Life of a 3rd order reaction, where [A] = [B] = [C]

Concentrations from the equation,

1 L 1

—— = K*t
2(a-x)? K 242



At t=t, and x=a/2

1 1
Kty = ( _%}2 > a2
1 1 1.1 1
T2 = K [ 28y g2 1>tz = k [ 22 22 ]
2 4
1. 4 1 __3
ti2 _I[ > 2a 1>t = 2 ka?
» Case (Il) , where [A] # /B] # /C]
A + B + C — Products
t=0 a b C — 0
t =t @x) (bx) (x) —  x
dX _1 (a-x)(b-x)(c-x)
dr -
dx
(a-x)(b- x}(c x) - kdt
[ (a- x}(b X)) I dt
L__jpexy, L jn(bxy sl in(eX)= ke

(@b)ac) - a ' ba)be) b ° (c-a)(c-b)

X|o
0
—
E —_
*
—
%]
¢ o
O
S
O —_ S'Op=k
= '?
U <
+ ~—t
— H?
X O
| g
S —
—
E +
) t
i
[w]
—|=
o
[w]
~—




» Case (IlIl) , where [A]=[B] # [C]
A+ B+ C— Products

2A + B — Products
A+ 2B — Products
dx/dt = k (a-x)(b-x)(c-x)
Where a = b; (a-x) = (b-x)
(@x) (b-X) = (a-x)*
dx/dt = K (a-x)? (c-x)
Rearrange the following equation above we get:
dx/(a-x)? (c-x) = kt
Integrating both sides

X dx t
———— =k | dt
0 (a-x)?(c-x) .[u

1 x(c-a) . c(@-x) \1= Kkt
(c-x)? a(a-x) In a(c-x) )]

_x}
x) )]

1 x(c-a) c(@-x) 7 = kt
(c-x)? : a(a-x) 'n(u(c-x}}]

c(a
a(c

+ In(

x(c-a)
a(a-x)

slop= k

1
(c-x)




¢ Methods for finding the reaction constant and reaction order for
simple reaction
1. Differential Method
dx/dt = kc"
Where c is reactant concentration, n is order reaction
Log(dx/dt) = log (kc")

log rate =logk + nlog c

log rate = logk + n log ¢

_
/ slop = k

e

log rate

} log k
log ¢
2. Half-Life Method
fos a al‘”
tos = C al_n

log tos = log C + (1-n) log a

log to5 = log C + (1-n) log a

slop = 1-n

'Og tos

log a
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GENERAL IDEAS OF CHEMICAL KINETICS
Jrsaill 481 pal) Bl 48y 4 ggun Sy (AlanS J3ad Egan die A5 elualin sa il iy
s dille e Jelds b (6 Laxie 5 &) Jelall 5 all 28Ul 5 Jal) dpdlisl Jie
S8 AT imay s A8 5 ) gamy Gaany o (S Jsail) (a Aleliiall o gall Zila (e (éal
Jelill &gan AlSa) e Sl aad of Sy (pme Jelinl 38) ) 5 pall 28Nl s
) 4% san AilSa) axe 51 (AG = 0 )(msSae) U sie 0sS of 5 (AG < 0) 2l 5 ) gy
3 gall A8L) Ailadll Alladly Jadd (3lati 3Saalind s il Jsall @l xS aea < (AG > 0
Gkl ABle Al Galy leal) Jelall (Eailill o sall 8Ua) dleall sl (Ale i)
Al Jelail) Siad calaill o oy i Jeliil) 48 jxiu @A (el 5l o sl

Ha + 1/20,q = H,0yy ; AH® = -285 kJ/mol , AG"= —237 kJ/mol

5olall Aa 0 (e Apalall Ja g 8 die Jeldll B e G 5 ) gumy sy o Gy ia)
3 saay Caany 41 V) Al ¢ oy Jeliill G of ol g Bae ey gl hasy Y daraall
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25 ol Aelisdl 35l i s Gl G ol B (S e 1Y) LSy
435 and ¢aeS Y15 Con s el asl 5 00 A8 G Cum 3 jd e e dlle Ailh ) lisg
OF Ailesll LS jall Al caal janeS ol Jaay N sl e 490 kd/mol
Al )2 ¢ san g (o Jelaill ol g ) Alelial) o) sall Ja Lgas sas oy ) AlasSl) A leall
353 13 de pull oda 8 55 i) o g il g Jeliil) Ao apaay K33 3 5 dilial AS
o any GBS Ll Jelill Aiasiive 4 50 g8 ALaSl A8 pall g gunge (a2 Laa
S i e S al) il uedl) (p A8Nall dlag g e Jeléll A1 gy cdag il iy a3l

lagunl da i AL 58  Aalandl A8 5 il Lital) ol all



Molecularity of a reaction Je i) 4y 5
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deldlll 4 clleldiall 4y jia o€ sind) Cladll g gane 381y s 5 ¢ Jol Jeliie) ja)
Aoyl soaaal) dla jall aaad e A ge O 585 A @l a2 ) 5L Ll o AW
ss ol sl Jelall (o & o (S Dleall 84S i) iy sall aae e Talaie ) 5 Je il

sl (SN gl el A

Oy adbay (Jeldill 8 ki aaly ey 4 &Ly Jelii e all gaal Jelal)
B Ny el Jeliil) a5 ssal) S Jelii b Gandl Legany ge (pleliia
e 6 shaii LY Gaud 3500 4y jall el ) o34 5 3aal 5 405 5 5had & Alelite iy o

U s g g« C_);.al\ e&‘}“@(’_ﬂ_uﬁ P QA\)".'\A\ ?‘MY‘

Chemical Reaction Molecularity

PCl5 — PCl3 + Cl2 Unimolecular

2HI — H2 + 12 Bimolecular

2SO2 + O2 — 2SO3 Trimolecular

NO + O3 — NO2 + O2 Bimolecular
2CO + O2 — ZCO2 Trimolecular
2FeCl3 + SnCl2 — SnCl2 + 2FeCl2 Trimolecular

saal g5 sha 8 dhasy Lo JS () (gl ¢ Jad saal g 3 ghad & Caomy 3 ALasS)) Jelidll o)
sl Jeli any
PCls — PCl;3 + Cl,
Jlira Slelss ST ol (4 ghad (e Gl Canny 3 AlasSl Je il oy Laiy
2NO() + Oz — 2NOz(

$shd (S Jelil) LSS 5l Al dae Joli LA (pa iaay 3 &l sladll Julid ans


https://ar.wikipedia.org/wiki/%D8%A7%D9%84%D9%83%D9%8A%D9%85%D9%8A%D8%A7%D8%A1
https://ar.wikipedia.org/wiki/%D8%A7%D9%84%D9%83%D9%8A%D9%85%D9%8A%D8%A7%D8%A1
https://ar.wikipedia.org/wiki/%D8%A7%D9%84%D8%AC%D8%B2%D9%8A%D8%A6%D8%A7%D8%AA
https://ar.wikipedia.org/wiki/%D8%A7%D9%84%D8%AC%D8%B2%D9%8A%D8%A6%D8%A7%D8%AA
https://ar.wikipedia.org/wiki/%D8%AA%D9%81%D8%A7%D8%B9%D9%84_%D8%A3%D9%88%D9%84%D9%8A
https://ar.wikipedia.org/wiki/%D8%AA%D9%81%D8%A7%D8%B9%D9%84_%D8%A3%D9%88%D9%84%D9%8A
https://ar.wikipedia.org/wiki/%D9%82%D9%8A%D8%A7%D8%B3_%D8%A7%D8%AA%D8%AD%D8%A7%D8%AF%D9%8A%D8%A9_%D8%A7%D9%84%D8%B9%D9%86%D8%A7%D8%B5%D8%B1
https://ar.wikipedia.org/wiki/%D9%82%D9%8A%D8%A7%D8%B3_%D8%A7%D8%AA%D8%AD%D8%A7%D8%AF%D9%8A%D8%A9_%D8%A7%D9%84%D8%B9%D9%86%D8%A7%D8%B5%D8%B1
https://ar.wikipedia.org/wiki/%D9%85%D8%B9%D8%AF%D9%84_%D8%A7%D9%84%D8%AA%D9%81%D8%A7%D8%B9%D9%84
https://ar.wikipedia.org/wiki/%D9%85%D8%B9%D8%AF%D9%84_%D8%A7%D9%84%D8%AA%D9%81%D8%A7%D8%B9%D9%84
https://ar.wikipedia.org/wiki/%D9%85%D8%B9%D8%AF%D9%84_%D8%A7%D9%84%D8%AA%D9%81%D8%A7%D8%B9%D9%84

ol i shadll 8 o0, Jlasd oy ¢ JUall Juss e
Overall Reaction: H,0, — H,0 +1/20;
Step 1. H.O0,— H,0 +[O] Slow
Step 2: [O]+[0]— O Fast
oMol JUEl 8 e 138 5 Jelill de ju Jara 2353 (50 A( Slow Step) Zadad) & skl
sl sal s Jelall Ml g Jelail) 4y ja aaad (e o (A 5¥) 5 skall ()

Notes:

- Molecularity is a theoretical concept.

- Molecularity cannot be zero, -ve, fractional, infinite
and imaginary.

- Molecularity cannot be greater than three because
more than three molecules may not mutually collide

with each other.

=cUaaMa
(b o sede A sl -
Shesaine e dad g RS Al Al Db el oS8 of oSa Y -
lgaany aadaiai ¥ o8 il a A6 e SISOV A6 e ST A 3all 058 of oS Y -
There are some chemical reactions whose molecularity appears

to be more than three from stoichiometric equations, e.g.
COllaall (pe AW e SET Liliia OF s G ALeSl COlelll pasy @llia
Juall dasw e ¢ 4y yia Sl

ZNOZ + Fz — 2N02F



The proposed mechanism is:
Over all reaction:
Step 1:
Step 1:

The reaction is bimolecular.

ZNOZ + Fz — 2N02F
NOZ + Fz - NOz +F
NOz +F — NOzF

Slow

Fast

GENERAL IDEAS OF CHEMICAL KINETICS

Outline: Kinetics

Reaction Rates

How we measure rates.

Rate Laws

How the rate depends on
amounts of reactants.

Integrated Rate Laws

How to calculate amount left
or time to reach a given
amount.

Order of Reactions

How we measure order.

Half-life

How long it takes to react
50% of reactants.

Arrhenius Equation

How rate constant changes
with temperature.

Mechanisms

Link between rate and
molecular scale processes.

Rules of logarithms

log (1)=0 In(1)=0

log (10) =1 In(e)=1

log (100) =2 In (e®) =x
Log (10%) =x

log A* = xlog A In A*=xln A

- AV Ay

log[ A leog[iJ :xlog[il

= B . B .

A
log(AB) =log A +log B log[ — |=logA —logB



» Typically a plot of [A] or [B] vs. time will not yield a straight line,
but instead a curve; concentration vs. time curve.
Consider the difference in shape of concentration vs. time curve for

reactants & products.
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Reaction Rate: The change m the concentration of a reactant or a
product with time (M/s).

Reactant — Products

A -5 B
change mn number of moles of A
Average rate = — = — Reactant
change mn time
Almoles of A AlA Al -[A
Rate = { }=_ (Al _ 11 1[: [
At At 2= E

change in number of moles of B
change mn time

Average rate =

A(moles of B)  A[B] _ [B]. - [B],
B At oAt -t

Rate Products

[A] = molar concentration of reactant
[Al, < [A]
rate of consumption of reactant

[B] = molar concentration of product
[Bl, = [B]
rate of formation of product

Rates of reactions can be determined by monitoring the change in

concentration of either reactants or products as a function of time t.
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[A] = concentration of reactant A

[B] = concentration of product B
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v" Reactions are reversible, so as products accumulate them can begin
to turn back into reactants.

v' Early on the rate will depend on only the amount of reactants
present.
v We want to measure the reactants as soon as they are mixed.
v" The most useful (and general) way of measuring the rate of the
reaction is in terms of change in concentration per unit time...
Rate = - A[A]/At
Rate = A[B]/At
Most Common Units... Rate = M/s = mol.L™.s™

Where Molarity (M) = moles/Liter.
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Consider the decomposifion of N,O; to give NO, and O,:
2N,05(g)— 4NO,(g) + O,(g)

Concentration (M)

Time
(s) N,O; NO, O,
0 0.0200 0 0
100 0.0169 0.0063 0.0016
200 0.0142 0.0115 0.0029
300 0.0120 0.0160 0.0040
400 0.0101 0.0197 0.0049
500 0.0086 0.0229 0.0057
600 0.0072 0.0256 0.0064
700 0.0061 0.0278 0.0070
reactants products
decrease with increase with

time time

Factors Affecting Reaction Rate Constants:
Factors that Affect the Reaction Rate Constant
1. Temperature: At higher temperatures, reactant molecules have more
Kinetic energy, move faster, and collide more often and with greater
energy
e Collision Theory: When two chemicals react, their molecules
have to collide with each other with sufficient energy for the
reaction to take place.
e Kinetic Theory: Increasing temperature means the molecules
move faster.
o Generally, as temperature increases, so does the reaction rate, this
Is because rate constant (k) is temperature dependent.
el Slo dleliiall Gl jall (5 5iad ¢ dadi yall 5 ) all Sl ja i3 all As o
ST A8y 5 s e S (B palialig ¢ gl IS0 et ¢ S all Zahall (e
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2. Concentrations of reactants
e As the concentration of reactants increases, so does the likelihood
that reactant molecules will collide, in other hand, concentration
affects reaction rate constant.
(g ¢ Alelaial) salal) Gy ja aobial Jlaial ala ¢ ddelaiall o gall 38 3334 ) ae
Jelall Jama el e 58 5l gy ¢ AT 4als
3. Catalysts

Speed up reactions by lowering activation energy.

¥ 3

ENERGY | /N4 Activation Energy
without catalyst

Activation Energy
with catalyst

Products

PROGRESS OF REACTION

4. Surface area of a solid reactant
More area for reactants to be in contact
Juas) te o sSil Alelaal) af gall ST dalua
5. Pressure of gaseous reactants or products
Increased number of collisions
Gilalalaia¥) aae ala 3 Jazcall 330
Here’s another way of looking at reaction rates...

For same reaction above:
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2N,05,, 2 4NO,,, + Oy,
Notice that for every 1 mole of O, that appears, 4 moles of NO, will
also appear. In the meantime, twice as many moles of N,Os will be
disappearing as moles of O, forming. Changes in concentrations of the
reactants and /or products are inversely proportional to their
stoichiometric proportions. This means that the rate of the reaction

could be written like this:
Rate = =2 A [N,O: /At = Y A[NO,J/At = A[O,]/At

* (Notice the negative sign on the rate of [N,Os] reminds us that it
Is disappearing.)
o Jelil) SYane i laill s sl A8y 5l )
Jelall

NO, & (e Y g0 ¢ Wyl jelainn ¢ 46y O & (e Jse ) IS Jilie 4l Laa
0, &¥ g e Jia NyOs & ¥ e 2 Coma Edw ¢ Al Gane S
Lgansd e Lo i A3 i /5 e Liiall o) gall ol 3€ 3 8 il il 45 Sl

r Sl sl e Jeldil) Aoy Jane BUS (a4l iy 128 LIS

Rate =~ A [N,O.J/At = Y A[NO,J/At = A[O,]J/At

(s Ll LS [N,O5] Jame Ao &Ll 5 ,Lay) JaaY) *
¢ Reaction Rate and Stoichiometry:

In general for the reaction:

aA + bB — cC + dD

Rate = —LM: _lﬂ:i&[(’] :iﬂ[D]
a At b At c At d At
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Reaction Rate Laws:
Rate law — equation that shows the dependence of a reaction’s rate on
concentration.

OS5 e Jeliil) e Jane dldie) a8 ) Alaladd) - Je il de o Jane (o 5il8

For the general reaction:

aA + bB — cC + dD
Rate = k [A]™[B]~

m and n — order of reaction with respect to A & B, determined from
experiment. Typically small, positive, whole numbers. Negative numbers
and fractions are possible.
Note: for a reaction, the rate law must be determined experimentally.
- The proportionality constant k is called the rate constant.
if m =1, the reaction is 1% order in A
if n = 2, the reaction is 2" order in B
overall order of the reaction=m+n
A ga g daania slacf 22U 5 4 i) e 2aad ¢ A & B o Bl Lasd Jelilll 4 - s m
A AL okl g dlac YY) Adlial Bale 3 yiras
Lot Jeldill de s Jare 058 daat gy Jelaill ddaadle
Jelil de o Jane call e K cansliill cui -
A salall il 6V da ol e Jeladll S e 1 = m <l 1)
B salall 4l A0l da jall e Jeldill 6o ¢ 2 = n cwilK )
n+m = aladl Jeladll 4
> Reactions of the same overall order will have similar

characteristics.
Agliie pailiad Lo () S Aalall 4 yall (i @l i) cle )
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Specifically we will discuss 0, 1%, 2" and 3" order overall reactions.

* To generalize, for the reaction

YooY ) g daladl ca )l Ol aaadll aa g Je 8l

Type Elementary Reaction Rate law
Unimolecular A = products Rate = k[A]
Bimolecular A + B = products Rate = kK[A][B]
Bimolecular 2A = products Rate = k[AJ

Termolecular

A + B + C = products

Rate = K[A][B][C]

Termolecular

2A + B = products

Rate = k[A]’[B]

Termolecular

3A = product

Rate = k[A]’

A rate law describes the dependence of the (forward) rate on the

concentrations of reactants.

Alelaial) o gall 380 5 e Jazall dlaie) Jelélll de ju Jaza (518 Caiay

1. For an elementary reaction (and ONLY for an elementary

reaction), the rate law can be determined by simply looking at the

balanced equation and using common sense. Below is a table of

every possible elementary reaction.

Rate = k[A]™

) Bl 3 e Jaxall 58 aasd Kay ¢ (i Y delall ) V) Jelall dually
Daine Aol Jelii IS5 Jgas obial aa 5y Aaliadl 5 kil aladind 5 45 ) siall dalaal

2. For a reaction with two reactants (A and B), the rate law is:

Rate = k[A]"[B]"

toa Jaall 58 0S5 ¢ (B 5 A) Oaleliia (e o 5Siall Jelaill 4l | ¥




13

Complete the table for the elementary reactions above:

Elementary Reaction

Order with respect to. . .

Overall Order

A B C
A = products First - - First
A + B = products First First - Second
2A = products Second - - Second
A + B + C = products First First First Third
2A + B = products Second First - Third
3A = product Third - - Third

Concentration and Rate
+ Rate laws are always determined experimentally.
» Reaction order is always defined in terms of reactant (not product)

concentrations.

> The order of a reactant is not related to the stoichiometric coefficient of

the reactant in the balanced chemical equation.

< &
®a

F, (@) 42310, (9) — 2FCIO, (9)

rate = k [F2][CI02@

» In general, rates of reactions increase as concentrations

increase since there are more collisions occurring

between reactants.

» The overall concentration dependence of reaction rate is

given in a rate law or rate expression.
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-Order of Reactions JsWil 43

oo LSS Aelad) o gal) 5805 Ao Lty lalade) adiad Jel@l) de yu Jame ) 2y 8
OOleladl)

s Al Jelall 4ally
A ——> Product
AV A (53 (A) Alelitd) salall S 55 iy (midsy Jeliill de g Jara () 2a3
ra[A]

Gy 4006 D0aS g 5 Al sdlay) (S (o) A yad S g el Ly de pull i S
o 28 4K g dme Ale Lita 3okl

ol i L Gl Aol o) sl 5815 ol () A saeal) A (g Jelidl) ey = 0 il 13)

S g Ly oy de ) Jane o s (o s¥) Al (g Jeliill ey = 1 S 1)

S g e ge oy depull Jane o) (o) A0 A0 e Jeldl) ey n o= 2 cuil 1
A€ A€ A1 (55 3By (pma (e e Ale i) salall (ya il

o LS g Bas) 5 Ae it sale o ST e Jady Jelaill (S 131 L
A+B + C + ... Product

Aeldiall o gall Ga IS 3815 e Aiiall ae iy Cogon Alall 028 8 Ao yud) Janae Gl
O g cOmra (e die 5 Ama Al Ao 8 g

nl n2 n3

ro [A]7[B][C]
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nN=ng+nN,+nN3+...

il sha 8 Aleldiall o gall 380 5 6 AdS mia i de pull Aabae 8 Aaadlally yiall (e
13 oAl A ey L Ipol V) Alaleall 8 AUl o) sadl 305 ) a0 G 0 Ayl Jelal)
agle g 4un yh s A80e st Ll saa 5 gean € 5l g de ) Jara (pn A8l Liasds

Sl (< o3le ) Alalaall 2SSy

ra[A]"

r=KI[AJ"

ALY 5 Agma ) a A )2 die e Je il B LS g8 5 Jeléill do ju Jame W K o Cua
Lo o sl V) (S sl all An i die 1S il 4 W1 a3l it ) S s
Alle K e <€ 13 by o Jeliill aays ¢ Al Jeli g Lo Jeli & i Jeliil de ju culs

Jelall 4, e adiati ailan o Ll Al Jelin 45 lie

Jelilll de ju Jara 8 Caclial elld (e g A salall Aol 38 i) Lo Lizal] ¢ daga ABaadla
S Jil ao)l Ao yud) compal 130 Wl ¢ A Aty Y1 Al e oSy Jelill Gl
A G Al Al A el e 5S) Jelall

> A reaction is zero order in a reactant if the change in
concentration of that reactant produces no effect.
r=k [A]°
> A reaction is 1% order if doubling the concentration causes the
rate to double.
r=k [A]'
> A reaction is 2" order if doubling the concentration causes a
quadruple increase in rate.
r =k [A]
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» 3" order...doubling concentration leads to 2° (or 8 times) the
rate.

» Note: The rate constant, k, does not depend on concentration.

» Once we have determined the rate law and the rate constant,
we can use them to calculate initial reaction rates under any set
of initial concentrations.

S Za s g 5 A o) g

Reaction Order & Rate Change with Concentrationconsider the reaction:
A= B+C
if 1% order overall:
Rate = k[A]"
if [A] increases by factor of 2, rate will increase by factor of 2! OR rate

will double.
Rate = k[2]'= k[2]

if 2" order overall:
Rate = k[A]
if [A] increases by factor of 2, rate will increase by factor of 2° OR rate
will quadruple.
Rate = k [2]° = k [4]
if 3" order overall:
Rate = k [A]®
if [A] increases by factor of 2, rate will increase by factor of 2* OR
rate will eight times.
Rate = k[2]°= k[8]
if —1 order overall:
Rate = k[A] !
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if [A] increases by factor of 2, rate will change by factor of 2" OR rate will

decrease by half
Rate = k[2] = k [ 0.5]

if O order overall:

Rate = k[A]°
rate is constant; changes in [A] have no effect on the rate as long as some A
Is Present.
in general, for the reaction:
A—=B+C
Rate = k[A]™
If [A] changes by a factor of x, the rate will change by a factor of x™
+ when [A] is doubled: + when [A] is tripled:
— rate — rate
m multiplied by m multiplied by
—1 27 = —| 3-1=
0 20 =| 0 30=|
I 2=2 I 31=3
2 22 =4 2 32=9
3 23=8 3 33=27

Units for the rate constant:
The units of a rate constant will change depending upon the
overall order.
The units of rate are always M/s
To find the units of a rate constant for a particular rate law, simply
divide the units of rate by the units of molarity in the

concentration term of the rate law.
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Rate (Ms™1)=Kk[A] 1%t order

Ms™ -

k(units) =

Reaction Order & Units of k

order rate law k= k units
| =t Rate = k[A] | k = Rate/[A] 5!
2nd Rate = k[A]? | k = Rate/[A]? M-les-!
3rd Rate = k[A]® | k = Rate/[A]? M-2e5-!

Rate = k k = Rate Mes-!




Physical chemistry / Kinetic chemistry
(2025-2026)
37 week 22/10/2025
Lecturer Prof. Dr. Abdulgadier Hussien Al Khazraji

Lecture 3
Second-Order Reactions

The two most common forms of second-order reactions will be

discussed in detail in this section.

1.LA+A—>P rate = k [AJ second order
Or 2A— P
2.A+B—> P rate = k [A]'[B]* second order

Case 1: Identical Reactants

When materials A and B are present with the same initial
concentration as b = a, or when A, B are the same substance

as in the general equation.

Two of the same reactant (A) combine in a single elementary

step.
A+A—>P
2A - P

The reaction rate for this step can be written as;



_1d[4]  d[P]
Rate__E i a

and the rate of loss of reactant A

dA \
= = —HAJA] = k(4]

Where k is a second order rate constant with units of M min-
Yor M s™. Therefore, doubling the concentration of reactant

A will quadruple the rate of the reaction.
2R — P
At t=0 Ro 0
At T=t R X
The reaction rate for this step can be written as:
Rate = - dR/dt = K R?

(Integrate dR from R, to R and dt from O to t)

dR/ R*= - K dt
R dR '
R ok dt
R R2 0
Mathematically;
dx 1
2 - x *!
1/R+T=-Kt

-1/R=-Kt-TI

N



1/R=Kt+I

Factor I is the constant of integration and its value can be

determined easily.
When (t = 0), (R = Ryg). Therefore, equation can be written as;

Therefore, equation (1/R = Kt + I) can be written as
1/Rp=K*0+TI
I=1/Ro
Substituting the value of T in equation (1/R = Kt + I);
1/R = Kt + 1/Rg
Equation above can also be written as;
1/R - 1/Ro= Kt
K=1/R-1/Ro/ t
Now for rate constant calculate by diagram:
1/R = Kt + 1/Ro

Y=mx+ c

Plotting a straight line (y= mx + c¢) corresponding fo this

equation (y = 1/[R], x = t, m = k, ¢ = 1/[R])



1/R= Kt + 1/Rg

1/R

1/Rg

It can be observed that the slope of the straight line is equal

to the value of the rate constant, k.

Half-Life of Second-Order Reactions ( 2R — P)

The half-life of a chemical reaction is the time taken for half

of the initial amount of reactant to undergo the reaction.

Therefore, while attempting to calculate the half life of a

reaction, the following substitutions must be made:
For a second order reaction, by equation:
1/R - 1/Rp= Kt

At t = t1/2 and R = Ro/z


https://byjus.com/chemistry/half-life/

1 1

- = Ktz
Ro/2 Ro
2 1
Ktz = -
1/2 R R
1 1
Ktz = ty2 =
1/2 R > tie 2K

This equation for the half life implies that the half life is

inversely proportional to the concentration of the reactants.

When the initial concentration of the reactant decreases to a

quarter ( [R] = [R]o/4) we get:

1 1

- =Kty
Ro /4 Ro
1 3
K‘|‘ = 4 - '|' - —
T TR KTys = &
3
t =
3/4 Ru K
3 1
Tz — T2 = - -2 2 Tz

RoK  RoK  RoK

If R = Ry/8, obtain to:

1 1
- =K t7s
Ro /8  Ro
Kt7s = 8 . — trs =
Ro Ro Ro K

$ra — tae = — 3 4
7/8 24 = ’ - -
RoK RoK Ro K




We find that in the case of the second order reaction, and
when there is only one reactant, the subsequent decrease in
the initial concentration in half leads to the doubling of the

differences between the corresponding times.

Case 2: Different Reactants(First order in each of two

components ( [A] # [B])

Case 2: Different Reactants (First order in each of two components (
[A] #[B].[A] =a and |B] =b)

t=t a-X b-x X
Rate = — d[A] /dt = K [A][B] 1)

Two different reactants (A and B) combine in a single elementary step
(Second order reaction with multiple reactants). As before, the rate at

which (A) decreases can be expressed using the differential rate equation:
[A] = (a-x) and B = (b-x) (2)
d[A] = d(a—x)/dt; (3)
d[A] = da/dt — dx/dt; a = constant
d[A] = 0 — dx/dt = — dx/dt
Rate = — d[A]/dt = — (— dx/dt) = dx/dt
— d[A]/dt = dx/dt 4)

Substituting Eq. 4 in the Eq. 1, get:



dx/dt = K (a-x)(b—x) (5)
dx/(a—x)(b—x) = K dt (6)

At t=0 ; x=0

At t=t; X=X

lX .-t

S
0¢ (a-x) (b-x) 0

QX .-I:
‘ ! dx =k |d+ (1)
0¢ (a-x) ( b- x) 0~

Method of partial fraction;

1 A B
(@x)(b-x) ~ (a-x) (b-x)

1 _ A(b-x) + B(a-x)
1= Ab - Ax + Ba - Bx

1= Ab + Ba- Ax - Bx
1= x(-A-B)+ Ab+Ba

The left side is a constant (1) and without x coefficient, so x coefficient

on the right side must be zero:
Ox+1=—x (A+B)+ Ab + Ba
After that, we match the coefficients to obtain
Ab +Ba=1 (2)

A+B=0 (3)



From equation 2 we get;
A=-B 4)

Substitute the value of A (from equation 3) in equation 1;

~-Bb+Ba=1
B@-b)=1
B=1/(a—b)
From equation 4; A=-B
Hence; A=-1/(a-Db)
1 A B

(@x) (b-x)  (ax) " (b-x)
.1 1, 1 1
(@a-b) (a-x) (a-b) (b-x)

__1 1 1
_(ﬂ'b}{_(u-x) +(b-x}} ©)

As a reminder, substitute equation (5) into equation (1).

1 _
GJ (a-x) ( b- x) dezkfdr
o X X t
- 1 _ . £l 1 _ -
@-b)\ g & e dx } -kﬂ'd’r
1o [ L[t _
(a- b}{ o) (a-x) dx N (b- x) dX} k t

X

4
dx __ Y dx __ )
where: Dj—n_x = - In(a-x); and Dj &= in (b-x)

- ﬁ {In(@-x)-In(b-x)}+T =kt

In (a-x) - In (b-x)

b I =kt

Factor I is the constant of integration,

A



At t=0,x=0

a-0
a-b  b-0

_1_]n a-0
0

+I =K*0

b-
a
b

In b

I= ¢

=]

a-x

bx +I =Kt)

Substituting the value of I in equation (Ell—b In

a-x_ | In b/a ;

a-b b-x a-b KT

1 a-x b 1
— In =2 =K+t
ab ' bx 8 ab
1 a-x b
L nb 1.
ﬂ'b [ 'n b-x +1n a ] KT
1 @-x)b
—— —J]=Kt
(ﬂ.-b} 'n[ (b-x}ﬂ
2fs
x| X
Ok
= Slope = K
)
Tle

We can found "K" value by equation



1 )b
« “t(a-b) " bx)a

- 2308 o0 @-X)b
tla-b) ~ (b-x)a

It can be prove that the reaction is of the second order by finding the
value of the reaction rate constant at different times of the relationship:

If reaction 1 mole of A with 3 mole of B:
A+3B—P
-dA/dt = -1/3 dB/dt = K [A][B]
Since if x disappears from A, 3x disappears from B:

dx/dt = K (a-x)(b-3x)

o* (a-x) ( b-3x) ’

1 @-x)b

(aﬂ-b} 'n [(b-axﬁ 1 K T

als,

x| &S

S|4

Eﬁ Slope = K

e

-G
o




Physical Chemistry/ kinetics chemistry (part 1)
(2025-2026)

Prof. Dr. Abdulgadier Hussien Alkhazrayji

Lecture 5 03 /12/ 2025

Temperature dependence of the rate of a chemical reaction

The rate of reaction depends on temperature via the rate constant. In a
simple reaction, both the rate constant and the rate of reaction increase
with temperature. The rate of parallel and consecutive reactions also
increases with temperature. In reactions proceeding by more complex
mechanisms, the rate may decrease with temperature.
Van’t Hoff rule
With the temperature raised by 10 °C, the rate of a chemical reaction
increases 1.5 to 3 times. This qualitative rule often allows for
distinguishing chemical reactions from physical processes and from
biochemical reactions proceeding in living organisms. If the rate of
reaction obeys the van’t Hoff rule, it is highly probable that the reaction
In question is chemical. If, on the contrary, the rate of reaction increases
substantially less, the studied process is most likely of a physical nature,
this may be, e.g., gas diffusion or adsorption on a solid surface.
Differential equation of Van’t Hoff :

d(In K)/dT = AH / (R T?)
Where:
K is Equilibrium constant
T is Absolute temperature (K)
AH is Enthalpy change
R is Universal gas constant (8.314 J/mol K)



Assuming AH is constant, the integration between two temperatures

CK_AE[ 11
K, R|L T

1

gives:

From thermodynamics:
AG® = AH° - TAS®

Where S is the entropy of the system, and the Gibbs free energy equation:
AG° = - RTInK
AG° = AGe
AHe - TAS° = - RTInK
InNK=-AH°/RT + AS°/R

Differentiation of this expression with respect to the variable T yields the

van't Hoff equation.

Provided that AH° and ASe are constant, the preceding equation gives In
K as a linear function of 1/T, and hence is known as the linear form of the
van't Hoff equation. Therefore, when the range in temperature is small
enough that the standard reaction enthalpy and reaction entropy are
essentially constant, a plot of the natural logarithm of the equilibrium
constant versus the reciprocal temperature gives a straight line. The slope
of the line may be multiplied by the gas constant R to obtain the standard
enthalpy change of the reaction, and the intercept may be multiplied by R

to obtain the standard entropy change.

For an endothermic reaction (AH > 0), heat is absorbed, making the net

enthalpy change positive. Thus, according to the definition of the slope:

Slope = -AH°/ R


https://en.wikipedia.org/wiki/Entropy
https://en.wikipedia.org/wiki/Endothermic_reaction

For an endothermic reaction, AH > 0 (and the gas constant R > 0), so
Slope =-AH°/R <0
Thus, for an endothermic reaction, the van't Hoff plot should always have

a negative slope.

endothermic reaction,

In K

: AH®
s5l0pe = ———
P T

=
intercept = As

/T

If the reaction is endothermic (AH > 0): Increasing the temperature
increases K — the reaction shifts toward the products.

For an exothermic reaction (AH<0), heat is released, making the net
enthalpy change negative (-AH°). Thus, according to the definition of the

slope:
Slope = -AH°/ R
From an exothermic reaction, AH <0, so
Slope =-AH°/R >0

Thus, for an exothermic reaction, the van't Hoff plot should always have

a positive slope.


https://en.wikipedia.org/wiki/Endothermic
https://en.wikipedia.org/wiki/Gas_constant
https://en.wikipedia.org/wiki/Exothermic_reaction
https://en.wikipedia.org/wiki/Exothermic

exothermic reaction

| AH®
slopg = — ———
P R

InK

-r')
intercept = AS

/T

If the reaction is exothermic (AH < 0): Increasing the temperature
decreases K — the reaction shifts toward the reactants.
A positive value of AH indicates an endothermic reaction, and a negative
value indicates an exothermic reaction.
For tow temperature:

INK; =—AH°/RT; + AS°/R ----1

InK; =— AH°/RT, + AS°/R-----2

Now , equation 2 — equation 1

InK, — InK; = (~ AH°/RT, + AS°/R) - (- AH°/RT; + AS°/R)

InK2/K1: (— AHe / RTZ) — (— AH° / RT, )

In this equation K is the equilibrium constant at absolute temperature T,

and K; is the equilibrium constant at absolute temperature T,.



Theories explaining the kinetics of reactions
1. Arrhenius equation

The rate equation for a reaction between two substances, A and B, is the
following:

order of reaction ordler of reacton
with respectto A with respectto B

N

rale =

7 /' T

rate in rate constant concentraions
mal dm-3s-1 in mal dm-3

The rate equation shows the effect of changing the reactant
concentrations on the rate of the reaction. All other factors affecting the
rate—temperature and catalyst presence, for example—are included in
the rate constant, which is only constant if the only change is in the
concentration of the reactants. If the temperature is changed or a catalyst
iIs added, for example, the rate constant changes. This is shown
mathematically in the Arrhenius equation:

activaton energy

rate constant l

k A e RT - felvin temperature

\\

te gas consant

frequency factor
or mathematical
jore-exponental factor Cuantity, e

ar
collision frecuency

We well know collision theory:«

1. The molecules must collision to react;
2. The collision must have correct orientation in space to be effective
collisions;



3. Finally those collision must have enough energy for the reaction to
occur.

All these ideas of collision theory are contained in the Arrhenius
equation;

K = Ae-(Ea/RT)
Where:

K is Rate constant, so Kk is the rate constant the one we talk about in our
rate laws.

A is called the frequency factor. Also called the pre — exponential factor
and includes things like the frequency of our collisions, and also the

orientation of those collisions.

e ®RT) js talking about the fraction of collisions with enough energy for a
reaction to occur. So we symbolize this by lowercase f, so the fraction of
collisions f depended on the activation energy Ea, which needs to be in
Joules /mole. R is gas constant (8.314 J/ mol. K) and T is temperature in
K.

How changing the activation energy or changing the temperature for a

reaction? Then;

How that affects the fraction of collisions with enough energy for our

reaction to occur?

We start with activation energy (E,) of 40000 J/mol, and the temperature
is 373 K.

K = Ae-EaRD
e

f value equal to:



f= e-Ea/RT

and we have gas constant R and then this is going to be multiplied by the

temperature, which is 373K.

See what we get:

f = -40000 J/mol / 8.314 J.mol-1k-1 . 373 k

=25*10°
So what does this mean?

If we had one million collisions (1000000 collisions):

X

—7 5 %106
1000000 23710

X is number of collisions have enough energy to occur the reaction (x =
2.5), that mean for every one million collisions in our reaction, only 2.5

collisions have enough energy to react.

Now we change the value of activation energy from 40 kJ /mol to 10
kJ/mol, that mean decrease the activation energy and we are keeping the

temperature the same.
fis equal:
f —e -10000 J/mol / 8.314 J.mol/k . 373 k
=0.04
If we had one million collisions (1000000 collisions):

x/ 1000000 = 0.04

X = 40000



We have increase f value, i.e, We've gone from f equal 2.5*10® to 0.04.
So every one million collisions that we have in our reaction this found
about 40000 collisions have enough energy to react, hence, lead to if
decrease activation energy increase the value for f, i.e it increase the

number of effective collisions.

This time we're gonna change the temperature. The same activation
energy 10 KJ/mol with changing the temperature from 373 k to 437,

how that affects the value for f.

f = -10000 J/mol / 8.314 J.mol-1k-1 . 473 k

we get, 0.08, so here we've increased the value for f. i.e, we went from

0.04 to 0.08 and keep our idea of one million collisions.
x/1000000 = 0.08
X = 80000

so every million collisions that we have in our reaction, now we have
80000 collisions with enough energy to react. So we've increased the
temperatures. Gone from 373 to 473 k. We increased the number of

collisions with enough energy to react. We increased the value for f.

Finally, what these things ( change of Ea and T)do to the rate constant.
we go back up here to our equation;

K = Ae-(Ea/RT)
To increase f, we could either decrease the activation energy, or we could

increase the temperature. And if we increase f increase the rate constant
K.

- Decrease Ea lead to increase fraction of collisions f, that means

increase rate constant K, which lead to increase rate of reaction.



- Increase T lead to increase fraction of collisions f, that means

increase rate constant K, which lead to increase rate of reaction.
Rate of reaction = k [conc.]

In other word, if we decrease the activation energy, or if we increase the
temperature, we increase the fraction collisions with enough energy to
occur, therefore we increase the rate constant k, and since k directly
proportional to the rate of our reaction rate, we increase the rate of
reaction, so the ideas of collision theory are contained in the Arrhenius

equation, and so we'll go more into this equation.

We already seen one form of the Arrhenius equation, there are other
forms of the Arrhenius equation which you might want to use, depending
on the problem. So let's go the Arrhenius equation and find other forms:
K = Ae-(Ea/RT)
Ink = In (Ae ®RD)
Ink =In A+ In e®RD

Ink = In A- (Ea/RT)
nk=-22(Lyima
R T

And the reason | wrote it this way, is its easier to see the formy is equal
to mx plus b

y=mx+h
lﬂkz—%(L]-l-lIlA
R T
y = m X+ b

So if we graph the natural log of k on the y-axis and one over T on the x-

axis, we're going to get a straight line, and the slope of that line, which of



course is m. So we can find the activation energy from the slope of the
line. And if we wanted to find the frequency factor we know that the y
intercept is equal to the natural log of A. So we could find the frequency

factor if we wanted to. So this is another for of the Arrhenius equation

&— Intercept=1n A

Slope = - E /R
e«

In k

1/T —>
2.303 log,o K =2.303 log,c A—Ea/RT

logio K =log;p A—Ea/2.303RT

Now, if we have different temperatures, we're going to have different
rate constants K; and K.

Ky------- T, T<T,
Ky-------- T, Ki< K,
So now we have two different equations here for two different
temperatures with two different rates constant.
Inky =In A— (Ea/RTy) «.onvnvnnnnntnn, (1)
Ink, =In A— (Ea/RT)...ccvenvinnnn... (2)
equation 2 — equation 1

In k, — In k; = — Ea/RT, — (-Ea/RT),)



we get:
Ink, / k; = —Ea/RT, + Ea/RT;
Ink,/ k, = Ea/RT,— Ea/RT,
Ink,/ky = Ea/R (1T, - 1/T,)
Ink,/ ky = Ea/R (T, —T1/ T(T))
log Ko/k; = Ea/ 2.303R (T, — Ty / T4T))
Now we get graph:
K = Ae-(Ea/RT)
Ink=—Ea/R 1/T+ InA
logK=—Ea/2.303R 1/T +log A
y=mx+Db

y=Inkorlogk, b=InAorlog A, m=Slop = —Ea/RT or—Ea/
2.303RT

logK =log A—Ea/2303R 1/T
log A

\ slop= —Ea/2.303R
log K -

N
~

S

/T

It has been found that for a chemical reaction with rise in temperature
by 10°, the rate constant is nearly doubled.
T,=25C T;=T =K,
T,=35C T,=T =K,
K, =2K;



Looking at the Arrhenius equation, the denominator of the exponential
function contains the gas constant R, and the temperature T. This is only
the case when dealing with moles of a substance, because R has the units
of J/mol.K. When dealing with molecules of a substance, the gas
constant in the dominator of the exponential function of the Arrhenius
equation is replaced by the Boltzmann constant kg. The Boltzmann

constant has the units J/k.
Recall again Arrhenius equation per mole:
K = Ae E¥RD

Arrhenius Equation per molecule:

K = Ap E&KBT)

It is important to note that the decision to use the gas constant or the
Boltzmann constant in the Arrhenius equation depends primarily on the
canceling of the units. To take the inverse log of a number, the number
must be unit less. Therefore all the units in the exponential factor must
cancel out. If the activation energy is in terms of joules per moles, then
the gas constant R should be used in the dominator. However, if the
activation energy is in unit of joules per molecule, then the constant Kg

should be used.

2. Collision theory

The collision theory explains the rate of chemical reactions in terms of
collisions between reacting molecules. A reaction occurs only when
molecules collide with sufficient energy and proper orientation to
overcome the activation energy barrier.

The rate of the reaction depends on the number of effective collisions
between molecules of A and B that have energy > activation energy (E.).



Following three rules are supposed in the collision theory.

- Molecules must collide react
- Collisions must have the correct orientation in space.
- Collisions must have enough energy.

Not all collisions produce a reaction, only those that have energy > Ea
The collision frequency per unit volume between A and B is:
Z pe =0 ag * V(8KT/mp) * Na * Ng
Where:
Z g Is collision frequency (number of collision)
oag IS collision cross-section
w is reduced mass = (ma * mg)/(ma + mg)
k is Boltzmann constant
T is absolute temperature
Na, Ng = number densities of A and B

Only a fraction f of the total collisions have sufficient energy to react.
According to the Maxwell-Boltzmann distribution:

f — e—Ea/RT
Hence, the rate constant can be written as:

k — P * ZAB * e*Ea/RT

Where P is the steric factor that accounts for molecular orientation during
collision.

The Rate of Reaction for the bimolecular gaseous reaction is:
Rate = k [A][B]
Substitute for k:

Rate = P * Zxg * e ™R * [A][B]



As temperature increases, the fraction of molecules with energy > E,
increases. Thus, the rate constant k increases exponentially with

temperature, following the Arrhenius law.

Note:

* Collision theory provides a molecular-level explanation for reaction

kinetics.

» The reaction rate depends on collision frequency, activation energy, and

molecular orientation.
* The derived rate expression aligns with the Arrhenius equation:
k= A * g ERT
Where;
A=P*Zug

Derivation of the rate equation according to collision theory
A +B ——> Product
Na Ng
—d[A]/ dt =—d[B]/dt= k [A] [B] ---- 1
—dna / dt = — dng/dt= k nang ----- 2

— dnA/dt =ZaB . e(-Ea/RT) ----3

Rate = ZAB . e(-Ea/RT) ---4
e¥RD js Boltzmann factor which represented how many molecules are

colliding.

Z g Is frequency or number collisions that occur per unit volume per unit

time. It is also referred to as Collision density.



na and ng are is the number density of A and B molecules in the gas in

units of L™ ;
Na= [A] NA, and Ng= [B] NA """ 5
N, is Avogadro number (6.02x10% mol™).

[A] and [B] are the concentration of A and B molecules in the gas in units
of mol/L™.

In collision theory it is considered that two particles A and B will collide
if their nuclei get closer than a certain distance. The area around a
molecule A in which it can collide with an approaching B molecule is
called the cross section (c4g) Of the reaction and is, in simplified terms,
the area corresponding to a circle whose radius (rag) is the sum of the

radii of both reacting molecules, which are supposed to be spherical.

A moving molecule will therefore sweep a volume (r’agu,) per second
as it moves, where up is the average velocity of the particle. From kinetic

theory it is known that a molecule of A has an average velocity is:

Ua= (8 KBT/nmA) 12



Where ma is the mass of the molecule.

The solution of the two-body problem states that two different moving
bodies can be treated as one body which has the reduced mass of both and
moves with the velocity of the center of mass, so, in this system pag must
be used instead of ma, the relative velocity can be calculated using the

reduced mass of A and B:
Uag = (8KBT/TE MAB)UZ.

For a reaction between A and B, the collision frequency calculated with
the hard-sphere model is:

ZAB =T (I'A + I‘B)2 (8kBT/TE].LAB)l/2 Na. Ng ---- 6
We know from equation 5:

Na= [A] NA, and Ng = [B] NA """ 5

Substitution of equation 5 in equation 6 we get;

Zng= a8 (8KsT/m pag)’> Na” [A][B]----- 7

oag IS the reaction cross section ( m?), the area when two molecules
collide with each other, simplified to ;

Gag =T (Ta + I'g)°
kg is the Boltzmann's constant unit J K™'.( 1.38x10>° J K™)
T is the absolute temperature (unit K).

uag is the reduced mass of the reactants A and B, pag=(ma mg/ mp + mg)
(kg).

(8kgT/muas)™? is root mean speed of molecules (is velocity)
Substitution of equation 7 in equation 3;

— dnA/dt =ZnB . e(-Ea/RT) ----3



We get;

—dny/dt=n (TA + rB)Z (8kBT/TEMAB)1/2 Na. N -e(-EaIRT) ----8

Derivation of rate constant;

d[A]
Rate = ——— — k [A] [B]
t
. _ DA _ s
where; [A] Ny and [B] N,
_dny Ny ng
dt N _k( Ny ]( Na )
_dny, knamg
TN
K am N
_ dng B NaNig _ T A 9

Substitution of equation 8 in equation 9 we get;

8ksT )Ifz

_¢ Na 2
k=( w)n (ra+rs) (W,UAB

. E[-Eﬂ..l'rﬂ T}

K=Ng4 1 (ra + 15)* (8kgT/musg)'? . g(-Ea/rT) --- 10

where; Z=N, 7 (rs + 15)? (8kgT/mpap)!? —- 11

The factor Y2 is due to avoid double counting of collision for A-B

molecules.

Substitution of equation 11 in equation 10 we get;

K=2z.e®D . Collision theory ( if molecules)
K=2z.e®RD . Collision theory (if moles)
K=A.e®RD . Arrhenius equation

A+Z



A # Z because the collision theory is applicable on a single molecule but

Arrhenius on the complex molecules.

If the values of the predicted rate constants are compared with the values
of known rate constants, it is noticed that collision theory fails to estimate
the constants correctly, and the more complex the molecules are, the
more it fails. The reason for this is that particles have been supposed to be
spherical and able to react in all directions, which is not true, as the
orientation of the collisions is not always proper for the reaction. To
alleviate this problem, a new concept must be introduced: the steric factor
p. It is defined as the ratio between the experimental value and the
predicted one (or the ratio between the frequency factor and the collision

frequency).

p= Aobserved! Zcalculated

p 1s most often less than unity.
Where: 0 <p <1

K =p. Z. e ®KD
3. Activated Complex Theory; Transition State Theory

In this section, we will consider a further refinnement of our formulation
of a reaction on the atomic level. Up to now, we have not entertained the
possibility of short-lived, highly unstable intermediates appearing/ being
generated upon the initial "collision” of reactive species. Eyring and co-
workers postulated the presence of these highly unstable ¢« fleeting,
transition states, and furthermore suggested an equilibrium between this
transition state and the reactive species. The transition state is also
considered an activated complex, hence the nomenclature Activated

Complex Theory (as well as Transition State Theory).



reactants = activated complex — products

Eyring equation

Both the Arrhenius and the Eyring equation describe the temperature
dependence of reaction rate. Strictly speaking, the Arrhenius equation
can be applied only to the kinetics of gas reactions. The Eyring equation
Is also used in the study of solution reactions and mixed phase reactions -
all places where the simple collision model is not very helpful. The
Arrhenius equation is founded on the empirical observation that rates of
reactions increase with temperature. The Eyring equation is a theoretical
construct, based on transition state model.

Derivation of the Eyring Equation:

A+B —— products

Free
energy

products

reaction coordinate

The bimolecular reaction:
A + B — Product
Rate = Kgimple [A][B] ----1
According to the transition state model, the reactants are getting over into

an unsteady intermediate state on the reaction pathway.



Kequi. Kr1r.
A + B —— AB- —3 Products

Rate =Krr. [__15:] ......... 2

Krr. is rate constant of active complex

If: Kequi. = ﬂ _________ 3
[A][B]

Kequi. is equilibrium constant

Substituting equation 4 in equation 2, we get:
Rate = Kry. Kequi, [A][B] ------ 5

From equation 1 and equation 5, we get:

Ksimpte [AHBT = Krr. Kequi [AHBT—----6

Ksimpte = Kr. Kequi ===~ 7
Where; Kr.= Kg T/h and AG®” = -RTIN Kegui. 5 Kegui = €4
Ksimple = (KgT/h) €% (Eyring equation)

Kg = Boltzmann's constant [1.381x10% J - K],
Boltzmann constant Kg = R/Na, Na = Avogadro's number
T = absolute temperature in degrees Kelvin (K)
h = Plank constant [6.626x10%*J - s]
Ksimpie IS called universal constant for a transition state
K+,. is called transition state constant.

Kequi 1S called equilibrium constant.


https://en.wikipedia.org/wiki/Boltzmann_constant
https://en.wikipedia.org/wiki/Avogadro%27s_number

AR

R = Gas Constant = 8.3145 J/mol K
AG” = free activation enthalpy [kJ - mol™]
AS” = activation entropy [J - mol™ - K]
AH = activation enthalpy [kJ - mol™]
k —AH? ' 1 kp AS?

In — — R
nT R T "Th TR
Int t_lnk_u_'_ﬂ_gt
ntercept = In — 7

M| =
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The kinetics of complex reactions

(Chain reactions , Consecutive reaction, Parallel reaction,
Reversible reaction)

Chain reactions

Chain reactions are examples of complex reactions, with complex rate

expressions.

In a chain reaction, the intermediate produced in one step generates an

intermediate in another step.This process goes on.

Intermediates are called chain carriers. Sometimes, the chain carriers are

radicals; they can be ions as well. In nuclear fission they are neutrons.

There are several steps in a chain reaction.

1. Chain initiation
This can be by thermolysis (heating) or photolysis (absorption of light) leading

to the breakage of a bond.
H3C-CH; — 2'CH3
2. Chain Propagation
In this step the chain carrier makes another carrier.
'CH3 + CH3CH3; — CH4 + 'CH,CH3

3. Chain Inhibition
Chain carriers are removed by other processes, other than termination, say by

foreign radicals.



CH3CH,+ R — CH3;CH,R

4. Chain termination
Radicals combine and the chain carriers are lost.

CH3CH, + CH3;CH, — CH3;CH,CH,CH;
Example;

2Br-+H,0,+ 2H™ =3 Br; + 2ZH,0O
Predicted Rate law;

Rate = d[Br,]/dt = k [Br ] [H,0,] [H']

Mechanism;

K
Br-+ H,0, + H" ——3» HOBr+ H,0 slow step

I
HOBr + Br-+ H® =% Br; + 2H,O fast step

Rate = d[Br,]/dt = k, [HOBr] [H'] [Br ] ------ 1
d[HOBr]/dt = formation — disappearance
According to the steady-state approximation (SSA);
d[HOBr]/dt =0
Formation; k; [Br~] [H20,] [H]
Disappearance; k, [HOBr] [H™] [Br ]
0 =k, [Br] [H202] [H'] -k, [HOBI] [H'] [Br ]

k; [Br7] [H0,] [B#]
[HDBT] = : J:i;r/m/m{/_]
[HOBr] = % [H07] --m--- 2

Now substituting equation 2 in equation 1;
Ky . _
L 2 () T
5 [H,0,][H™] [Br 7]
Rate = d[Br,]/dt = k; [H,O0,][H] [Br ]

That means; predicted rate law = derived rate law

Rate = d[Br,)/dt = K,



Minimum necessary are, Initiation, propagation and termination.

Now, how do we calculate for the rate of laws of chain reactions?

A chain reaction can have a simple rate law. As a first example, consider the

pyrolysis, or thermal decomposition in the absence of air, of acetaldehyde
(ethanal, CH;CHO), which is found to be three- halves order in CH;CHO:

Overall reaction,

CH3CHO(y) — CHy + CO  d[CH,]/dt = K[CH,CHOJ*?

The mechanism for this reaction known as Rice-Herzfeld mechanism is as

follows.

1. Initiation: CH;CHO — CH3+-CHO
R =k, [CH;CHO]

2. Propagation. CH3;CHO +-CH3; — CH3CO: + CH,4
R=kp [CH;CHO][-CHs] \

Propagation.  CH3CO- — :CH3 + CO «<—— Product

R = K,.[CH;CO-]

3. Termination: CHj3;+ -CH; — CH3;CH;

R =kr [-CHj]
The chain carriers -:CH; and -CHO are formed initially in the initiation
step .
To simplify the treatment, we shall ignore the subsequent reactions of
-CHO..
The chain carrier -CHj; attacks other reactant molecules in the propagation
steps, and each attack gives rise to a new carrier .

Radicals combine and end the chain in the termination step .

To test the proposed mechanism we need to show that it leads to the observed

rate law .



According to the Steady-State Approximation (SSA), the net rate of change of
the intermediates (-CH; and CH3;CO-) may be set equal to zero, That is, the
change in its concentration over time is equal to zero.
d[‘CHz]/dt=0
d[ CH;]/dt = formation — disappearance
d['CH]/dt = kj[CHsCHOJ-kp[ CH3][CH3CHO]+kp.[CH3CO -2k [ CH3]* =0
d[CH3;CO]/dt = ke[ CH3][CH3;CHO] — kp.[CH3CO] = 0
The sum of the two equations (d[ CHz}/dt + d[CH,CO}/dt) is
Ki[CH3CHO] —ko[ CHA[CH3CHO] + Ke.[CHCO] — 2k+[ CH5]*=0
+

Ke[ CH3[CH;CHO] — ke [CH5CO] = 0

We get:
K,[CH3CHO] - 2k:[CHs]*=0
Which shows that the steady-state approximation also implies that the rate of
chain initiation is equal to the rate of chain termination.
The steady-state concentration of ‘CHj radicals is
['CH3] = (Ki/2kr)? [CH3CHO]Y2 (1)

If follows that the rate of formation of CH, from Propagation step above is;
CH3CHO + :CH3; — CH3CO- + CH,
d[CH,])/dt = k,[CH;CHO] [-CHs]------- 2)
Substituting Eqg. (1) in Eq (2), we get:
d[CH,])/dt = k,[CHsCHO] (K/2k:)"* [CH,CHO]"
d[CH,)/dt = k, (K//2ks)*? [CH;CHO]*?
ko (Ki/2kr)" =k

d[CH,]/dt = k [CH;CHO]*"?



Thus the mechanism explains the observed rate expression. It is sure that the true

rate law is more complicated than that observed experimentally.

What is Steady-State Approximation (SSA);

A—>P Simple reaction

A———>B Intermediate
B——p

The intermediate compound forms rapidly and reacts or disappears just as

quickly; therefore:

Rate of formation of intermediate = Rate of disappearance of intermediate

| Steady-State

Example;
ke, ks
A I— P
d[T] .
E[—' = JElJ_ [;—1 .Ie,g I
dt i
Use SSA:
d[I] B
dt

ki[A] = koI
K
= Il = —|A
0=
Jp
BRate— f[i _.IIL_}[I — kA



Example; A+B——>P
Mechanism;
4:—
ka
k2
C+B——P slow step

Rate = - d[A]/dt = k; [A]
Rate = - d[C]/dt =k, [C]
Rate = d[P]/dt = k; [B] [C] ------ 1
Using SSA,
Rate of formation of intermediate [C] = Rate of disappearance of intermediate [C]
Ki[A] = k4[C] + ko [ B] [C]
Ki[A] = [C] { kat ko[ B]}

Ki[A]

A ke

Substituting equation 2 in equation 1,

Ki[A] _ Kik[A][B]
Rate =k, [B]% = Rate= =
k,+ k[ B] K.+ ko[ B]

Case 1: if k; >>k,[B] (This means that removing the intermediate is slower

compared to the reverse, the reaction is second order)

Case 2 : if ky[B] >> k., (This means converting the intermediate into product a

very quickly, the reaction is first order)



_ Kiky [A][B]
Rate = —l{_1+ K[ B]
ki1 >>k [B] k2 [B] T:— ki
Rate — Klkl:{[A] [B] Rate = %
1
|
Rate =K [A]

Rate = K[A][B] (second order reaction) (first order reaction)

K
kit ks

where k=

KINETICS OF CONSECUTIVE REACTIONS

Consider the following series of first-order irreversible reactions, where
species A reacts to form an intermediate species, B, which then reacts to form

the product, C:

K1 B k2
. — : .
First order reaction (Intermediate) First order reaction
AR B
B E.C
A —C
Initial conditions:
[A(t=0)] = [A],
IB(t=0)] =0
IC(t=0)] =0
_kz_. B L ("



Mass balance equation is:
[Alo=[A] + [B]+[C]
d[A]/dt = -kq[A]
d[B]/dt = k;[A] - k,[B]
d[C]/dt = k[B]

[A]
T [C]
3| @
!
Time —b
First-order decay of [A]: d[A]/dt = -k, [A]----- 1
InA=-Kit+[------- 2
At t=0, [A]=[A] In [A]p = -K;y X 0 + [---—-- 3
I=1In [A]O

InA=-K;t+In[A]p.4

Substituting equation 6 in the equation 1, we get:
d[A]/dt = -ki[Alo gkt 7



Rate of formation of B:
d[B]/dt = ki[A] - k;[B] ------ 8
Substituting equation 6 in the equation 8, we get:
d[B]/dt = ki[A]o ™' — k,[B] ---- 9
d[B]/dt + ko[B] = ki[A]lo e ** ----10  (multiply Eq. 10 in e*?)
{d[B]/dt + ky[B]} €™ =Kk([A]pe . ™11
d[Bl/dt.e"™® +k,[B].e™ =ki[Alpe™". ™12
For recall;
[AV[A], = e*** , and [B)/[B], = ¢** WP [B], /[B] = e™*
[B], = [B] €™ ---13
At t = 0 the initial concentration of [B], =0

d[BY/dt . e™* =ky[A]p e ™!, gne 15
d[B] ™ =ky[Alpe ® ' dt----meemme- 16
gtk QI{B] d[B] = ki[Alo Q[t p (KI-KJtge . 17
Ble™ = ky[Alo e "'t -----18
Now, solve the exponential integral (for k; # k»), the right integral from eq. (18):

ki[Alo of & ®™ dt = ki[Alo [ (k1 —kz)™]. e =4 7
Eq. 18 became;

[B] e =ky[Alo [ (ki ko) '].e ¥+ 1 19
Now to find | integration constant;
Att=0; [B] =0 substituting in equation 19;
0* e = ki [Alo [~ (k1 —k2)™].e € <204 |
0=k [Alo [ (ki —kz)"].€° +1
| =— K¢ [Alo [ (ki —kp) 1. €°
Where e° =1;
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I =—ky [Alo [- (ki — ko) ']----- 20
Substituting equation 20 in equation 19;
[B] e" =k [Alo [~ (ki —kz) '] e (-l _ ki[Alo [~ (ki — ko) ™]------ 21

[B] ™y [al[ & 1 ]
T -Ga-k)

[B] et __Ki[Alp e (1 ~it _ 1]

ka-k
Divide by ™ we get;
— (k1 -kt
[B] _ ki [E'L]I} e _ 1 ]
k:-kl e—klt e—klt
_ki[Alo o kit 24T e
B] = ka-ky /eﬂ/ - ]
_ kl [A]l} — kit — 1t
Bl = Lo e
The concentration of B at k; # k, can be written as:
ki [A _ kn
[B] _ k];[_ l{]l[] [ e klt — e k.t ] _____ 22

The concentration of B at k; = k, = k can be written as:
[B] =k [Aloe™'23
Then, solving for [C], we find that mass balance equation is:
[Alo=[A]+[B] +[C]
[Alo=[Alo ™ + ki [Alo/ ko-ky (7" - &™) + [C],
Where: [A] = [A], e from equation 6; and [B]; = ki [Alo/ ko-ky (e - &™)
from equation 22 we get:
[C]=[Alo - [A]+ [B]
[C1=[Alo— [Aloe™" + ki [Alo/ Kok (€™ - ™)

[C]=[Alo {1 — ™" + ky / ko-k; (™=}
[C]=[Al {1 - {&™" + Ky / ko-kq ™" — ky / ko-k; €™ }}
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1 — B it kieklt kpe-kit
[C]=[A{1-{ e - ka-ki ka-ki b
[C] =[Alo {1 { (ka-k1)eklt + ki eIt — ekt 1

(ka-k1)
» aklt 477 T 1O
(€] = [A]o {1 { Oy +M—1<1eh}}

(ka-ki1)

- —— 3} — 23

[Alo = [Al: + [B]: + [Clk

[A] = [Alo ™6

[B] = ki [Alo/ Ko-ky (6™ - £™%) ----- 22
- —— 3} — 23

[A]O = [A]O e-klt + kl [A]Q/ kz-kl (e_k1t - e'th) +

ko ekt _ oy okt

[AJlo=[A]o [ e®t +ki/ko-ky (eklt-e®)+ 1~ {

(ko-k1)

We can calculate the maximum B and maximum time by equation:
If k; #ko

ks
_ i ki
tmax_ kl_kl
k.
Banax =[ Ao)(—K2) K-k
ki

Ifk, =k, =k
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tmax = 1/ K

[Blmax = [Alo e’

Because of at tx=1/Kk;
[B]max — [A]Oe —k tmax — [A]Oe —k 1/k — [A]O e -1
Notes:
e |f k, >> k;(Meaning B quickly convert to C) B does not accumulate much
and small [B]max and tpax.
o If k; >> k, that meaning B accumulate at long period and increased
[Blmax.
Example: how much time would be required for the B to reach maximum

concentration for the reaction:
A K, B L C
Ki=12andk,=2 [tin min]
Answer:

1:max = (In kllkZ)* (kl'kZ)-l
= (In 12/2)*(12-2) =0.179 min

Kinetic of Parallel or Side Reactions
The reactions in which a substance reacts or decomposes in more than one way
are called parallel or side reactions.
ki
15?
N Ki> K2

B 60%

At t=0
[A] = [Ak
[B] =0

[C] =0
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If we assume that both of them are first order, we get.

ki 2
15+ l]
v
. X=y+z
t:
t=t kf . C
1 0
z

—d[A]/dt = kq[A] + k[A]
—d[A)/dt = (kitkz) [A]
Where [A]=(a—Xx), [Alo=a,[B]=y,and [C] =z

—%(a—x}=k1(a—x)+k:(a—xj
%i+%_(k1+m(a—x)
=0
I—(k1+k*](ﬂ X)
(a_ - I(k1+k_)dt
1 X t
[lna_x]ﬂ—kwk:[t]ﬂ
n— _n_t =(ki+k)(t-0)
d—X a—10 :
In i —ln%=(k1+k:)t
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a

lna—x =(kit+tk)t
-2 =(ki+k)t
In aa—x =—(ki+tk)t
a-x _.~(khtk)t
a

Where [A]o=a, [A] = (a-x)
Al _ —(ktke)t

A
[A] = [Aloe——(k1+k2)t
ki
151 *E
t=0 y }
t=t Sf » C
1 0
A
d[B] _
—a - lal
M:kl [A]ﬂe_(kl+k2)t
dt

WY Lt
Jam] = |« [ape etk 4
0

Y L
Jam1 =k, (A | & (ki k)t 4
0 0
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v LI
[B ]ﬂ —k, [A]u.b| s (atlo)t
—x

Mathematically Iﬁ ¢ dx = _e]

-

e—{k1+k])t l-
—(ki+k) -0

[B]=k Al |

ky [Ao —(ki+tk)t
B]l——1"— _

[B] _(klﬂq)[e ]

k [A _ :
[B]z—(l-lz1[+]li:) [ Cariadtq]

K _ ~(ktk)t
[B]_(kwk:)[A]D[I ) |

—_ Y kl
[B]=Y (kitk)

(A [1-¢ (k1+k:)t]

[C] zzzi[g]ﬁ [l_e—(k1+k:)t]
(kit+k)

[B] y k,

] z K

Ratio of concentration of B and C is constant for all time.
If k1 > k2 then;

A — B IS main reaction

A — C is side reaction



k/ZB

Ak 3C
&
4D

1.A = Agekl+k2+kd)t

2k,
= Ay—A
2.B k1+k2+k3[o ]
2k1 b + ) <+
_ A _e(kl k2 + k3
9 k1+k2+k3[ ’ ]
3 Y= 4k [Ag—Ag ekl +12+13)t]
' ki+ka+ks

4_B_k3_ 2k,

D  kp 4k
2k
5. %B = x 100
LT Ty T
B
T ]
Conc
A
Time———»
Effective half-life:
tie= T
= & » B tiy2=1n2 /k
A
T2 = To
> T =, 2 k
EXe C tiz=1n2 /k;

Two independent cases with half-lives; we have two processes or mechanisms
that occur together:
Ti=In2/k, & ki =In2/T,
And T, =In2/ k, £ k,=In2/T,



17

Where T is Half-life , k is decay constant
When both processes occur together (active decomposition), the resulting
decomposition has a total decomposition constant:

K¢ =ky + ky
Effective half-life is Ty

Tr=In2/ki  ki=In2/T;
Kt = kitk;
In2/T;=1In2/T, + In2/T,
UTe=UT + 1T,

According to this equation, when there are two independent decomposition
processes, the effective half-life is smaller than each one separately because the

combined influence of the two processes causes decomposition to happen more

quickly.
The Kkinetics of reversible reaction
kg
A B
ks
t=0 Ay 0
t=t Ay — X X
t=tqyq Ao —Xe Xe
[Aleg [Bleg

Rate of forward reaction = k¢ [A]
Rate of backward reaction = kg [B]
At equilibrium;
Rate of forward reaction = Rate of backward reaction
ke [Aleq = kg [Bleg
ke (Ao — Xe) = kg xe

kao—kfxe= kBXQ
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ki Ap = kg Xe + ks xe

ki Ag = (kB + kf) Xe

ke Aj— e
T 0=xe = [Bleq

[Aleq = Ao —xe

AJes = o= [ e
o [k.H-kB Ao

[A]eq=A0[1— ke ]

ke+ kg
- et kp ki
Aleg=A :
[ ] 4 i [ ke + ks ]
[Aleq = Ao [-—2]
kf-i-kg
Conclusion:
© [Alea=A0 [ ]
ki+ kg
Bleg= K¢
@ [Ble e A
- Ao - Ao 2
kt=1In (A] > kt=1In T ,where [A] = Ag - xe

Xe
Xe —-x

@) (ke+kg)t=In
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Expression for t1
t=ti2,x=xe/2

(ke+ ko)t12 = In =

Xe — xe/2

(kf+ kb)tl‘g =n ==

x€P2
(ke+ ke)tio=In2=> ty2 = In2
@ 0.693 ke+ ko
fi2 =—
R
G [B]=x
(ki+ko)t=1In -~
5 xe
o (e + kD)t — -

xe _x — xe g (f+ Kbt
x = xe — xe g KE+kb)

[B]: X:XE—Xee_l:kf_kbjt
[A] = Ap-x
[A] ZA[]—XE —XEE_I:kf_kb:It
[A] ZAD—XE [_ e—[kf—kb:lt]
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Prof. Dr. Abdulgadier Hussien Alkhazraji
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Surface reaction mechanisms and kinetics

The study of physical and chemical phenomena that occur at the interface of
two phases, including solid-liquid interfaces, solid-gas interfaces, solid-
vacuum interfaces, and liquid-gas interfaces.

Interface is the boundary between two or more phases exist together.

Possible interfaces:

- Solid- (solid, liquid, gas/vapour)

- Liquid- (liquid, gas/vapour)

- Gas-gas not possible.

Surface reactions are the heart of catalysis, where molecules meet solid
surfaces. Adsorption, reaction, and desorption steps work together to create
new compounds. Understanding these processes is key to designing better
catalysts and improving chemical reactions. Kinetics and mechanisms help us
unravel how surface reactions unfold. From Langmuir-Hinshelwood to Eley-
Rideal, different pathways lead to product formation. Factors like surface
structure and reaction conditions play crucial roles in determining reaction rates
and outcomes.

Surface reaction steps

Adsorption and desorption processes

Surface reactions involve the interaction of gas-phase molecules with solid
surfaces, typically resulting in the adsorption, reaction, and desorption of
species.

Adsorption is a phenomenon in which substance (adsorbates) accumulates on
the surface typically gas or liquid material on the solid material (adsorbent),

hence it is the process by which molecules from the gas phase bind to the


http://en.wikipedia.org/wiki/Physics
http://en.wikipedia.org/wiki/Chemistry
http://en.wikipedia.org/wiki/Interface_%28chemistry%29
http://en.wikipedia.org/wiki/Phase_%28matter%29
http://en.wikipedia.org/wiki/Solid
http://en.wikipedia.org/wiki/Liquid
http://en.wikipedia.org/wiki/Gas
http://en.wikipedia.org/wiki/Vacuum

surface, either through physisorption (weak van der Waals interactions) or

chemisorption (strong chemical bonds)

Depending upon the nature of forces between adsorbate and adsorbent,

adsorption of two types

Difference between Physical & Chemical Adsorption

Multilayer of adsorbate

\

Bound to the Monolayer of adsorbate goundtothe
surface by surface by
van der Waals chemical
force bonding
Adsorbent surface
PHYSICAL ADSORPTION CHEMICAL ADSORPTION

Physisorption examples: noble gases on metal surfaces, organic molecules on
graphite.

Chemisorption examples: hydrogen on metal surfaces, oxygen on metal
oxides.

Desorption is the process by which the products of the surface reaction are
released from the surface back into the gas phase

Desorption can be induced by increasing the temperature or reducing the
pressure.

Adsorption and desorption molecules process.

L
v ~
—= _— |
Hydrogen adsorption / Hydrogen desorption
N

PR

Catalyst surface



Absorption: It is a phenomenon in which one substance enters into another
substance and gets uniformly distributed throughout the BULK of another
substance.

Sorption : when both adsorption & absorption take place, the term sorption is

used.

Absorption + Adsorption % SORPTION

Elementary steps in surface reactions

Surface reactions can occur between adsorbed species, between an adsorbed
species and a gas-phase molecule, or between an adsorbed species and the

surface itself;

e Adsorbed reaction example (adsorbed species): CO oxidation on
platinum surfaces:

Pt
COy4; + Ougs — Colgas

e (as-adsorbed reaction example (adsorbed species and a gas-phase
molecule): hydrogen abstraction from a hydrocarbon by an adsorbed
oxygen atom

e Adsorbed-surface reaction example (adsorbed species and the surface
itself ): oxidation of a metal surface by dissociative adsorption of
oxygen

The overall rate of a surface reaction is determined by the relative rates
of adsorption, reaction, and desorption steps

The slowest step in the reaction sequence is called the rate-determining

step and controls the overall reaction rate



Kinetics of surface reactions
Rate equations and adsorption isotherms

e The kinetics of surface reactions can be described using rate equations
that relate the reaction rate to the concentrations of reactants and
products, as well as the rate constants for each elementary step.

e Adsorption isotherms, such as the Langmuir isotherm, describe the
relationship between the surface coverage of adsorbed species and the
pressure of the gas phase at a constant temperature.

e The rate of a surface reaction can be expressed in terms of the surface
coverage of the reactants, which can be determined from the adsorption
Isotherms.

Factors influencing surface reactions
Surface structure and composition effects
o The surface structure and composition play a crucial role in

determining the rates of surface reactions, as they affect the adsorption
and activation of reactants.

o The presence of surface defects, such as steps, kinks, and vacancies,
can provide sites with enhanced reactivity compared to the flat
terraces

o The electronic structure of the surface, particularly the density of states
near the Fermi level, can influence the adsorption and activation of
reactants.

The Fermi level is an imaginary energy level used in materials physics and
quantum mechanics to describe the distribution of electrons within matter
(especially metals and semiconductors).

Simply put:

o It is the highest energy level where electrons exist at absolute zero (0
Kelvin).

o At ordinary temperatures, it gives you an idea of where most electrons
are found and how they can transition to higher energy levels (such as
electrical conductivity or electron transport).



Reactant properties and reaction conditions

o The nature of the reactants, including their molecular structure, size,
and polarity, can affect their adsorption and reaction on the surface

o The reaction conditions, such as temperature and pressure, can
influence the rates of adsorption, desorption, and reaction steps, as well
as the overall selectivity of the process

Adsorption decreases with increase in temperature. Adsorption is an

exothermic process and it is a favored at low temperature.

Graph below explain, the temperature increases from 193k to 273k at a
constant p, the volume of gas adsorbed decreases from v; to v;.
AH=+ve

Adsorption —————— Desorption
AH=-ve

— Consider a graph of volume of N, gas
E 0 adsorbed versus pressure .

£

°

2 193 K
2 247 K
©

.‘1~ 273 K
=

-

0 p Pressure —»

o The presence of co-adsorbed species, such as promoters or poisons,
can modify the electronic and geometric properties of the surface,
leading to changes in the reaction rates and selectivity

Nature of adsorbent is observed that same gas is adsorbed to different extent
by different solids at the same temperature.

Adsorption is a surface phenomenon. It depended upon surface area of
adsorbent.

Surface area o Rate of Adsorption



Surface area — to- volume ratio

Finally divided substance, are good adsorbent as they provide larger surface

area for a given mass.

Adsorption kinetics

Studying the kinetics of the adsorption process is very significant for
understanding the adsorption rate onto the particle surface, since adsorption
kinetics show the influence of different conditions on the speed of the process
by using models that could describe this reaction. In addition, adsorption
kinetics determines the mechanism of materials adsorption onto the adsorbent
material.

Pseudo-First-Order Model (Lagergren Model)

This kinetic model determines the relationship between the change in time
and the adsorption capacity with order of one.

The Lagergren Model is based on the assumption that the rate of change of
the amount of adsorbed material over time is directly proportional to the
difference between the two values g; and Q.

It is expressed by Equation (1):



T 1‘i] [[lf' {ll} (]j

: kqdt 2
(e — ) @

Integration of both partiesfromt=0atqt=0tot=tatqt=qe

e
I — [a ®)
Qe (e — qi) ][3- o
Inge + In (ge — qt) = kt 4)
k
log (qe — i) log qe L (5)
5 1 It g e 2 903

The nonlinear equation for a pseudo-first-order reaction is
4, = q,(1 — 7517 ®)

Where ge and qt are the adsorption capacity at equilibrium time and time t
(mg g '), respectively, k; is the pseudo first order rate constant (min~') and t is
the time (min). The values of ge and k; can be determined from the intercept
and the slope of the linear plot of log (ge — qy) versus t.

Calculation of the adsorption capacity at any time and equilibrium as follows:

Adsorption Capacity (E) ' q, = Co—Ct XV (7)
& W
Co —Ce g
Adsorption Capacity (E),qe = DW ex Vv (8)
g

Where W is the weight of adsorbent (g), and V is the volume of the solution
(L). Co and C, (mg/L) are the initial and equilibrium concentrations,
respectively.

For calculate the equilibrium concentration (Ce):

Ce = Absorbance/ molar extinction coefficient (g)

The Lagergren pseudo-first-order (PFO) model is often associated with
physical adsorption (physisorption), particularly when the rate-limiting step

is diffusion.



Physical adsorption depend on van der Waals forces, which are weak and
rapid, therefore the process is very fast at the beginning and then gradually
slows down as the system approaches equilibrium, that because the rate of
reaction decreases as the surface approaches saturation.

Pseudo-Second-Order Model (Ho and Mckay Model)

The pseudo-second-order kinetic model is expressed by Equation (9), which
shows the relationship of the adsorption capacity and concentration with

second order.

dq iy
— — ka(qe — qu)° )
dt
dc

———ﬂ—T ko dt (10)

: oy 2

(de — qt)

dq ‘

—lﬂ ko [ dt (11)
I [(].E' ¢ ) g

t 1 1

— P — (12)

i koq? (e

The nonlinear equation for a pseudo-second-order reaction is
g =4q,(1 - ——) (13)

Initial adsorption rate h = k,q, this gives a measure of the initial adsorption
rate (mg g™ 'min’™).
If the value of "h = k,q.2" is large, this indicates rapid initial adsorption.
Half-life (to5) is the time when it arrives g; = g./2

tos5= 1/ KoQe” (14)
The pseudo-second-order model is often associated with chemical
adsorption (chemisorption), or processes that exhibit a strong dependence
on residual surface area.

Elovich Model
This model is an interesting one for describing the activated chemisorption

process on the heterogeneous surfaces, since it is generally applicable for



chemisorption kinetics. It is assumed that the adsorption rate decreases
exponentially with increasing amounts of adsorbed material on the surface,
because the repulsion energy or availability of effective sites decreases with

coverage.

The rate of adsorption (dgy/dt) is assumed to decrease exponentially with the
amount adsorbed (qg;) on a heterogeneous surface. This leads to the differential

equation:

dg/dt = o exp(- B qy) (15)

Here, a is the initial adsorption rate and 3 is constant related to the activation

energy of adsorption.

To find the relationship between adsorption and time; Rearrange it to separate

variables (dt and dqy):
dgy/ exp(- Bqy) = a. dt (16)

Integrate both sides fromtime t =0 to t =t and from gt =0 to g; = ¢

iy f
_/- exp(pag,)dq;, = / o dt
0 0

1 f
[Eexpfﬁqfll[iE[M]E

% (exp( pg: ) —exp(0)) =at

Now, solve for qt:
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% (exp(pa: ) — 1) = at

exp( p2: )— 1 = apt
exp( P& ) =apt+ 1
Bd = In(apt+ 1)

q, = 1 In(apt+1)

[
%In(1+uﬁt]

i =

This can also be written as:

1 1
qt —Infafd) + — In t (17)
(3 3
Elovich Model is valid for the heterogeneous adsorbent surfaces and expressed

by Equation (17).

Where o is the initial adsorption rate constant (mg g ' min'), B is the

desorption constant related to the chemisorption activation energy and the

surface coverage (g mg '), and qt is the adsorbed material (mg g~') at time t

(min). By plotting gt versus In t, a straight line is obtained where values of a

and P can be obtained.

Notes:

e The Alpha constant (o , mg g™ min™ or mol g* s™) represents the

initial adsorption rate, and the higher value of alpha, that mean the
initial adsorption very quickly , and meaning the surface contains a
large number of active sites.

Alpha constant (o) increase with increased temperature, concentration

adsorbent and number of active sites.

o The Beta constant (B) expresses how much the adsorption rate

decreases with increasing amounts of adsorbed material. The beta
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constant (B, mg g-1) represents the effect of surface covring on
adsorption rate.

o A large beta value (B) indicates that the adsorption rate decreases
rapidly as adsorption increases, meaning that the surface sites have
lower or higher adsorption energy.

o A small beta value (B) means that the adsorption rate remains high
even when a large portion of the surface is covered.

Adsorption isotherm;
An adsorption isotherm is a graphical or mathematical model that describes
the relationship between the amount of a substance (adsorbate) on a solid
surface (adsorbent) and its concentration in the surrounding fluid (gas or
liquid) at a constant temperature. It quantifies the extent of adsorption at
equilibrium, providing insights into the material's surface properties, pore
structure, and adsorption
At constant temperature , the graph between x/m and the pressure (p) of a gas
at constant temperature is called adsorption isotherm.
Adsorbate: The substance that is adsorbed onto the surface.
Adsorbent: The solid material onto which the adsorbate is adsorbed.
Equilibrium: The point where the rate of adsorption equals the rate of
desorption.
Constant temperature: Temperature is held constant because it significantly
affects the equilibrium of the adsorption process.

We have a five types of physisorption isotherms are found over all solids:

Where: I, Il and I1l — Non porous, but IV and V— porous

Type | adsorption isotherm is a typical Langmuir isotherm because the
adsorption leads to monolayer formation. The curve represents that after certain
value of P, there is no change in x/m with the increase of pressure. i.e., it shows
limiting or saturation state after certain value of P (Fig.1). Rapid increase

followed by horizontal saturation microporous, monolayer adsorption,
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Limiting Value

B

T - Constant

-~
~
-~

P =
Fig. 1: Type I Adsorption Isotherm

Type |1 represents a a multi-molecular layer physical adsorption on non-porous
materials. The curve shows that there is a transition point, B that represents the
pressure at which the formation of monolayer is complete and that of

multilayer is being started (Fig.2). It like S letter; non-porous, multilayer

adsorption.

i J
/
y T - Constant '

ve)

- - ——

P =
Fig. 2: Type II Adsorption Isotherm

Type 11 represents a case of physical adsorption on porous materials. The
curve represents that multi molecular layer formation starts even before the

completion of monomolecular layer formation (Fig.3).
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T - Constant }

| =
—

o ©

-~
-~

"

P——
Fig. 3: Type III Adsorption Isotherm

Type V also represents a case of physical adsorption on porous materials
accompanied by capillary condensation. This isotherm indicates that there is a
tendency for saturation state to be reached in the multi molecular region
(Fig.4). staged adsorption (first monolayer then build-up of additional layers).

Multilayer adsorption + capillary condensation, mesoporous, The V type is

like II.
" T - Constant /
%

J——

i / 30,
B

P ~
Fig. 4: Type IV Adsorption Isotherm

Type 1V also represents a case of physical adsorption on porous material. It
indicates that the formation of multi molecular layer starts in the beginning
(Fig.5). The V type is like Ill, weak adsorption + capillary condensation,
porous materials with cohesive force between adsorbate molecules and

adsorbent being greater than that between adsorbate molecules.
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T - Constant /

é;é& =8

P —

~ |
-

_-“/

Fig.5: Type V Adsorption isotherm

Isotherm models:

The

process of adsorption is usually studied through graphs know as

adsorption isotherm. It is the graph between the amounts of adsorbate (X)

adsorbed on the surface of adsorbent (m) and pressure (P) at constant

temperature.

LANGMUIR ADSORPTION ISOTHERM
In 1916, Irving Langmuir proposed another adsorption Isotherm which

explained the variation of adsorption with pressure.

Assumptions of Langmuir Isotherm

>
>

YV V V V

All surface active regions have the same energy.

At low pressure, the adsorbed gases on the solid surface form
monolayer.

Absorbed gas behave ideally

No lateral interaction.

Absorbed molecules are localized.

The adsorption process is a dynamic adsorption state that contains two

opposite processes.
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: desorption
Adsorption

SURFACE

Derivation of Langmuir Adsorption Isotherm
Langmuir Equation depicts the relationship between the extent of adsorption
and pressure. Langmuir proposed that dynamic equilibrium exists between
adsorbed gaseous molecules and the free gaseous molecules. Using the
equilibrium equation, equilibrium constant can be calculated.
e Consider an adsorbing surface of area 1 square centimeter is exposed to
a gas (Figure. 1) Molecules of the gas will strike the surface and stick
for an appreciable time due to condensation while other gas molecules
will evaporate from the surface due to thermal agitation.
e If 0 is the fraction of surface area covered by gas molecules at any
instant, then the fraction of the remaining surface available for

adsorption is (1-0).

Free gas at constant

temperamre
O o Y § d 0
i \_-} ~
e A

~ Vacant
surface. (1-§)

Covered ——=
surface, (ff )

Figure 1: Equilibrium between free molecules and adsorbed molecules
e If P isthe pressure of the gas, then the rate of condensation (adsorption)
molecules is expected to
be the proportional to the pressure, P and fraction of uncovered surface, (1-0).

Hence,
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The rate of adsorption =k, (1— 6 )P (18)

e The rate at which gas molecules evaporates from the surface
(desorption) will depend on the fraction of the surface covered by
the gas molecules, (). Hence,

The rate of evaporation of gas molecules = k,0 (19)

Where k; and k;, are proportionality constants for a given system.

e At equilibrium, the rate of adsorption and the rate of evaporation
are equal, then,

k(1-6)P =k,0
k,P—kP6 =k,0
kP =k,0+kPO

k,P =6k, +kP)

kP

0=—"—
k, + kP

(20)

e Dividing the numerator and denominator of the right-hand side of
equation (20) by k,, we get:

f k \
VAL

L
|! % IP
bP
0 = 21
| + bP ( )

Where b = k/k, and is called adsorption coefficient.
e If x is the amount of gas adsorbed on the mass m of the adsorbent, then

x/m is the amount of gas adsorbed per unit mass of the adsorbent.
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e Since the amount of gas adsorbed per unit mass of adsorbent (x/m) is
proportional to the fraction (#) of the surface covered, then

x a6

m

x k6

m

g =— 22)
 km

Where k is proportionality constant.

e Substituting the value of 8 in equation (21), we have

x  bP
km 1+DbP
x _ kbP
m 1+DbP
x __ap (23)
m 1+DbP

Where the constant a = kb.

e Equation (23) relates the amount of gas adsorbed to the pressure of the
gas at constant temperature and is known as the Langmuir adsorption
isotherm.

e The constant a and b depend on the nature of the system and on the
temperature. In order to test this isotherm, the equation (23) is divided
by P on both sides, we get:

(%n] 1| aP
P o
P

Pl1+bP

o Further taking reciprocals, we get:
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P :P(l+bP)

(ym) aP

P :(1+bP)

)

TN
E;)—_G+KGJP (25)

This equation is similar to an equation for a straight line (y = mx +c). Hence
if P/ (x/ m)is plotted against P, a straight line should be obtained with a slope
equal to (b/a) and intercept equal to (1/a).

%—.
I
=

Slope =

oo

(x/m)

(-

4]

!
J P

Langmuir Adsorption Isotherm

Testing of Langmuir Adsorption Isotherm
We shall now consider three special cases of Langmuir isotherm.

P 1+bP

AN

Case 1: At very low pressures, bP can be neglected in comparison with unity

(24)

(i.e: bP <<1) and hence,
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P 1
1y| a
m
X _aP
m

At very low pressures, the amount of gas adsorbed is directly proportional to
the pressure.

Case 2: At high pressures bP>>1, and hence 1 can be neglected in comparison
with bP.

C=(2)p

/) \a)

v M/

e (25)
m b

At very high pressures, the extent of adsorption at a given temperature is
independent of pressure of the gas. This condition arises when the surface of

the adsorbent is completely covered by the unimolecular layer of gas
molecules.
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high pressure

X aP X aP‘
‘m 1+ bP , m bP

_/63.
/4
"‘r'/&

{x/m) >

Amount of gas adsorbed

/@ low pressure
N

‘*‘/’&

]

Pressure B ——»

Case 3: At intermediate pressure, Langmuir equation becomes Freundlich
equation.

At very low pressure,

X
— a P
m
X
= kP
mn
At very high pressure,
X
B =

m
Where the value n lies between 0 and 1. This equation is known as Freundlich

equation.
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The mass of the gas adsorbed per gram of the adsorbent is related to the
equilibrium pressure.

According to the following equation,

X aP

m 1| +bP

Where, a and b are constants
Whose values depend upon-
1. The nature of the gas adsorbed.
2. The nature of the gas adsorbent.
3. Temperature
Freundlich Adsorption Isotherm
In the year 1909, the scientist Freundlich proposed a model to explain
Isothermic adsorption via an equation that relates the amount of gas adsorbed
on the solid surface with pressure and the equation is called an equation
Freundlich Equation;
x/ma P where n>1
1
% =kP" Freundlich Equation
Where:
X is the amount of adsorbate (mg/g)
m is the mass of adsorbent
P is pressure extent of adsorption of a gas
K and n are constant depend of matter type and temperature.
x/m is amount of adsorption of a gas.
At constant Temperature:
Adsorption a pressure of gas (p)
A graph drawn between extent of adsorption and the pressure of gas at
constant temperature called Adsorption Isotherm.
The extent of adsorption of a gas per unit mass of adsorbent upon the pressure
of the gas.

The extent of adsorption increases with pressure and becomes maximum.
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x/m (1to0)

(1) Low pressure: n=1
At low pressures, the number of gas molecules is very small compared
to the number of adsorption sites on the surface, so most of the sites
remain empty, and there is no saturation or competition between

molecules on the surface.

1/n 11

ximcP=xm=kp”" =xm=kp"=xm=kp=

The graph is almost straight line

% =kp  where k - constant

Amount of gas adsorbed

Saturation

(i)  Intermediate pressure: n=n
1/n

xiIm=kp

n>1

It becomes a polynomial function of | REEY e
the degree 1/n

%wlll depend upon the power of pressure
which lies between 0 & 1

3| —

o Pressur® (P) wep P

X
=== kpi/n When n is an integer

A v

(iii)  High pressure: n = o
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x/m =k p*"
x/m=kp"*
x/m =k p°
xim = k (1)
x/Im =K

The graph becomes parallel to x axis

3| % —>

Amount of gas adsorbed

(o] Pressure (P) —> PS
Saturation

In order to obtain the constants value (K and n) in the Freundlich equation we

take the natural logarithm to both sides of the equation to get as follows:

Verification of Freundlich Adsorption Isotherm Equation

s

log 1% -Iogk+-|';-log P

y=c¢+mx

.
j Intercept =

logp ——>

log x/m ——

We can express concentration in the Freundlich equation if we replace pressure
with concentration, but it should be Concentration in units of mol / liter, so the

equation becomes as follows:
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log > = log k + ~1og €
og— = logk + —log

C : is concentration ( mol/L)

Disadvantages of Freundlich equation:

1. Invalid at high pressure and concentrations due to the diffraction
occurring in a curve adsorption.

2. The values of the constants k, n depend on the temperature.

3. It is considered a hypothetical equation and without a theoretical basis

from which it is derived.

The BET Equation for Multilayer Adsorption
The three scientists (Paul Emmett, Stephen Brenner and Edward Teller) put
forth a theory to explain the multi-layer adsorption, it has been called (BET
isotherm).
So, this is a more general, multi-layer model. It assumes that a Langmuir
isotherm applies to each layer and that no transmigration occurs between
layers. It also assumes that there is equal energy of adsorption for each
layer except for the first layer.
Depending on a number of assumptions, they are as follows:
1. Gaseous molecules behave ideally
2. Multilayers are formed.
3. Each adsorbed molecule provides a site for the adsorption of the
molecule in the layer above it
4. Adsorption at one site dose not effect adsorption at another site
5. All sites on the surface are equivalent
6. Heat of adsorption in succeeding layer = Energy of liquification
(AHags=AHiq)
7. surface area for n" layer o 6,4
8. The heat of adsorption (AHads), is constant for all layers after the first
(AHads),
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The adsorption involves the formation of multimolecular layer of adsorbate
molecules on the surface of solid adsorbent.

The multilayer adsorption takes place the following manner:

Vapour + Free surface of adsorbent —— Monolayer

Vapour + Monolayer —= Bimolecular layer
Vapour + Bimolecular layer —— Trimolecular layer
Vapour + Trimolecular layer —= Multimolecular layer

Langmuir assumption applies to each layer and there is sa dynamic
equilibrium exits between the successive layer. Further, the rate of from the
first layer is equal to the rate of condensation of

preceding layer.

The heat of adsorption in each layer (except the first layer) is involved in
each of the evaporation process. After the formation of first layer, the heat
of adsorption is equal to the latent heat of

condensation of vapours.

BET equation
p 1 C—-1 p

v(pp—p) vmC vl po

Where:

P: partial vapour pressure of adsorbate gas in equilibrium with the surface in
pascals

P, saturated pressure of adsorbate gas, in pascals

v: volume of gas adsorbed at standard temperature and pressure (STP)
[273.15Kand atmospheric pressure (1.013x105Pa)], in millilitres

Vi Volume of gas adsorbed at STP to produce an apparent monolayer on the
sample surface, inmillilitres

C: dimensionless constant that is related to the enthalpy of adsorption of the
adsorbate gas on the powder sample.

it calculate:
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. ((AHad;;AHl,-q))

AH,q: heat of adsorption 1% layer

(constant for given gas)

AH,iq: heat of liquification

BET Plot and Determination of Surface Area
The BET equation can be rearranged into a linear form:

u 1 C—-1 »9p

— l o

v(po — p) UmC v,,C  pg

Surface Area Calculation

From the monolayer absorbed gas volume (v.,), we can determine total and
specific surface area
T.IJ” J.n‘l'T_"q. =2

S =
V

Sis surface area of sample material
Vi IS monolayer absorbed gas volume
N is Avogadro’s number = 6.02 x 10°*molecules/mol
As is cross-sectional area of adsorbed gas molecule
7 is molar volume of adsorbed gas
S
SBET =7

Sger = specific surface area
a= mass of sample

Derivation BET adsorption isotherm

We can represent the formation of multilayer of gas molecules on the

surface of adsorbent can be explained with following equilibrium equations:



27

M+S ——= MS

M+MS —= M,S
M+DM,S —= M,S
M+M_,S—=MS

Where M is the unadsorbed gas molecules and S is the active sites on the
adsorbent surface; MS is the single layer formed; M2S is the second layer
formed and so on. There is always an equilibrium exists between the
adsorbate and adsorbent.

The equilibrium constant can be written as:

[Ms] - [M,s] [M,5]

and soon (D)

We know that P is the pressure of gas molecules and M is the un-adsorbed
molecules. Further, let 0, be free surface area available for adsorption; 0, is
fraction of free surface area available after formation of monolyer; 0, is
fraction of free surface area available after formation of second layer; 03is
fraction of free surface area available after formation of third layer and so
on.
Therefore, the adsorption of unadsorbed molecule on the surface of
adsorbent, [S] a P and;

[M]=]6,; [MS] = 04; [M,S]= 0,; [M3S] = 63 and so on.
Substituting the above 0 values in equation (1), we have:

6, 6, 6,

T, .

Pe." * Pe P pe,

,i:" =

1

(2)

The value of k1 is usually very large as compared to the other equilibrium
constant. This is due to the increase in distance from the adsorbent surface
and the interaction gas molecules and solid adsorbent.
» Therefore, ks, ks, k4 etc. much smaller than k.
So, k, = ky = ki, (3)



28

where KL is the equilibrium constant corresponding to saturated vapour liquid
equilibrium system and it may be represented mathematically as:

k, = — (4)

ki

> MS k1=:—;) > 8:1=kiP6, (5)

A, is gas molecule, S active site , AS is the molecule adsorbed onto the

M+S

surface, 0y is the unadsorbed part of the surface, 0, is the part covered by a
single layer of molecules.

M+Ms X2 MS k= 96;) => 6=k PO = 9!% 6)

1

In multilayer adsorption at saturation pressure B, the gas begins to condense
into a liquid on the preceding layer, therefore, it can be written:

02 = 621o (7)
P
M+MS B> Ms  k=-2 > 6=kiPo: = 0,2 (8)
2 3 6, p P
M+ MsS 4> M,S k3=ef’—~'p > B8:=kiPo; = e;% 9)
M+L\-Iu_1$—k“—> MS k=221 > 6u=kiPOi=0, - (10)
n-1 p

Adsorption is usually stronger in the first layer than in the layers that follow
it, therefore:

Ky >>>> Kk, > ks > k>> k, =k
But when adsorption becomes similar to condensation (from gas to liquid),

the constant remains constant and takes on a value of:

KL= constant for reaction M) - ‘Mg

safmratcd liquid
vapour
(p°)
_[hlm@] 1
Ko o) > =~ (Important) (11)
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Ko=ks=Kq.... =k, =k_=1/p°
Because the layers after the first one condense like liquids, we replace all
the K, = k3 = k4 .... = k, = k;_ values with 1/p° value.
Now from equations 1, 2, 3, 4 , we get:
Bi=kiP6, (% )0

1
e: =91—po- = klpe‘(%)

P
-
6; = 022 — kipa(L)
p P
0: = 93-20- = kiPeo, “%‘)
P P

-1
0 =612 = kP o)
p P

Sum of all surface states = 1
Oo+01 +02+603+04...... Ba=1

We compensate for each 0:

p 0 p ! p 2
0+ k1P 6, (—p—o‘)+klpes('g)')-i-klpea(‘ﬁa)%-klpea%) ----- =]
1 2 3
B[ 1+ kiP+ klp{%)+klp(%j+klp(%) ------ =1

1 2 3
0 [ 1+k1P{1+(%)+(%) +(%) b =1

mathematically when (1+x + x>+ x> +x%..) = (ll-x)
Wherex=£[,,
P
1+ (24 By + By =
p /+ F +(F) l_i
pl}
o[ 1+kiP( )1=1 2> 00 1+ 5] -1
P (1-5
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(l-%) + kipP

Bo [ ]=1
(1-%)
(1——;’5)+ ki P
T T

P
()
1—(§é}+hP

Let Vi be the total number of molecules adsorbed by unit mass of

0

o

(12)

adsorbent and V,, be the total number of surface sites occupied by the
adsorbed molecules per unit mass of the adsorbent.
Further V.8, is the number of sites carrying one molecule thick, V0, is the

number of sites carrying two molecules thick and so on and hence,

S :Vm(91+2€3—393+...) (13)

"7 tot

Substituting 6., 6,, 65 values in equation (13), we have

- B ] ( \| - \2, 1
"Ko:—r/:;z{l‘lpeoll+2[%a J+D[%ol . j:l (14)

V, =V kPO, ———| . 1+2x+3x+..= . (15)

tot

P
k.P []_FI
Vi =V,| — s x——27 (16)
h_i I1——‘+k1P
Il Po \, o /
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kP

fot my o (1?)
1-L
U B

Y,

‘ i ]- ; ‘ + kP

Expansion of P in terms of partial pressure can be written as:

B, (p,)\ 1
_pxte_p(P/ (P
P=pxp =R T ) 5V

a@

| ok, = %D

Replacing P by 1/k, (P/P,) in equation (17), we get

f’f/“(’P )
Vi =V - ki’h‘%} ./ (18)
([ P

EEINCAA

Vm ¢ [,. 7 \‘ v EAY & \
Vi = P VALY wherec = ]% | (19)
i \ { \ \ \L Y,

Equation (19) is the required equation for adsorption of gaseous
molecules on adsorbent surface and it is known as BET adsorption
equation for multi-molecular layer formation.

Determination of surface area covered using BET adsorption equation
(Testing of BET adsorption equation)

> Let P/Po as x and hence BET equation may be represented as:
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v, = Vi o (20)
o (1=x) 1= x+ex]
'T’mr(l_q")_- V€ (21)
X '_1 — X +CX
X l-x+ex

V. (1-x) Vv, c

tot

X 1+x[—1+c]
v, tot (1 o T) Vm ¢
X 1 . b [c‘ — 1]
Viell=x) V,c 7, c
X h's [c‘ - 1]
i

[.z y '\_] ] _ 1 + I:c'x S 1] ||"-' y -._'I|
VY V (P,-P) Ve V, c\/E)
faf

P

P [::‘ 1]
(22)
V. (P-P) Ve A’ |

m

Equation (22) is the BET Equation, Where P/Po is the relative
pressure of the adsorbate; Vtot is the total number of gas molecules
adsorbed; Vm is the total number of sites occupied by adsorbed
molecules per unit mass of the adsorbent; and c is the characteristic

constant which depends on nature of adsorbent and adsorbate.
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'l \ =
If we plot L Versus | 7 |. we get slope = [e-1] and intercept = =,
l/(al (Pn - P) \ P” / I/m c I/’"C
I
slope = ¢l
P Vrrrf

v, (P/P)

~.

g !
mtercept =
1 V.c

2

(P/P) —=

Adding slope and intercept, we get:

le-1] 1

+
V ¢ V. c

m

slope + intercept =

c—1+1

C

m

1
Vm - .
slope + intercet

slope + intercept =

At standard temperature and pressure,

22.4 L will have = N, molecules
VN,

VL will have = (23)

"

Let one molecule of an adsorbate occupies an surface area = o
Total number of molecules present in one volume will occupy surface

area,

g oV, N,
224
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Physical Chemistry/ kinetics chemistry
(2025-2026)
Prof. Dr. Abdulgadier Hussien Alkhazraji
Lecture 9 28/ 01/ 2026

Kinetics of Polymerisation
1. KINETICS OF FREE RADICAL POLYMERISATION

Kinetics of free radical polymerization involves three steps:

Step 1: Chain Initiation
It consists of two steps: In the first step, the initiator | dissociates into two

molecules of primary free radicals (Re);
k
1-52R
The rate of dissociation of the initiator, I is given by:

—d([I]
dt

= kalll ...(1)

Or) the rate of formation of free radical is given as:

=2k4lI] ...(2)

Since the reaction takes place by two events.
In the second step, the primary free radical combines with the first monomer

M to give chain initiating carrier.
k;
R+ M- M
Further, the rate of formation of chain carrier is given by:

d[M*]
dt

Applying steady state approximation (SSA) with respect to Re, we have:

= Kk [R][M] ...(3)

The rate of formation of Re = The rate of conversion of Re into Me



2kall] = ki[R"][M]

d[M"]

—ar — 2kalll

Therefore, the rate of chain initiation is given as:

Step 2: Chain Propagation
It involves the growth of chain initiating carrier by successive addition of large
number of monomers one by one.
kp
M*+M—- M
L ] k?‘l L]
M]+M-— M,
- kr'l -
M; + M — M;
ky .
M+ M- M;
Since the chain growth is independent of chain length, all these steps take place

with a rate constant of k.

Therefore, the rate of propagation is given as:
R, = k,IM'][M] ...(5)

Step 3: Chain Termination
It takes place by mutual combination of chain carriers, and it proceeds with the
rate constant, k.

ke

M*'+M' - P
Therefore, the rate of chain termination is given as:
R, =2k, [M"]* ...(6)

In any number of terminations, two number of chain carriers are involved.
Applying SSA to M- in order to evaluate in terms of measurable quantities, we

have:

Rate of formation of M+ = Rate of termination of Me



2kq[1] = 2k, [M"]?

kall]

L

1

o) = (3 mE )

t

But, the rate of polymerisation depends upon the rate of propagation, and

hence:
The rate of polymerisation =[M<][M]
1
k2 1
= — Z
Rp = k, (kt) [11Z[M]
(or)
1

kai\2 1
Re =y (2) FURDN . (®)

2. KINETICS OF ANIONIC POLYMERISATION
The monomers like vinyl chloride, acrylonitrile follow anionic polymerisation.
The Lewis base like NaNH, or KNH, acts as the catalyst. The kinetics of
anionic polymerisation also involves three steps.
Step 1: Chain Initiation
In the first step Lewis base dissociates to give the active species. The active
species in turn attacks the the first monomer to give a carbanion chain carrier.

AB — A + B
Lewis base Active species

k;
B-+M—-=BM™
Where, BM is a carbanion chain carrier.

Therefore, the rate of initiation is given by:



R; =k;[B7][M] ...(1)

Step 2: Chain Propagation
It consists of the growth of anionic chain carrier by successive addition of large
number of monomers one by one.
M~ +M—-M-M"
M-—-M +M-M-M-M"
M-M-M +M—-M-M-M-M"
(or)

_ kp
M?i +M—>M?i+1

Therefore, the rate of propagation is given by:

R, = kP[M;] [M]  ...(2)
Step 3: Chain Termination
The growing chain can be terminated by using excess of suitable solvent.

ke
M,+B—M,+B~
Therefore, the rate of termination is given by:
R; = k[M;][B] ...(3)

Applying SSA to the intermediate species (1, we have:
The rate of formation of [ 1~ = The rate of termination of [~

k;[B~] [M] = k.[M,] [B]

k;[B~] .
[M,] = k. [B] [M] ...(4)

We know that,
The rate of polymerisation = The rate of propagation

R, =k,[M;][M] ...(5)
Substituting [M,; ] in equation (5), we get:

ki [B~]

R, = kpk—tm [M]* ...(6)



The kinetic chain length of polymers is defined as the average number of
monomers reacting with active species to form a polymer from initiation to
termination.

(or)

Rate of polymerisation

The kinetic chain length = ——
= Rate of initiation

ki[B7] (nr2
K{.'L—kk_[][M]
k;[B~][M]
kM
KCL kt[]

3. KINETICS OF CATIONIC POLYMERISATION

The monomers like propylene, styrene follow anionic polymerisation. The
Lewis acid like AICI; or BF; acts as catalyst and water is used as co-catalyst.
The kinetics of cationic polymerisation involves three steps.
Step 1: Chain Initiation
In the first step Lewis acid reacts with the cocatalyst to give the active species.
The active species in turn attacks the first monomer to give a carbonium ion
chain carrier.

A + RH i H* — AR™
Lewis acid Co-—catalyst Active species

ki
Ht — AR  + M —- HM*' — AR™
Where, HM* — AR~ 1s a carbonium ion chain carrier.

Therefore. the rate of initiation 1s given by:

R; = k;[H* — AR™] [M]
(or)
R; = k;k[A] [RHI[M] ...(1)



Step 2: Chain Propagation

It consists of the growth of cationic chain carrier by successive addition of
large number of monomers one by one.

HM™— AR+ M —-H-M—-M"—-AR™
H-M-M"+M—-H-M—-M-M"—AR"

(or)

Mi— AR +M 2 M:,,— AR

Therefore. the rate of propagation 1s given by:
R, =Ik,[M; —ART1[M] ...(2)

Step 3: Chain Termination

It involves the transfer of H™ ion from the end of growing chain to AR".

M; — AR™ s M, +H*AR™
Therefore. the rate of termination 1s given by:
R, = k[M; —AR"] ...(3)
Applying SSA to the intermediate species My — AR™. we have:

The rate of formation of M;) — AR™ = The rate of termination of M;; — AR~

kik[A] [RH][M] = kM5 — AR™]

kk; ,
(M, —AR™] = - —[A] [RH][M] ...(%)
t
We know that,
The rate of polymerisation = The rate of propagation
R, = kP[M,*; —ART]) [M] ...(5)

Substituting M;7 — AR™ in equation (5). we get:

kk
R, =k,

p k: [A] [RH][M]? ...(6)



The kinetic chain length of polymers is defined as the average number of
monomers reacting with active species to form a polymer from initiation to

termination.

(o1)

Rate of polymerisation

The kinetic chain length = —
= Rate of initiation

kk.
v, Al [RH] [M]?

kik[A] [RH][M]

k

KCL =

KCL k*’M
_E[ ]

Kinetics of Enzyme Catalysis (Michaelis — Menten Equation)

= The general mechanism for the kinetics of enzyme-catalysed reaction was
first proposed by L.Michaelis and Mary Menten in 1913.

= The mode of action of an enzyme in Michaelis-Menten mechanism is as

follows:
(i) Formation of the Enzyme-substrate complex.

k,

E+S < ES

k2
Forward rate = k, [E][S]

Backward rate = k, [E.S‘]
(if) Decomposition of the complex.

ES 5 5P+ E
Where E is the enzyme, S is the substrate, ES is the enzyme-substrate complex,

(intermediate activated complex) and P is the end product.

= The rate of formation of the product is given by:

d[l’]

i TR g (1)
e k,|ES] (



= In order to solve the equation (1), it is necessary to know the concentration
of ES. This can be calculated through steady-state principle.
= According to this “when a short-lived reaction intermediate exists at low
concentration in a system, the rate of formation of intermediate can be

considered to be equal to its rate of disappearance”.

= Applying steady-state principle,

k [E][S] = k,[ES]+ k,[ES]
k, [E][S] - [E'S‘]{k: +k;)
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(ky + ks )
Since the enzyme exists either in free form E, or the combined form ES, the

total concentration of the enzyme, E, originally added can be obtained from the

material balance equation.
[E,]=[E]+[ES]

[E] = £, ]- 5] -(3)

= Inserting the value [E] in equation (2), we get
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—> Substituting [ES] in equation (1), we get:
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= Dividing the numerator and denominator of equation (5) by k; gives:

i —
{'ff I:S:I+ir k:-l'ks i
|II 1 |
r_ KlE]ls] .(6)
5|+,
where

k= Btk \
| kl |

= Kq, is called Michaelis constant and equation (6) is known as Michaelis-

Menten equation.

Significance of k, (Michaelis Constant)

= When all the enzyme has reacted with substrate at high concentration, the
reaction will be going at maximum rate. No free enzyme will remain, so that
[Eo] = [ES]. Hence from equation (1), we have

szﬁ;:ks[Eu] +(7)
dt

where rmax 15 the maximum rate.

— The Michaelis-Menten equation can now be written as:
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= Case 1: If Michaelis constant, km is equal to substrate concentration, [S]

I.e.: ky =[S], then
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= The Michaelis constant is a measure of enzyme activity and can be shown to

be equal to (k, + ki) / ky. It is also equal to the substrate concentration at one

half the maximum rate.

= Case 2: At low concentration of substrate, when [S] << k,, then

. _k[E][s]
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= So, the rate of the reaction will be of first order with respect to the substrate

and enzyme.

= Case 3: At high concentration of substrate, when [S] >> ki, then
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= S0, the rate of the reaction will be zero order with respect to substrate for a
given amount of enzyme.

It is clearly understand that the reaction of an enzyme catalyzed reaction
changes from first order to zero order as the substance concentration is
increased. This is because each enzyme molecule has one or more active sites
at which the substrate must be bound in order that the catalytic action may
occeur.

Lineweaver-Burke Plots (Determination of k)
= Lineweaver-Burk Equation (Reciprocal form of Michaelis-Menten equation)

Is used to calculate Michaelis constant.

— Aplotof _VSTI gives a straight line whose intercept is 1/7 max and whose slope 18 kw/rmax. Hence
-

Michaelis constant which is characteristic for an enzyme with a substrate can be determined
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Figure is the Lineweaver-Burke plot for enzyme kinetics: The reciprocal of
reaction rate(v) is plotted against the reciprocal of substrate concentrations[S]
for experiments using the same total enzyme concentration
Turnover Number: The constant ks is called the turnover number of the
enzyme. It is defined as “the ability of one molecule of enzyme to form the
complex with number of molecules of substrate and to convert it into

products”.
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