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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-CH3 → 2
·
CH3 

2. Chain Propagation 

In this step the chain carrier makes another carrier. 

·
CH3 + CH3CH3 → CH4 + 

·
CH2CH3 

 

3. Chain Inhibition 

Chain carriers are removed by other processes, other than termination, say by 

foreign radicals. 
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CH3CH2
·
+ 

·
R → CH3CH2R 

4. Chain termination 

Radicals combine and the chain carriers are lost. 

CH3CH2
·
+ CH3CH2

·
 → CH3CH2CH2CH3 

Example; 
 

 

Predicted Rate law; 

Mechanism; 

 

Rate = d[Br2]/dt = k [Br 
–
] [H2O2] [H

+
] 

 

 

Rate = d[Br2]/dt = k2 [HOBr] [H
+
] [Br 

–
] ------ 1 

d[HOBr]/dt = formation – disappearance 

According to the steady-state approximation (SSA); 

d[HOBr]/dt = 0 

Formation; k1 [Br 
–
] [H2O2] [H

+
] 

Disappearance; k2 [HOBr] [H
+
] [Br 

–
] 

0 = k1 [Br 
–
] [H2O2] [H

+
] – k2 [HOBr] [H

+
] [Br 

–
] 

 

Now substituting equation 2 in equation 1; 
 

Rate = d[Br2]/dt = k1 [H2O2][H
+
] [Br 

–
] 

That means; predicted rate law = derived rate law 
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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, CH3CHO), which is found to be three- halves order in CH3CHO: 

Overall reaction, 

CH3CHO(g) → CH4(g) + CO(g) d[CH4]/dt = k[CH3CHO]
3/2

 

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

follows. 

1. Initiation: CH3CHO → ·CH3 + ·CHO 

R = kI [CH3CHO] 

2. Propagation: CH3CHO + ·CH3 → CH3CO· + 

R= kP [CH3CHO][·CH3] 

Propagation: CH3CO· → ·CH3 + CO  Product 

R = Kp-[CH3CO·] 

3. Termination: ·CH3 + ·CH3 → CH3CH3 

R = kT [·CH3] 

- The chain carriers ·CH3 and ·CHO are formed initially in the initiation 

step . 

- To simplify the treatment, we shall ignore the subsequent reactions of 

·CHO . 

- The chain carrier ·CH3 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 . 

CH4 
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kP-[CH3CO⋅] 

kP-[CH3CO⋅] 

According to the Steady-State Approximation (SSA), the net rate of change of 

the intermediates (·CH3 and CH3CO·) may be set equal to zero, That is, the 

change in its concentration over time is equal to zero. 

d[⋅CH3]/dt = 0 

d[⋅CH3]/dt = formation – disappearance 

d[⋅CH3]/dt = kI[CH3CHO]–kP[⋅CH3][CH3CHO]+kP-[CH3CO⋅]–2kT[⋅CH3]
2
 = 0 

d[CH3CO⋅]/dt = kP[⋅CH3][CH3CHO] – kP-[CH3CO⋅] = 0 

The sum of the two equations (d[⋅CH3]/dt + d[CH3CO⋅]/dt ) is 

KI[CH3CHO] 

 

 

 

We get: 

+ – 2kT[⋅CH3]
2
 = 0 

+ 

– = 0 

KI[CH3CHO] – 2kT[⋅CH3]
2
= 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 ⋅CH3 radicals is 

[⋅CH3] = (KI/2kT)
1/2

 [CH3CHO]
1/2 ------------- 

(1) 

If follows that the rate of formation of CH4 from Propagation step above is; 

 

CH3CHO + ·CH3 → CH3CO· + 

 

d[CH4]/dt = kp[CH3CHO] [·CH3] ------ (2) 

 

Substituting Eq. (1) in Eq (2), we get: 

 

d[CH4]/dt = kp[CH3CHO] (KI/2kT)
1/2

 [CH3CHO]
1/2

 

d[CH4]/dt = kp (KI/2kT)
1/2

 [CH3CHO]
3/2

 

kp (KI/2kT)
1/2

 =k 

d[CH4]/dt = k [CH3CHO]
3/2

 

CH4 

KP[⋅CH3][CH3CHO] 

–kP[⋅CH3][CH3CHO] 
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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); 

 

 

The intermediate compound forms rapidly and reacts or disappears just as 

quickly; therefore: 

Rate of formation of intermediate = Rate of disappearance of intermediate 

 

 

Example; 

 

 

Use SSA: 
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Example; 

 

Mechanism; 

 

 

Rate = - d[A]/dt = k1 [A] 

Rate = - d[C]/dt = k-1 [C] 

Rate = d[P]/dt = k2 [B] [C] ------ 1 

 

Using SSA; 

 
Rate of formation of intermediate [C] = Rate of disappearance of intermediate [C] 

 

K1[A] = k-1[C] + k2 [ B] [C] 

 

K1[A] = [C] { k-1+ k2 [ B]} 

 

 

Substituting equation 2 in equation 1; 
 

 

 

Case 1: if k-1 >> k2[B] (This means that removing the intermediate is slower 

compared to the reverse, the reaction is second order) 

Case 2 : if k2[B] >> k-1 (This means converting the intermediate into product a 

very quickly, the reaction is first order) 
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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: 

 

Initial conditions: 
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Mass balance equation is: 
 

[A]0 = [A] + [B] + [C] 

d[A]/dt = -k1[A] 

d[B]/dt = k1[A] – k2[B] 

d[C]/dt = k2[B] 

 

 

 
 

First-order decay of [A]: 

 

 

 

At t=0 , [A] = [A]0 

d[A]/dt = -k1[A] ----- 1 

ln A = -K1 t + I ------- 2 

ln [A]0 = -K1 x 0 + I ------ 3 

I = ln [A]0 

ln A = -K1 t + ln [A]0 ------- 4 

ln[A]/[A]0 = -k1 t ----- 5 

[A] = [A]0 e
-k1t ------- 

6 

Substituting equation 6 in the equation 1, we get: 

d[A]/dt = -k1[A]0 e
-k1t -------- 

7 
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Rate of formation of B: 

d[B]/dt = k1[A] – k2[B] ------ 8 

Substituting equation 6 in the equation 8, we get: 

d[B]/dt = k1[A]0 e
-k1t

 – k2[B] ---- 9 

d[B]/dt + k2[B] = k1[A]0 e 
-k1t

 ----10 (multiply Eq. 10 in e
+k2t

) 

{d[B]/dt + k2[B]} e
+k2t

 = k1[A]0 e 
-k1t

 . e
+k2t -------- 

11 

d[B]/dt . e
+k2t

 + k2[B]. e
+k2t

 = k1[A]0 e 
-k1t

 . e
+k2t ------ 

12 

For recall; 

[A]/[A]0 = e
-k1t

 , and [B]/[B]0 = e
-k2t

 [B]0 /[B] = e
+k2t

 

[B]0 = [B] e
+k2t

 ---13 

At t = 0 the initial concentration of [B]0 = 0 

0 = [B]. e
+k2t -------- 

14 

Substituting equation 14(it value 0) in the equation 12, we get: 

d[B]/dt . e
+k2t

 = k1[A]0 e 
-k1t

 . e
+k2t ------------------------ 

15 

d[B] e
+k2t

 = k1[A]0 e 
–
 
(k1

 
–
 
k2)

 
t
 dt ---------------- 16 

e
+k2t

 0ʃ
[B]

 d[B] = k1[A]0 0ʃ
t
 e 

–
 
(k1

 
–
 
k2)t

 dt ------- 17 

[B]e
+k2t

 = k1[A]0 0ʃ
t
 e 

–
 
(k1

 
–
 
k2)t

 dt ----- 18 

Now, solve the exponential integral (for k1 ≠ k2), the right integral from eq. (18): 

k1[A]0 0∫
t 
e

−(k1−k2)τ 
dt = k1[A]0 [– (k1 –k2)

-1
]. e 

– (k1 – k2)t 

Eq. 18 became; 

[B] e
+k2t

 = k1[A]0 [– (k1 –k2)
-1

]. e 
–
 
(k1

 
–
 
k2)t

 + I ----- 19 

Now to find I integration constant; 

At t = 0 ; [B] = 0 substituting in equation 19; 

0 * e
+k2 *0 

= k1 [A]0 [– (k1 –k2)
-1

]. e 
– (k1 – k2) 0 

+ I 

0 = k1 [A]0 [– (k1 –k2)
-1

]. e 
0
 + I 

I = – k1 [A]0 [– (k1 – k2)
-1

]. e
0
 

Where e
0
 =1; 
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I = – k1 [A]0 [– (k1 – k2)
-1

] ----- 20 

Substituting equation 20 in equation 19; 

[B] e
+k2t

 = k1 [A]0 [– (k1 –k2)
-1

]. e 
–
 
(k1

 
–
 
k2)t

 – k1[A]0 [– (k1 – k2)
-1

] ------ 21 
 

Divide by e
+k2t

 we get; 
 

The concentration of B at k1 # k2 can be written as: 
 

The concentration of B at k1 = k2 = k can be written as: 

[B] = k [A]0 e
-k

 
t ---------- 

23 

Then, solving for [C], we find that mass balance equation is: 

[A]0 = [A] + [B] + [C] 

[A]0 = [A]0 e
-k1t

 + k1 [A]0 / k2-k1 (e
-k1t

 - e
-k2t

) + [C]t 

Where: [A] = [A]0 e
-k1t

 from equation 6; and [B]t = k1 [A]0 / k2-k1 (e
-k1t

 - e
-k2t

) 

from equation 22 we get: 

[C] = [A]0 – [A] + [B] 

[C] = [A]0 – [A]0 e
-k1t

 + k1 [A]0 / k2-k1 (e
-k1t

 - e
-k2t

) 

[C] = [A]0 {1 – e
-k1t

 + (e-k1t - e-k2t)} 

[C] = [A]0 {1 – {e
-k1t

 + k1 / k2-k1 e
-k1t

 – k1 / k2-k1 e
-k2t

 }} 

k1 / k2-k1 
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[A]0 = [A]t + [B]t + [C]t 

[A] = [A]0 e
-k1t ---------- 

6 

[B] = k1 [A]0 / k2-k1 (e
-k1t

 - e
-k2t

) ----- 22 
 

[A]0 = [A]0 e
-k1t

 + k1 [A]0 / k2-k1 (e
-k1t

 - e
-k2t

) + 
 

 

We can calculate the maximum B and maximum time by equation: 

If k1 ≠ k2 
 

 

If k1 = k2 = k 
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tmax = 1 / k 

[B]max = [A]0 e
-1

 

 

Because of at tmax = 1 / k; 

[B]max = [A]0e 
–k tmax 

= [A]0e 
–k 1/k 

= [A]0 e 
-1 

Notes: 

 If k2 >> k1(Meaning B quickly convert to C) B does not accumulate much 

and small [B]max and tmax. 

  If k1 >> k2 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: 
 

K1 = 12 and k2 = 2 [t in min] 

Answer: 

tmax = (ln k1/k2)* (k1-k2)
-1
 

= (ln 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. 
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If we assume that both of them are first order, we get. 
 

– d[A]/dt = k1[A] + k2[A] 

– d[A]/dt = (k1+k2) [A] 

Where [A] = (a – x), [A]0 = a , [B] = y, and [C] = z 
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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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Effective half-life: 

 

Two independent cases with half-lives; we have two processes or mechanisms 

that occur together: 

T1 =ln2/k1   k1 =ln2/ T1 

And T2 =ln2/ k2  k2 =ln2/T2 
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Where T is Half-life , k is decay constant 

When both processes occur together (active decomposition), the resulting 

decomposition has a total decomposition constant: 

Kf = k1 + k2 

Effective half-life is Tf;  

Tf = ln2/kf  kf = ln2/Tf 

Kf = k1+k2 

ln2/Tf = ln2/T1 + ln2/T2 

1/Tf = 1/T1 + 1/T2 

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 
 

 

t = 0 A0 0 

t = t A0 – x x 

t = teq A0 – xe xe 

 
[A]eq [B]eq 

Rate of forward reaction = kf [A] 

Rate of backward reaction = kB [B] 

At equilibrium; 

Rate of forward reaction = Rate of backward reaction 

kf [A]eq = kB [B]eq 

kf (A0 – xe) = kB xe 

kf A0 – kf xe = kB xe 
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Conclusion: 

kf A0 = kB xe + kf xe 

kf A0 = (kB + kf ) xe 
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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 to 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. 
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Rate Laws and the Rate-Determining Step 

Take the following example of a gas phase reaction: 

CO + NO2   →   CO2 + NO 

If this reaction occurred in a single step, its rate law would be: 

Rate = k [NO2] [CO] 

However, experiments show that the rate equation is: 

Rate =k[NO2]
2 

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 NO2 

molecules react, and therefore the CO molecule must enter at 

another, faster step. A possible mechanism that explains the 

rate equation is: 

 

   The rate reaction law was taken from slow step: 

Rate =k[NO2]
2 
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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: 

H2(g) + 2ICl(g)  →  I2(g)  +  2HCl(g) 

The proposed reaction mechanism is given as follows: 

(1) slow reaction :   H2 + ICl→  HI + HCl         rate1 = k1[H2][ICl]  

(2) fast reaction  :   HI + ICl→  I2+HCl          rate2 = k2[HI][ICl] 

 Overall reaction;        H2(g) + 2ICl(g)→  I2(g)  +  2HCl(g) 

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

reaction rate for this reaction is given by this step:  
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rate = k [H2][ICl] 

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(g) + O2(g)→  2NO2(g) 

The proposed mechanism is given by: 

 

Overall reaction;         2NO(g) + O2(g)→  2NO2(g) 

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 N2O2, which is a reaction intermediate, and not a final 

product. 

rate2 = k2[N2O2][O2] 
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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 N2O2. At equilibrium, the rate of 

the forward reaction will equal the rate of the reverse 

reaction. We can write this as follows: 

rate =k1[NO]2  

rate = k−1[N2O2] 

at equilibrium; 

k1[NO]2 = k−1[N2O2] 

Rearranging for [N2O2], we have: 

[N2O2] = k1 [NO]2/ k−1
 

We can now substitute this expression into the rate law for 

the second, rate-determining step. This yields the following: 

Rate = k2(k1/k−1)[NO]2[O2]  =  k [NO]2[O2] 

Where k = k2( k1/k-1) 

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

order in O2, has been confirmed experimentally. 
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 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 (Ea) 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 * e^(-Ea/RT) 

Where A and R are constants, T = temp, and Ea = activation 

energy. As you can see, as Ea increases, k decreases. Thus, the 

higher the Ea, the slower the reaction rate. 

 انتفاعم سرعت قاوون حساب

 . اىخفاعو سشعت فً قاوىن مخفاعيت مادة ىنو اىخفاعو سحب قٍم حعٍٍه

 اىخشمٍز فً اىزٌادة معذه ٌساوي اىسشعت اىزٌادة فً معذه :الأونى انرتبت مه اىخفاعو 1.

 معذه ٌصاحبها مضاعفت واحذة مشة اىخشمٍز ماوج مضاعفت إرا : انثاويت انرتبت مه ىخفاعوا 2.

2) مشاث أسبع اىسشعت
2

2)مشاث  ثمان ومشحٍه( 
3

) 

 معذه سشعت اىخفاعو قٍمت عيى حؤثش لا اىخشمٍز فً اىزٌادة   :انصفريت انرتبت مه ىخفاعو3. 

 مع اىسشعت قٍمت فً اوخفاض دائما   ٌصاحبها: انكسريت أو انسانبت اندرجت مه انتفاعم 4.

 . اىخشمٍز فً اىزٌادة
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  انصفريت انرتبت تفاعم

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.  

معدل سرعت  قيمت عهى تؤثر لا انتركيز في انزيادة كاوت إذا انصفريت انرتبت مه انتفاعم يكون

 .انتفاعم.

 

اعلاي ارا مان مه اىمشحبت اىصفشٌت هزا ٌعىً ان اىمخفاعلاث عيى اىٍساس لاحخفاعو ىخنىن  اىخفاعو

اىىاحج عيى ٌمٍه اىمعادىت الا ارا مان هىاك مؤثش خاسجً ماىعىامو اىمساعذة او اىضىء او اىخفشٌغ 

 اىنهشبائً.

Rate does not change with concentration. 

 

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

                                                       R                                 P 

                      at  t = 0            [R]0                           0                        

                      at  t = t             [R]                             x                      

R: reactant   and     P: Products  

Where; [R]0  is initial concentration of reactant.  

 .مٍز الابخذائً ىيمادة اىمخفاعيتخشاى

x is concentration of products. 

.اىمخفاعيتحشمٍز اىمسخهيل مه اىمادة اي ٌمثو   ,مٍز اىمادة اىىاحجتحش   

[R] is the remaining of the concentration of the reactants 

 ماحبقى مه حشمٍز اىمادة اىمخفاعيت.  

Now consider the reaction: 

R → P 
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As any quantity rose to power zero is unity 

 

Integrating both sides 

[R] = -k t + I 

 

 

Where , I is the constant of integration. 

At (t = 0), the concentration of the reactant R = [R]0, where [R]0 is initial 

concentration of the reactant. 

Substituting in equation 

[R] = -k t + I 

 

[R]0 = -k * 0 + I 

 

[R]0 = I 

 

Substituting the value of I in the equation 

  

[R] = -k t + I 

we get 

 

[R] = -k t + [R]0 

 [R] = [R]0 - Kt 

Comparing with equation of a straight line, y = mx + c, if we plot [R] 

against t, we get a straight line (Fig. below) with slope = –k and 

intercept = [R]0. 

Further simplifying equation: 

[R] = [R]0 - Kt 

We get the rate constant, k as 

K = [R]0 - [R]
 
/ t 
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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. 

 

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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Integrating this equation, we get 

ln [R] = -Kt + I 

 

Again, I is the constant of integration and its value can be determined 

easily. 

When t = 0, R = [R]0, where [R]0 is the initial concentration of the 

reactant. 

Therefore, equation 

ln [R] = -Kt + I 

We  can be written as 

ln [R]0 = –k × 0 + I 

ln [R]0 = I 

Substituting the value of I in equation 

ln [R] = -Kt + I 

we get 

ln[R] = -kt + ln[R]0 

Rearranging this equation 

 

At time t1 from equation        ln[R] = -kt + ln[R]0 

ln [R] 1 = - Kt1 + ln [R]0 

And time t2 

ln [R] 2 = - Kt2 + ln [R]0 
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where, [R]1 and [R]2 are the concentrations of the reactants at time t1 and 

t2 respectively. 

Subtracting   ln [R] 2 = - Kt2 + ln [R]0   from  ln [R] 1 = - Kt1 + ln [R]0 

We get  

ln[R]1– ln[R]2 = – kt1 – (–kt2) 

ln [R]1/[R]2 = K(t2-t1) 

K = 1/ (t2-t1)  ln [R]1/[R]2 

Equation   ln[R] = -kt + ln[R]
0
  can also be written as 

ln [R] / [R]0 = -k t 

Taking antilog of both sides 

[R] / [R]0 = e -
k t

 

[R] = [ R]0 e
-kt

 

 

Comparing equation ln[R] = -kt + ln[R]
0
  with y = mx + c, if we plot      

ln [R] against (t ) (Fig. below) we get a straight line with slope = –k and 

intercept equal to ln [R]0 The first order rate equation (10) can also be 

written in the form 

K = 2.303/ t  log [R]0 / [R] 

log [R]0 / [R] = (K t) / 2.303 

If we plot a graph between log [R]
0
/[R] vs t, (Fig.below) ,the slope = 

k/2.303 

Hydrogenation of ethene is an example of first order reaction. 

C2H4(g) + H2 (g) → C2H6(g) 

Rate = k [C2H4] 

All natural and artificial radioactive decay of unstable nuclei take place 

by first order kinetics. 
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Example  

The initial concentration of N2O5 in the following first order reaction                  

N2O5(g) → 2 NO2(g) + 1/2O2 (g) 

was 1.24 × 10
–2

 mol L
–1

 at 318 K. The concentration of N2O5 after 60 

minutes was 0.20 × 10
–2

 mol L
–1
.Calculate the rate constant of the 

reaction at 318 K. 

Solution: For a first order reaction 

 

Let us consider a typical first order gas phase reaction 

A(g) → B(g) + C(g) 

Let pi be the initial pressure of A and pt 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 + pB + pC (pressure units) 

pA, pB 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. 

 

Example  

The following data were obtained during the first order thermal 

decomposition of N2O5 (g) at constant volume: 

 

 

Solution: Let the pressure of N2O5(g) decrease by 2x atm. As two moles 

of N2O5 decompose to give two moles of N2O4(g) and one mole of O2 (g), 

the pressure of N2O4 (g) increases by 2x atm and that of O2 (g) increases 

by x atm. 
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Using equation (16) 

 

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 t1/2. 

For a zero order reaction, rate constant is given by equation: 
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It is clear that t1/2 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 

 

So, the above equation becomes 

 

 

Or 
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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. 

 

For zero order reaction t1/2 ∝ [R]0. For first order reaction t1/2 is 

independent of [R]0.    

Example  

A first order reaction is found to have a rate constant, k = 5.5 × 10
-14

 s
-1

. 

Find the half-life of the reaction. 

Solution: Half-life for a first order reaction is 
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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 (t1/2) of the reaction. 

Solution: When reaction is completed 99.9%, [R]n = [R]0 – 0.999[R]0 

 

 

For half-life of the reaction 

 

Table below summarizes the mathematical features of integrated laws of 

zero and first order reactions 
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Example for order reaction calculated: 

 Answer: 
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Answer: 
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Physical chemistry / Kinetic chemistry 
(2025-2026)  

4
th

 week             19/11/2025 

Prof. Dr. Abdulqadier Hussien Alkhazraji 

Lecture 4 

Third order reaction 3nd  

In general, a third order reaction can be represented as: 

  كالاحي: انثانثت انًرحبت يٍ حفاعم حًثيم يًكٍ ، عاو بشكم

 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: 

 َفس انًخفاعلاث نجًيع يكوٌ عُذيا أو فقط واحذة حفاعم يادة انخفاعم يخضًٍ عُذيا(: I) انحانت

 [:C] = [B] = [A)] الأوني انخركيز

 :انثانثت انرحبت يٍ عاوانخفاعم ان اعخبارك في ضع

A + B + C → Products      

3A   →   Products 

                         t = 0          a                0 

                         t = t         a-x               x   

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

 :( t) انوقج في انثانثت حفاعم انًرحبت عهى انًطبق سرعت انخفاعم يعذل قاَوٌ إعطاء يخى
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Rearranging the equation, we get; 

 

Integrating the equation between proper limits, we get; 

 

 

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

Therefore, equation can be written as 

 

 

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

equal initial concentration of reactants. 
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Units of rate constant (k):  

lit
2
.mole

-2
sec

-1
, lit2.mole

-2
min

-1
, lit

2
.mole

-2
 hour

-1
, lit

2
.mole

-2
day

-1,
 

lit
2
.mole

-2
year

-1
 

 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. 

 يعذل يعادنت لأٌ انًسخخذيت انخركيز وحذاث عهى حعخًذ( k)سرعت انخفاعم  يعذل ثابج قيًت

 .يزانخرك يصطهح حخضًٍسرعت انخفاعم 

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

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

(a-x)1/2بيٍ   انبياَي انرسىب يًثم ،( يخساو   أوني بخركيز) انثانثت حفاعم انًرحبت
2

عهى يحور  

y)( و قيًت انوقج )t( عهى يحور )x.) 

 

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

 [C] = [B] = [A] حيث ، انثانثت نخفاعم انرحبت انعًر َصف

Concentrations from the equation, 
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At   t = t1/2   and    x = a/2 

 

 Case (II) , where [A] ≠ [B] ≠ [C] 

            A    +     B    +    C    →     Products 

              t = 0               a             b            c       →          0 

              t =t              (a-x)       (b-x)      (c-x)   →          x    
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 Case (III) , 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) 

           (a-x) (b-x) = (a-x)
2 

         dx/dt = K (a-x)
2
 (c-x) 

Rearrange the following equation above we get: 

dx/(a-x)
2
 (c-x) = kt 

Integrating both sides 
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 Methods for finding the reaction constant and reaction order for 

simple reaction 

1. Differential Method         

dx/dt = kc
n
 

Where c is reactant concentration, n is order reaction 

Log(dx/dt) = log (kc
n
) 

log rate = log k + n log c 

 

 

2. Half-Life Method    

t0.5 α a
1-n 

t0.5 = C a
1-n

 

log t0.5 = log C + (1-n) log a 
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Physical chemistry / Kinetic chemistry 

(2025-2026) 

 

 

1
st 

week                      01/10/2025 

Lecturer Prof. Dr. Abdulqadier Hussien Al Khazraji 

 

 مفبهيم عبمت نهحركيت انكيميبئيت

GENERAL IDEAS OF CHEMICAL KINETICS 

ه  ّ٘ ه مَٞٞبئٜ َٝنِ ثغٖ٘ىخ ٍؼشفخ اىطبقبد اىَشافقخ ىيزح ّ٘ ٝجِّٞ اىضشٍ٘دْٝبٍٞل أّّٔ ػْذ حذٗس رح

ه ٗاىطبقخ اىحشح ىيزفبػو ...اىخ ٗػْذٍب رنُ٘ فٜ رفبػو مَٞٞبئٜ غبقخ اىْ٘ارظ  ّ٘ ٍضو اّضبىجٞخ اىزح

ه َٝنِ أُ ٝحذس ثص٘سح ريقبئٞخ،  ّ٘ ُّ اىزح ُّ َؼْٚ ٗثأخفط ٍِ غبقخ اىَ٘اد اىَزفبػيخ فئ أخش فئ

َٝنِ أُ رؼطٜ دىٞلاً ػِ إٍنبّٞخ حذٗس اىزفبػو ٍؼِٞ  رغٞشّاد اىطبقخ اىحشح اىَشافقخ ىزفبػو

( أٗ ػذً إٍنبّٞخ حذٗصٔ ) G∆ 0 =( أٗ أُ ٝنُ٘ ٍز٘اصّبً )ٍؼن٘ط()  G∆ 0 >ثص٘سح ريقبئٞخ ) 

> 0 ∆G   ( ، عَٞغ رغٞشّاد اىذٗاه اىضشٍ٘دْٝبٍٞنٞخ رزؼيق فقػ ثبىحبىخ اىجذائٞخ )غبقخ اىَ٘اد

اىَزفبػيخ( ٗاىحبىخ اىْٖبئٞخ )غبقخ اىَ٘اد اىْبرغخ( ىيزفبػو الإعَبىٜ ٗىٞظ ىٔ ػلاقخ ثبىطشٝق 

 :اىزبىٜ اىَغي٘ك أٗ اىضٍِ اىزٛ ٝغزغشقٔ اىزفبػو حزٚ ٝزٌ ّح٘ اىزَبً، فَضلاً اىزفبػو

H2(g) + 1/2O2(g) = H2O(l) ; ΔH
o
 = ‒285 kJ/mol , ∆G

o
= ‒237 kJ/mol 

ُّ اىزفبػو ػْذ اىششٗغ اىؼبدٝخ ٍِ دسعخ اىحشاسح  ٍِ اىَفشٗض أُ ٝحذس ثص٘سح ريقبئٞخ، غٞش أ

ُّ اىزفبػو ثطٜء ىيغبٝخ، إلا أّّٔ ٝحذس ثص٘سح  ٗاىعغػ لا ٝحذس ٗى٘ ثؼذ ػذح عْ٘اد، أٛ أ

ٍَُنِ عشٝؼخ ػْذ حذٗس ششاسح مٖشثبئٞ ُّ اىزفبػو  خ أٗ ٗع٘د ٗعٞػ ٕٗزا ٝذه ػيٚ أ

ُّ اىطشٝق اىزٛ ْٝقو اىَ٘اد اىَزفبػيخ إىٚ ّ٘ارظ  ً ٗرىل لأ ٍَُنِ حشمٞبّ صشٍ٘دْٝبٍٞنٞبً إلا أّّٔ غٞش 

ُّ غبقخ اىشٗاثػ ىيٖٞذسٗعِٞ ٗالأ  and 435مغغِٞ ٗٝحزبط إىٚ غبقخ ػبىٞخ غٞش ٍز٘فشح، حٞش أ

490 kJ/mol ػيٚ اىز٘اىٜ ىزىل ٝذ ُّ خو  اىضٍِ مَزغٞشّ ى٘صف اىحبىخ فٜ اىحشمٞخّ  اىنَٞٞبئٞخ. إ

ه اىَ٘اد اىَزفبػيخ إىٚ ّ٘ارظ اىزفبػو ٕٜ ٍ٘ظ٘ع دساعخ  ّ٘ اىؼَيٞخ اىنَٞٞبئٞخ اىزٜ ٝزٌ ثَ٘عجٖب رح

ّغذ  ىزا اىحشمٞخّ اىنَٞٞبئٞخ، ٗاىزٜ رٖزٌ ثزحذٝذ عشػخ اىزفبػو ٗاىششٗغ اىزٜ رؤصشّ فٜ ٕزٓ اىغشػخ

 ُّ ٍ٘ظ٘ع اىحشمٞخّ اىنَٞٞبئٞخ ٕ٘ دساعخ ٍغزفٞعخ ىيزفبػو اىنَٞٞبئٜ: مٞف ٝحذس ٍغ  ٍَب رقذً أ

َٞضاد اىحشمٞخّ ٍغ رشمٞت  َُ اىضٍِ، ٗرأصٞش اىششٗغ، ٗٗظغ آىٞخ اىزفبػو، ٗإٝغبد اىؼلاقخ ثِٞ اى

 اىَ٘اد اىَزفبػيخ، ٗغبقخ اىؼَيٞخ ٗفٞضٝبئٞخ رْشٞػ اىغغَٞبد.
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 Molecularity of a reaction          جزيئيت انتفبعم                 

اىزٜ رزقبسة ٍِ ثؼعٖب ٍِ أعو  اىغضٝئبد ٕٜ الإشبسح إىٚ ػذد اىنَٞٞبء فٜ اىغضٝئٞخ

د فٜ اىزفبػو ىيَزفبػلا اىَؼبٍلاد اىغز٘مٍٞ٘زشٝخ ٕٗ٘ ٝ٘افق ٍغَ٘ع ،رفبػو أٗىٜ إعشاء

اىَشحيخ اىَحذدح ىغشػخ  أٛ أّٖب إشبسح إىٚ ػذد اىغضٝئبد اىزٜ رنُ٘ ٍغؤٗىخ ػِ رحذٝذ، الأٗىٜ

 اىغضٛء أحبدٛ اىزفبػو ٝنُ٘ أُ َٝنِ اىؼَيٞخ فٜ اىَشزشمخ اىغضٝئبد دػذ ػيٚ اػزَبداً ٗ اىزفبػو

 .اىغضٛء صلاصٜ أٗ اىغضٛء صْبئٜ أٗ

 عضٝئِٞ ٝزصبدً ،اىزفبػو فٜ فقػ ٗاحذ عضٛء فٞٔ ٝشبسك رفبػو ٕ٘ اىغضٛء أحبدٛ اىزفبػو

 ضلاصخى اىضلاصٜ  اىغضٝئٜ اىزفبػو ٝزعَِٗ اىغضٛء صْبئٜ رفبػو فٜ اىجؼط ثؼعَٖب ٍغ ٍزفبػيِٞ

 ػيٚ رْط٘ٛ لأّٖب ّغجٞبً ّبدسح اىغضٝئٞخ اىزفبػلاد ٕٗزٓ ٗاحذح أٗىٞخ خط٘ح فٜ ٍزفبػيخ عضٝئبد

 .ّبدس حذس ٕٗ٘ ، اىصحٞح الارغبٓ فٜ عضٝئبد ىضلاصخ اىَزضاٍِ الاصطذاً

Chemical Reaction Molecularity 

PCl
5
  →  PCl

3
 + Cl

2
    Unimolecular 

2HI  →  H
2
 + I

2
  Bimolecular 

2SO
2
 + O

2 
 →  2SO

3
 Trimolecular 

NO + O
3
  →  NO

2
 + O

2
 Bimolecular 

2CO + O
2
  →  2CO

2
 Trimolecular 

2FeCl
3
 + SnCl

2
 → SnCl

2
 + 2FeCl

2
 Trimolecular 

 

 ٗاحذح خط٘ح فٜ ٝحذس ٍب مو أُ أٛ ، فقػ ٗاحذح خط٘ح فٜ ٝحذس اىزٛ اىنَٞٞبئٜ اىزفبػوارُ 

 .أٗىٜ رفبػو ٝغَٚ

PCl5 → PCl3 + Cl2 

 .ٍؼقذًا رفبػلًا  أمضش أٗ خط٘رِٞ ٍِ رغيغو فٜ ٝحذس اىزٛ اىنَٞٞبئٜ اىزفبػو ٝغَٚ ثَْٞب

2NO(g) + O2(g)  → 2NO2(g) 

 خط٘ح موٗ اىزفبػو اٗ ٍٞنبّٞنٞخ آىٞخ ٍؼقذ رفبػو خلاىٖب ٍِ ٝحذس اىزٜ اىخط٘اد رغيغو ٝغَٚ

 ،أٗىٜ رفبػو  ٕٜ اٟىٞخ فٜ

 

 

 

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
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 :اىزبىٞزِٞ اىخط٘رِٞ فٜ H2O2 رحيو ٝزٌ ، اىَضبه عجٞو ػيٚ 

Overall Reaction:    H2O2 →   H2O + 1/2O2 

Step 1:                  H2O2 →   H2O + [O]             Slow 

Step 2:                  [O] + [O] →   O2                 Fast  

عشػخ اىزفبػو ٕٗزا ٝؼْٜ فٜ اىَضبه اػلآ  ٍؼذه رحذد ٍِ ٕٜ( slow stepاىخط٘ح اىجطٞئخ )

 .اىغضٛء أحبدٕٛ٘  ىزفبػوالاٗىٚ ٕٜ ٍِ رحذد عضٝئٞخ اىزفبػو ٗثبىزبىٜ ا اىخط٘ح اُ 

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. 

 :ملاحظات

 .نظري مفهوم الجزٌئٌة -

 أو ، محددة غٌرقٌمة  أو ، كسرٌة أو ، قٌمة سالبة أو ، صفرا   الجزٌئٌة تكون أن ٌمكن لا -

 .خٌالٌة

 بعضها تصطدم لا قد جزٌئات ثلاثة من أكثر لأن ثلاثة من أكبر الجزٌئٌة تكون أن ٌمكن لا -

 .ببعض

There are some chemical reactions whose molecularity appears 

to be more than three from stoichiometric equations, e.g. 

 تملامعاال من ثلاثة من أكثر جزٌئاتها أن ٌبدو التً الكٌمٌائٌة التفاعلات بعض هناك

 المثال سبٌل على ، الستكٌومترٌة

2NO2 + F2 → 2NO2F 
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The proposed mechanism is: 

Over all reaction:             2NO2 + F2 →  2NO2F 

Step 1:                            NO2 + F2 →   NO2 + F      Slow  

Step 1:                              NO2 + F →   NO2F         Fast 

The reaction is bimolecular. 

 

 GENERAL IDEAS OF CHEMICAL KINETICS 

Outline: Kinetics 

How we measure rates. Reaction Rates 
How the rate depends on 

amounts of reactants. 
Rate Laws  

How to calculate amount left 

or time to reach a given 

amount. 

Integrated Rate Laws 

How we measure order. Order of Reactions 

How long it takes to react 

50% of reactants. 
Half-life 

How rate constant changes 

with temperature. 
Arrhenius Equation 

Link between rate and 

molecular scale processes. 
Mechanisms 
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 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. 

 

ُّ ٍٞو اىَْحْٜ ػْذ أٛ صٍِ ٝنُ٘ ٍغبٗٝبً ىغشػخ اىزفبػو ػْذ رىل اىضٍِ.   رجِّٞ اىؼلاقخ اػلآ أ

ُّ ٍٞو اىَْحْٜ اىََضوّ ىزغٞشّاد رشمٞض  ٍغ اىضٍِ ٝنُ٘ فٜ اىجذاٝخ مجٞشًا  Bأٗ  Aٗٝلاحع أ

 .ٗٝزْبقص ثبىزذسٝظ ٍغ اىضٍِ

 :Reaction rateمعدل سرعت انتفبعم 

 وانتركيز انزمنلأعو دساعخ حشمٞخ رفبػو ٍؼِٞ فلاثذ ٍِ الإزَبً ثضلاس ٍزغٞشاد سئٞغٞخ ٕٜٗ 

اظبفخ اىٚ ٍزغٞشاد اخشٙ قذ رنُ٘ ٍَٖخ ىجؼط اىزفبػلاد ٍضو اىؼ٘اٍو  انحرارة ودرجت

 اىَغبػذح ٗاىَزٝجبد ٗرغٞش اىعغػ اىخ .... 
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غٞش فٜ رشمٞض اىَ٘اد اىَزفبػيخ اٗ ( ػيٚ أّ ٍؼذه اىز rَٗٝنِ رؼشٝف ٍؼذه عشػخ اىزفبػو ) 

اىْبرغخ ػْذ صٍِ ٍؼِٞ حٞش رْخفط رشامٞض اىَ٘اد اىَزفبػيخ ثَشٗس اىضٍِ ثَْٞب رضداد رشامٞض 

  .اىَ٘اد اىْبرغخ

ّلاحع ٍَبعجق اُ اىؼلاقخ ثِٞ ٍؼذه عشػخ اىزفبػو ٗاىزشمٞضػلاقخ غشدٝخ فٞؼجشػِ عشػخ 

 ٍؼذه رنِ٘ٝ أٗظٖ٘ساىْ٘ارظ. اىزفبػو اىنَٞٞبئٜ ثَؼذه اخزفبءاىَزفبػو أٗ

 

 

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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 اىْبرغخ أٗ اىَزفبػيخ اىَ٘اد رشمٞض فٜ اىزغٞش ٍشاقجخ خلاه ٍِ اىزفبػلاد ٍؼذلاد رحذٝذ َٝنِ

 .t ىيضٍِ مذاىخ

[A] = concentration of reactant A  

[B] = concentration of product B  

 

 

 Reactions are reversible, so as products accumulate them can begin 

to turn back into reactants. 

 Early on the rate will depend on only the amount of reactants 

present.  

 We want to measure the reactants as soon as they are mixed. 

 The most useful (and general) way of measuring the rate of the 

reaction is in terms of change in concentration per unit time… 

Rate = - Δ[A]/Δt 

Rate = Δ[B]/Δt 

Most Common Units… Rate = M/s = mol.L
-1

.s
-1

 

Where Molarity (M) = moles/Liter. 

 *الاشبسح اىغبىجخ دىٞو ّقصبُ رشمٞض اىَ٘اد اىَزفبػيخ ثَشٗس اىضٍِ.

*رؼزَذ عشػخ اىزفبػو اىنَٞٞبئٜ ػيٚ اىنزو اىفؼبىخ ىيَ٘اد اىَزفبػيخ اٗ ثؼعٖب ٗمزىل ػيٚ دسعخ 

فٜ حبىخ  انتراكيزاىحشاسح ٗٗع٘د ثؼط اىَ٘اد ٍضو اىؼ٘اٍو اىَغبػذح ، ٗٝقصذ ثبىنزو اىفؼبىخ 

 فٜ حبىخ اىَ٘اد اىصيجخ. ومسبحت انسطحفٜ حبىخ اىغبصاد  وانضغطاىَحبىٞو 
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( عضٝئبد اىَ٘اد اىَزفبػيخ ٗػْذٍب  Collision* لارَبً اٛ رفبػو مَٞٞبئٜ لاثذ ٍِ اصطذاً ) 

ٝنُ٘ الاصطذاً فؼبه فأّٔ ٝؤدٛ اىٚ حذٗس اىزفبػو ٕٗزا ٝفغش ىَبرا رضٝذ عشػخ اىزفبػو ثضٝبدح 

 .رضدادرشمٞض اىَ٘اد اىَزفبػيخ حٞش اُ الاصطذاٍبد 

 اىضٍٍِغ  N2O5اىَضبه ادّبٓ ٝ٘ظح قٌٞ رحيو 

 

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 

 Collision Theory: When two chemicals react, their molecules 

have to collide with each other with sufficient energy for the 

reaction to take place. 

  Kinetic Theory: Increasing temperature means the molecules 

move faster. 

 Generally, as temperature increases, so does the reaction rate, this 

is because rate constant (k) is temperature dependent. 

 اىَضٝذ ػيٚ اىَزفبػيخ اىغضٝئبد رحز٘ٛ ، اىَشرفؼخ اىحشاسح دسعبد فٜ: اىحشاسح دسعخ

 أمجش ٗثطبقخ الأحٞبُ ٍِ مضٞش فٜ ٗرزصبدً ، أعشع ثشنو رزحشك ، اىحشمٞخ اىطبقخٍِ 
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 ٍغ عضٝئبرَٖب رزصبدً أُ ٝغت  مَٞٞبئٞزبُ ٍبدربُ رزفبػو ػْذٍب: اىزصبدً ّظشٝخ •

 .اىزفبػو ىحذٗس مبفٞخ ثطبقخ اىجؼط ثؼعٖب

 .أعشع ثشنو رزحشك اىغضٝئبد أُ رؼْٜ اىحشاسح دسعخ صٝبدح: اىحشمٞخ اىْظشٝخ •

 لأُ ٗرىل ، أٝعًب اىزفبػوعشػخ  ٍؼذه ٝضداد ، اىحشاسح دسعخ صادد ميَب ، ػبً ثشنو •

 .اىحشاسح دسعخ ػيٚ ٝؼزَذ( k)عشػخ اىزفبػو  صبثذ ٍؼذه

2. Concentrations of reactants 

 As the concentration of reactants increases, so does the likelihood 

that reactant molecules will collide, in other hand, concentration 

affects reaction rate constant. 

 ٍِٗ ، اىَزفبػيخ اىَبدح عضٝئبد رصبدً احزَبه ٝضداد ، اىَزفبػيخ اىَ٘اد رشمٞض صٝبدح ٍغ

 .اىزفبػو ٍؼذه صبثذ ػيٚ اىزشمٞض ٝؤصش ، أخشٙ ّبحٞخ

3. Catalysts 

Speed up reactions by lowering activation energy. 

 

 

4. Surface area of a solid reactant 

   More area for reactants to be in contact 

 ارصبه ػيٚ ىزنُ٘ اىَزفبػيخ ىيَ٘اد أمجش ٍغبحخ

5. Pressure of gaseous reactants or products 

Increased number of collisions 

 الاصطذاٍبد ػذد ثضٝبدح اىعغػ رضداد

Here’s another way of looking at reaction rates… 

For same reaction above: 
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Notice that for every 1 mole of O2 that appears, 4 moles of NO2 will 

also appear. In the meantime, twice as many moles of N2O5 will be 

disappearing as moles of O2 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: 

 

* (Notice the negative sign on the rate of [N2O5] reminds us that it 

is disappearing.) 

 ... اىزفبػو ٍؼذلاد فٜ ىيْظش أخشٙ غشٝقخ إىٞل

 :ىيزفبػو

 

  

. NO2 غبص ٍِ ٍ٘لاد 4 أٝعًب عزظٖش ، ٝظٖش O2 غبص ٍِ ٍ٘ه 1 مو ٍقبثو أّٔ لاحع

 O2 ٍ٘لاد ػذد ٍضو N2O5 غبص ٍ٘لاد ػذد ظؼف عٞخزفٜ ، رىل غعُ٘ فٜ

 ّغجٖب ٍغ ػنغٞبً  رزْبعت اىْبرغخ أٗ/  ٗ اىَزفبػيخ اىَ٘اد رشمٞضاد فٜ اىزغٞٞشاد. اىَزنّ٘خ

 :اىزبىٜ اىْح٘ ػيٚ اىزفبػو عشػخ ٍؼذه مزبثخ َٝنِ أّٔ ٝؼْٜ ٕزا. اىَزنبفئخ

 

  

 (رخزفٜ أّٖب رزمشّب[ N2O5] ٍؼذه ػيٚ اىغبىجخ الإشبسح لاحع* )

 Reaction Rate and Stoichiometry: 

In general for the reaction: 
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Reaction Rate Laws: 

Rate law – equation that shows the dependence of a reaction’s rate on 

concentration. 

 .اىزشمٞض ػيٚ اىزفبػو عشػخ ٍؼذه اػزَبد ر٘ظح اىزٜ اىَؼبدىخ - عشػخ اىزفبػو ٍؼذه قبُّ٘

For the general reaction: 

 

 
 
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
st
 order in A 

if n = 2, the reaction is 2
nd

 order in B 

overall order of the reaction = m + n 

m ٗ n - ثـ ٝزؼيق فَٞب اىزفبػو ٍشرجخ A & B ، ٍٗ٘عجخ صحٞحخ أػذاد ٗرأخز اىزغشثخ ٍِ حذدر 

 .ٍَنْخ اىغبىجخ ٗاىنغ٘س الأػذاد اظبفخ ػبدحً  ٗصغٞشح

 .رغشٝجٞبً عشػخ اىزفبػو ٍؼذه قبُّ٘ رحذٝذ ٝغت  ىيزفبػو: ٍلاحظخ

 .عشػخ اىزفبػو ٍؼذه صبثذ ٝغَٚ k اىزْبعت صبثذ -

 A  ثبىْغجخ ىيَبدح  الأٗىٚ اىذسعخ ٍِ اىزفبػو ٝنُ٘ ، m  =1 مبّذ إرا

 B اىْغجخ ىيَبدح  اىضبّٞخ اىذسعخ ٍِ اىزفبػو ٝنُ٘ ، n = 2 مبّذ إرا

 n+m=  اىؼبًسرجخ اىزفبػو 

 Reactions of the same overall order will have similar 

characteristics. 

 .ٍزشبثٖخ خصبئص ىٖب عٞنُ٘ خاىؼبٍ اىَشرجخ ّفظ رَزيل اىزفبػلاد اىزٜ
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Specifically we will discuss 0, 1
st
, 2

nd
 and 3

rd
 order overall reactions. 

 .3 ٗ 2 ٗ 1 ٗ 0 رفبػلاد اىشرت اىؼبٍخ  اىزحذٝذ ٗعٔ ػيٚ عْْبقش

• To generalize, for the reaction 

 

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

concentrations of reactants.  

 .اىَزفبػيخ اىَ٘اد مٞضارش ػيٚ اىَؼذه اػزَبدعشػخ اىزفبػو  ٍؼذه قبُّ٘ ٝصف

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]
m
 

 إىٚ اىْظش ثَغشد اىَؼذه قبُّ٘ رحذٝذ َٝنِ ،( فقػ الأٗىٜ ٗاىزفبػو) الأٗىٜ ىيزفبػو ثبىْغجخ 

 .ٍحزَو أٗىٜ رفبػو ثنو عذٗه أدّبٓ ٝ٘عذ. اىغيَٞخ اىفطشح ٗاعزخذاً اىَز٘اصّخ اىَؼبدىخ

 

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

 :ٕ٘ اىَؼذه قبُّ٘ ٝنُ٘ ،( A ٗ B) ٍزفبػيِٞ اىَزنُ٘ ٍِ ىيزفبػو ثبىْغجخ. 2

Rate = k[A]
m
[B]

n
 

 

 

Type Elementary Reaction Rate law 

Unimolecular A = products Rate = k[A] 

Bimolecular A + B = products Rate = k[A][B] 

Bimolecular 2A = products Rate = k[A]
2
 

Termolecular A + B + C = products Rate = k[A][B][C] 

Termolecular 2A + B = products Rate = k[A]
2
[B] 

Termolecular 3A = product Rate = k[A]
3
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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. 

 

 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  رتبت انتفبعم 

ىقذ ٗعذ اُ ٍؼذه عشػخ اىزفبػو رؼزَذ اػزَبدا سئٞغٞب ػيٚ رشامٞض اىَ٘اد اىَزفبػيخ ىنضٞش ٍِ 

 اىزفبػلاد.

 ثبىْغجخ ىيزفبػو اىزبىٜ :

 

 ( ٗفق اىؼلاقخ الارٞخ: Aّغذ اُ ٍؼذه عشػخ اىزفبػو ْٝخفط ثأّخفبض رشمٞض اىَبدح اىَزفبػيخ )

r α [ A ]
n 

(  ٕٜ مَٞخ صبثزخ ثبىْغجخ ىيزفبػو ٗرذػٚ سرجخ اىزفبػو ٕٜٗ الاط اىزٜ ٝشفغ اىٞٔ اىزشمٞض   nحٞش  ) 

ىنٜ رزغٞش اىغشػخ ٗفقب ىٔ، ٕٗ٘ مَٞخ رغشٝجٞخ اٛ َٝنِ اٝغبدٓ ثبىزغشثخ ٕٗ٘ مَٞخ صبثزخ ثبىْغجخ 

 .ىَبدح ٍزفبػيخ ٍؼْٞخ ٗىنْٔ قذ ٝزغٞش

خ اٛ اُ رشامٞض اىَ٘اد اىَزفبػيخ ىٞظ ىٖب رأصٞش ػيٚ ٝذػٚ اىزفبػو ٍِ اىشرجخ اىصفشn = 0ٝ ارا مبّذ 

 ٍؼذه عشػخ اىزفبػو ٗرىل ٝؼْٜ اُ اىَ٘اد اىَزفبػيخ لارؼطٜ ّبرظ الا ث٘ع٘د ػبٍو ٍؤصش خبسعٜ.

 ٝذػٚ اىزفبػو ٍِ اىشرجخ الاٗىٚ اٛ اُ ٍؼذه اىغشػخ ٝزْبعت غشدٝب ٍغ اىزشمٞض.  n = 1 ارا مبّذ 

ِ اىشرجخ اىضبّٞخ اٛ اُ ٍؼذه اىغشػخ ٝزْبعت ٍغ ٍشثغ اىزشمٞض ٝذػٚ اىزفبػو n = 2ٍ ارا مبّذ 

 اىَزجقٜ ٍِ اىَبدح اىَزفبػيخ ػْذ صٍِ ٍؼِٞ ٗقذ رنُ٘ اىشرجخ مَٞخ مغشٝخ.  

 أٍب ارا مبُ اىزفبػو ٝشَو ػيٚ أمضش ٍِ ٍبدح ٍزفبػيخ ٗاحذح ٗمَب ٝأرٜ:

 

فأُ ٍؼذه اىغشػخ فٜ ٕزٓ اىحبىخ ع٘ف ٝزْبعت ٍغ اىَزجقٜ ٍِ رشامٞض مو ٍِ اىَ٘اد اىَزفبػيخ 

 ٍشف٘ػخ ىشرجخ ٍؼْٞخ ٗػْذ صٍِ ٍؼِٞ، اٛ اُ : 

r α [A]
n1

[B]
n2

[C]
n3 

ثبىْغجخ ىيَبدح   n2ٍِٗ اىشرجخ  Aثبىْغجخ ىيَبدح  n1ٗع٘ف ٝنُ٘ اىزفبػو فٜ ٕزٓ اىحبىخ ٍِ اىشرجخ 

B ٗ اىشرجخ اىضبىضخ ثبىْغجخ ىيَبدح ٍِC ٗ .ٕنزا 
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 اُ اىشرجخ اىنيٞخ ىيزفبػو ع٘ف رغبٗٛ ٍغَ٘ع اىشرت اىفشدٝخ ىيَ٘اد اىَزفبػيخ:

n = n1 + n2 + n3 + … 

ٍِٗ اىغذٝش ثبىَلاحظخ فأُ ٍؼبدىخ اىغشػخ ر٘ظح مٞفٞخ رغٞش رشامٞض اىَ٘اد اىَزفبػيخ فٜ خط٘اد 

رشامٞض اىَ٘اد اىْبرغخ فٜ اىَؼبدىخ الا ّبدسا. ٍِٗ عٖخ اخشٙ ارا اىزفبػو اىشئٞغٞخ دُٗ اشزشاك 

رفحصْب اىؼلاقخ ثِٞ ٍؼذه اىغشػخ ٗاىزشمٞض ثص٘سح عٞذح فأّْب ّغذٕب ػلاقخ رْبعت غشدٝٔ ٗػيٞٔ 

 َٝنِ مزبثخ اىَؼبدىخ اػلآ ثبىشنو اىزبىٜ:

r α [ A ]
n 

 ىزصجح:

r = K [A]
n 

َٞخ صبثزخ ىزفبػو ٍؼِٞ ػْذ دسعخ حشاسح ٍؼْٞخ ٗلاٝزأصش صبثذ ٍؼذه عشػخ اىزفبػو ٕٗ٘ م Kحٞش اُ 

ثزغٞش اىزشمٞض اٗ رغٞش اىضٍِ الا أّ ٝزأصش مضٞشا ػْذ رغٞش دسعخ اىحشاسح َٗٝنِ الاػزَبد ػيٚ قَٞخ 

ػبىٞخ  Kصبثذ عشػخ اىزفبػو ىَقبسّخ رفبػو ٍب ٍغ رفبػو اخش ، ٗٝؼذ اىزفبػو عشٝؼب ارا مبّذ قَٞخ 

 ٍب ٗحذارٔ فزؼزَذ ػيٚ سرجخ اىزفبػو.ٍقبسّخ ثزفبػو اخش ا

 اىزفبػو عشػخفٜ ٍؼذه  رعبػف رىل ػِ ّٗزظ A ىيَبدح اىزشمٞضاىجذائٜ إراظبػفْب ملاحظت مهمت :

ُّ اىزفبػو ُّ  أٍضبه أسثغ اىغشػخ أصجحذ إرا أٍب،  A إىٚ ثبىْغجخ الأٗىٚ اىَشرجخ ٍِ ٝنُ٘ فئ  فئ

 . A إىٚ ثبىْغجخ اىضبّٞخ اىَشرجخ ٍِ ٝنُ٘ اىزفبػو

 A reaction is zero order in a reactant if the change in 

concentration of that reactant produces no effect. 

r = k [A]
0
  

  A reaction is 1
st
 order if doubling the concentration causes the 

rate to double. 

r = k [A]
1
 

 A reaction is 2
nd

 order if doubling the concentration causes a 

quadruple increase in rate. 

r = k [A]
2
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 3
rd

 order…doubling concentration leads to 2
3
 (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. 

 ثص٘سٓ اخشٙ ٗثز٘ظٞح امضش:

Reaction Order & Rate Change with Concentrationconsider the reaction:  

 

 if 1
st
 order overall:  

Rate = k[A]
1
 

if [A] increases by factor of 2, rate will increase by factor of 2
1
 OR rate 

will double. 

Rate = k[2]
1
= k[2] 

 

 if 2
nd 

order overall: 

Rate = k[A]
2
 

if [A] increases by factor of 2, rate will increase by factor of 2
2
 OR rate 

will quadruple. 

Rate = k [2]
2
 = k [4] 

 if 3
nd 

order overall: 

Rate = k [A]
3
 

 if [A] increases by factor of 2, rate will increase by factor of 2
2
 OR 

rate will eight times. 

Rate = k[2]
3
= k[8] 

 if –1 order overall: 

Rate = k[A]
–1
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if [A] increases by factor of 2, rate will change by factor of 2
–1

 OR rate will 

decrease by half 

Rate = k[2]
–1

= k [ 0.5] 

 if 0 order overall: 

Rate = k[A]
0
 

rate is constant; changes in [A] have no effect on the rate as long as some A 

is Present. 

 in general, for the reaction:  

 

Rate = k[A]
m

 

If [A] changes by a factor of x, the rate will change by a factor of x
m
 

 

 

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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Physical chemistry / Kinetic chemistry 

(2025-2026) 

3rd week                22/10/2025 

Lecturer Prof. Dr. Abdulqadier 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. A + A →   P                rate = k [A]2                 second order  

 Or   2A →   P        

2. A + B →   P                rate = k [A]1[B]1            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; 
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and the rate of loss of reactant A 

 

Where k is a second order rate constant with units of M-1 min-

1 or M-1 s-1. Therefore, doubling the concentration of reactant 

A will quadruple the rate of the reaction.  

                  2R →  P 

                              At   t =0         R0        0 

                              At   t =t          R         x 

The reaction rate for this step can be written as: 

Rate = - dR/dt = K R2 

     (Integrate dR from R0 to R and dt from 0 to t) 

dR/ R2 = - K dt 

 

Mathematically;  

 

-1/R + I = - Kt         

-1/R = - Kt - I 
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1/R = Kt + I 

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

determined easily. 

When (t = 0), (R = R0).  Therefore, equation can be written as; 

Therefore, equation (1/R = Kt + I) can be written as 

1/R0 = K* 0 + I 

I = 1/R0 

Substituting the value of I in equation (1/R = Kt + I); 

1/R = Kt + 1/R0       

Equation above can also be written as; 

1/R - 1/R0= Kt 

K = 1/R - 1/R0 / t 

Now for rate constant calculate by diagram: 

1/R = Kt  +  1/R0 

Y = mx +  c 

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

equation (y = 1/[R], x = t, m = k, c = 1/[R]0) 
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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/R0= Kt 

At t = t1/2 and R = R0/2 

https://byjus.com/chemistry/half-life/
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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]0/4) we get: 

 

If R = R0/8, obtain to: 
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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) 

                                     A      +        B      →     P 

              At   t=0           a                  b               0 

                     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:  
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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 

 

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: 

0x + 1= – x (A+ B) +  Ab + Ba 

After that, we match the coefficients to obtain 

Ab + Ba =1            (2) 

A+B = 0                 (3) 
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From equation 2 we get; 

A= –B          (4) 

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

– Bb + Ba = 1  

B (a – b) = 1 

B = 1/ (a – b) 

From equation 4; A = –B 

Hence;                             A = –1/ (a – b) 

 

 

 
 

Factor I is the constant of integration,    
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At  t = 0 , x =0 

 

 

 

 

 

 

We can found "K" value by equation 
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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) 
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Physical Chemistry/ kinetics chemistry (part I) 

(2025-2026) 

Prof. Dr. Abdulqadier Hussien Alkhazraji 

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 ᵒC, 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(ln K)/dT = ΔH / (R T²) 

Where: 

K is Equilibrium constant 

T is Absolute temperature (K) 

ΔH is Enthalpy change 

R is Universal gas constant (8.314 J/mol K) 
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Assuming ΔH is constant, the integration between two temperatures 

gives: 

 

From thermodynamics: 

∆Gᵒ = ∆Hᵒ - T∆Sᵒ 

Where S is the entropy of the system, and the Gibbs free energy equation: 

∆Gᵒ = - RTlnK 

∆Gᵒ = ∆Gᵒ 

∆Hᵒ - T∆Sᵒ = - RTlnK 

lnK = - ∆Hᵒ / RT  +  ∆Sᵒ / R 

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

van't Hoff equation. 

Provided that ΔHᵒ and ΔSᵒ are constant, the preceding equation gives ln 

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 (∆H > 0), heat is absorbed, making the net 

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

Slope = -∆Hᵒ / R 

https://en.wikipedia.org/wiki/Entropy
https://en.wikipedia.org/wiki/Endothermic_reaction
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For an endothermic reaction, ΔH > 0 (and the gas constant R > 0), so 

Slope = -∆Hᵒ / R < 0 

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

a negative slope. 

 

If the reaction is endothermic (ΔH > 0): Increasing the temperature 

increases K → the reaction shifts toward the products. 

For an exothermic reaction (∆H<0), heat is released, making the net 

enthalpy change negative (-∆Hᵒ). Thus, according to the definition of the 

slope: 

Slope = -∆Hᵒ / R 

From an exothermic reaction, ΔH < 0, so 

Slope = -∆Hᵒ / 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
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If the reaction is exothermic (ΔH < 0): Increasing the temperature 

decreases K → the reaction shifts toward the reactants. 

A positive value of ΔH indicates an endothermic reaction, and a negative 

value indicates an exothermic reaction. 

For tow temperature:  

lnK1 = – ∆Hᵒ / RT1  +  ∆Sᵒ / R  ----1 

lnK2 = – ∆Hᵒ / RT2  +  ∆Sᵒ / R-----2 

Now , equation 2 – equation 1 

lnK2 – lnK1  = (– ∆Hᵒ / RT2  +  ∆Sᵒ / R) – (– ∆Hᵒ / RT1  +  ∆Sᵒ / R) 

lnK2/K1= (– ∆Hᵒ / RT2) – (– ∆Hᵒ / RT1 ) 

 

 

In this equation K1 is the equilibrium constant at absolute temperature T1, 

and K2 is the equilibrium constant at absolute temperature T2. 
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Theories explaining the kinetics of reactions 

1. Arrhenius equation 

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

following: 

 

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 

is added, for example, the rate constant changes. This is shown 

mathematically in the Arrhenius equation: 

 

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; 
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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 k 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
-(Ea/RT)

 is 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 (Ea) of 40000 J/mol, and the temperature 

is 373 K.  

 

f value equal to: 
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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 = e 
-40000 J/mol / 8.314 J.mol-1k-1 . 373 k  

= 2.5 *10
-6

  

So what does this mean? 

If we had one million collisions (1000000 collisions): 

 

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.  

f is 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 
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We have increase f value, i.e, We've gone from f equal 2.5*10
-6

 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 = e 
-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. 
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- 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)

 

ln k = ln (Ae
-(Ea/RT)

) 

ln k = ln A + ln e
-(Ea/RT)

 

ln k = ln A– (Ea/RT) 

 

And the reason I wrote it this way, is its easier to see the form y is equal 

to mx plus b 

y = mx + 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 
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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   

 

2.303 log10 K = 2.303 log10 A – Ea / RT 

 log10 K = log10 A – Ea / 2.303RT 

Now, if we have different temperatures, we're going to have different 

rate constants K1 and K2.  

K1------- T1                T1< T2 

 K2-------- T2                K1< K2 

So now we have two different equations here for two different 

temperatures with two different rates constant. 

ln k1 = ln A– (Ea/RT1) ……………..(1) 

 ln k2 = ln A– (Ea/RT2)……………….(2) 

equation 2 – equation 1 

ln k2 – ln k1 = – Ea/RT2 – (–Ea/RT1) 
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we get: 

ln k2 / k1 = –Ea/RT2 + Ea/RT1 

ln k2 / k1 = Ea/RT1 – Ea/RT2    

ln k2 / k1 =  Ea/R ( 1/T1 – 1/T2 ) 

ln k2 / k1 =  Ea/R (T2 – T1 / T1T2) 

log k2/k1 = Ea/ 2.303R (T2 – T1 / T1T2) 

Now we get graph: 

K = Ae
-(Ea/RT)

 

ln k = – Ea/R  1/T +  ln A 

log K = – Ea / 2.303R  1/T + log A 

y  =  m  x +  b  

y = ln k or log k ,  b = ln A or log A , m=Slop =  – Ea/RT or – Ea / 

2.303RT 

 

It has been found that for a chemical reaction with rise in temperature 

by 10°, the rate constant is nearly doubled. 

T1 = 25ᵒC      T1 = T     = K1 

T2 = 35ᵒC      T2 = T     = K2 

K2 = 2 K1 
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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 kB. The Boltzmann 

constant has the units J/k.  

Recall again Arrhenius equation per mole: 

K = Ae
-(Ea/RT)

 

Arrhenius Equation per molecule: 

K = Ae
-(Ea/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 KB  

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 (Eₐ). 
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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 AB = σ AB * √(8kT/πμ) * NA * NB 

Where: 

ZAB is collision frequency (number of collision)   

σAB is  collision cross-section 

μ is reduced mass = (mA * mB)/(mA + mB) 

k is Boltzmann constant 

T is absolute temperature 

NA, NB = 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 * ZAB * e
−Eₐ/RT

 * [A][B] 
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As temperature increases, the fraction of molecules with energy ≥ Eₐ 

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 * e
−Eₐ/RT

 

 Where;  

A = P * ZAB 

Derivation of the rate equation according to collision theory  

A + B             Product 

                                         nA    nB 

– d[A] / dt = – d[B]/dt= k [A] [B] ---- 1 

– dnA / dt = – dnB/dt= k nAnB ----- 2 

– dnA/dt = ZAB . e
(-Ea/RT)

 ---- 3 

Rate = ZAB . e
(-Ea/RT)

 ---4 

e
(-Ea/RT)

 is Boltzmann factor which represented how many molecules are 

colliding. 

ZAB is frequency or number collisions that occur per unit volume per unit 

time. It is also referred to as Collision density.  
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nA and nB are is the number density of A and B molecules in the gas in 

units of L
-1 

; 

nA = [A] NA, and nB = [B] NA ----- 5 

NA is Avogadro number (6.02×10
23

 mol
-1

). 

[A] and [B] are the concentration of A and B molecules in the gas in units 

of mol/L
-1

. 

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 (σAB) of the reaction and is, in simplified terms, 

the area corresponding to a circle whose radius (rAB) is the sum of the 

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

 

A moving molecule will therefore sweep a volume (πr
2

ABuA) per second 

as it moves, where uA is the average velocity of the particle. From kinetic 

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

uA=(8KBT/πmA)
1/2
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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 µAB must 

be used instead of mA, the relative velocity can be calculated using the 

reduced mass of A and B: 

uAB = (8KBT/π µAB)
1/2

. 

For a reaction between A and B, the collision frequency calculated with 

the hard-sphere model is: 

ZAB = π (rA + rB)
2
 (8kBT/πµAB)

1/2
 nA. nB ---- 6 

We know from equation 5: 

nA = [A] NA, and nB = [B] NA ----- 5 

Substitution of equation 5  in equation 6 we get; 

ZAB= σAB (8kBT/π μAB)
1/2

 NA
2
 [A][B]----- 7 

σAB is the reaction cross section ( m
2
), the area when two molecules 

collide with each other, simplified to ; 

σAB = π (rA + rB)
2
 

kB is the Boltzmann's constant unit J K
−1

.( 1.38×10
−23

 J K
−1

) 

T is the absolute temperature (unit K). 

μAB is the reduced mass of the reactants A and B, μAB=(mA mB/ mA + mB) 

( kg). 

(8kBT/πµAB)
1/2

 is  root mean speed of molecules (is velocity) 

Substitution of equation 7 in equation 3;  

– dnA/dt = ZAB . e
(-Ea/RT)

 ---- 3 
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We get; 

– dnA/dt = π (rA + rB)
2
 (8kBT/πµAB)

1/2
 nA. nB .e

(-Ea/RT)
 ----8 

Derivation of rate constant; 

 

Substitution of equation 8 in equation 9 we get; 

 

The factor ½ is due to avoid double counting of collision for A-B 

molecules. 

Substitution of equation 11 in equation 10 we get; 

K = Z . e
(-Ea/kT)

 ------------Collision theory ( if molecules) 

K = Z . e
(-Ea/RT)

 ------------Collision theory ( if moles) 

K = A . e
(-Ea/RT)

 ------- Arrhenius equation 

A ≠ Z 
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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 

ρ. 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). 

ρ = Aobserved/Zcalculated 

ρ is most often less than unity.  

Where: 0 < ρ < 1 

K = ρ. Z. e
-(Ea/kT)

 

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). 
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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:  

 

 

The bimolecular reaction: 

A + B → Product 

Rate = Ksimple [A][B] ----1 

According to the transition state model, the reactants are getting over into 

an unsteady intermediate state on the reaction pathway.   
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Substituting equation 4 in equation 2, we get: 

             Rate = KTr. Kequi.
 
[A][B] ------5 

From equation 1 and equation 5, we get: 

        ksimple [A][B] = KTr. Kequi.
 
[A][B]-------6 

                 ksimple = KTr. Kequi ------7 

Where; KTr.= KB T/h and ∆G°
≠
 = -RTln Kequi.        Kequi.= e

-∆G≠/RT
 

ksimple = (KBT/h) e
-∆G≠/RT

     (Eyring equation) 

KB = Boltzmann's constant [1.381x10
-23

 J · K
-1

],   

Boltzmann constant KB = R/NA,  NA = Avogadro's number      

T = absolute temperature in degrees Kelvin (K) 

h = Plank constant [6.626x10
-34

 J · s] 

ksimple is called  universal constant for a transition state  

KTr. is called transition state constant.  

Kequi is called equilibrium constant.  

 

https://en.wikipedia.org/wiki/Boltzmann_constant
https://en.wikipedia.org/wiki/Avogadro%27s_number
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R = Gas Constant = 8.3145 J/mol K 

∆G
≠
  = free activation enthalpy [kJ · mol

-1
] 

∆S
≠
  = activation entropy [J · mol

-1
 · K

-1
] 

∆H
≠
 = activation enthalpy [kJ · mol

-1
] 
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Prof. Dr. Abdulqadier Hussien Alkhazraji 

Lecture 7 14 / 01 / 2026 

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-CH3 → 2
·
CH3 

2. Chain Propagation 

In this step the chain carrier makes another carrier. 

·
CH3 + CH3CH3 → CH4 + 

·
CH2CH3 

 

3. Chain Inhibition 

Chain carriers are removed by other processes, other than termination, say by 

foreign radicals. 
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CH3CH2
·
+ 

·
R → CH3CH2R 

4. Chain termination 

Radicals combine and the chain carriers are lost. 

CH3CH2
·
+ CH3CH2

·
 → CH3CH2CH2CH3 

Example; 
 

 

Predicted Rate law; 

Mechanism; 

 

Rate = d[Br2]/dt = k [Br 
–
] [H2O2] [H

+
] 

 

 

Rate = d[Br2]/dt = k2 [HOBr] [H
+
] [Br 

–
] ------ 1 

d[HOBr]/dt = formation – disappearance 

According to the steady-state approximation (SSA); 

d[HOBr]/dt = 0 

Formation; k1 [Br 
–
] [H2O2] [H

+
] 

Disappearance; k2 [HOBr] [H
+
] [Br 

–
] 

0 = k1 [Br 
–
] [H2O2] [H

+
] – k2 [HOBr] [H

+
] [Br 

–
] 

 

Now substituting equation 2 in equation 1; 
 

Rate = d[Br2]/dt = k1 [H2O2][H
+
] [Br 

–
] 

That means; predicted rate law = derived rate law 
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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, CH3CHO), which is found to be three- halves order in CH3CHO: 

Overall reaction, 

CH3CHO(g) → CH4(g) + CO(g) d[CH4]/dt = k[CH3CHO]
3/2

 

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

follows. 

1. Initiation: CH3CHO → ·CH3 + ·CHO 

R = kI [CH3CHO] 

2. Propagation: CH3CHO + ·CH3 → CH3CO· + 

R= kP [CH3CHO][·CH3] 

Propagation: CH3CO· → ·CH3 + CO  Product 

R = Kp-[CH3CO·] 

3. Termination: ·CH3 + ·CH3 → CH3CH3 

R = kT [·CH3] 

- The chain carriers ·CH3 and ·CHO are formed initially in the initiation 

step . 

- To simplify the treatment, we shall ignore the subsequent reactions of 

·CHO . 

- The chain carrier ·CH3 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 . 

CH4 
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kP-[CH3CO⋅] 

kP-[CH3CO⋅] 

According to the Steady-State Approximation (SSA), the net rate of change of 

the intermediates (·CH3 and CH3CO·) may be set equal to zero, That is, the 

change in its concentration over time is equal to zero. 

d[⋅CH3]/dt = 0 

d[⋅CH3]/dt = formation – disappearance 

d[⋅CH3]/dt = kI[CH3CHO]–kP[⋅CH3][CH3CHO]+kP-[CH3CO⋅]–2kT[⋅CH3]
2
 = 0 

d[CH3CO⋅]/dt = kP[⋅CH3][CH3CHO] – kP-[CH3CO⋅] = 0 

The sum of the two equations (d[⋅CH3]/dt + d[CH3CO⋅]/dt ) is 

KI[CH3CHO] 

 

 

 

We get: 

+ – 2kT[⋅CH3]
2
 = 0 

+ 

– = 0 

KI[CH3CHO] – 2kT[⋅CH3]
2
= 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 ⋅CH3 radicals is 

[⋅CH3] = (KI/2kT)
1/2 

[CH3CHO]
1/2 ------------- 

(1) 

If follows that the rate of formation of CH4 from Propagation step above is; 

CH3CHO + ·CH3 → CH3CO· + 

d[CH4]/dt = kp[CH3CHO] [·CH3] ------- (2) 

 

Substituting Eq. (1) in Eq (2), we get: 

 

d[CH4]/dt = kp[CH3CHO] (KI/2kT)
1/2

 [CH3CHO]
1/2

 

d[CH4]/dt = kp (KI/2kT)
1/2

 [CH3CHO]
3/2

 

kp (KI/2kT)
1/2

 =k 

d[CH4]/dt = k [CH3CHO]
3/2

 

CH4 

KP[⋅CH3][CH3CHO] 

–kP[⋅CH3][CH3CHO] 
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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); 

 

 

The intermediate compound forms rapidly and reacts or disappears just as 

quickly; therefore: 

Rate of formation of intermediate = Rate of disappearance of intermediate 

 

 

Example; 

 

 

Use SSA: 
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Example; 

 

Mechanism; 

 

 

Rate = - d[A]/dt = k1 [A] 

Rate = - d[C]/dt = k-1 [C] 

Rate = d[P]/dt = k2 [B] [C] ------ 1 

 

Using SSA; 

 
Rate of formation of intermediate [C] = Rate of disappearance of intermediate [C] 

 

K1[A] = k-1[C] + k2 [ B] [C] 

 

K1[A] = [C] { k-1+ k2 [ B]} 

 

 

Substituting equation 2 in equation 1; 
 

 

 

Case 1: if k-1 >> k2[B] (This means that removing the intermediate is slower 

compared to the reverse, the reaction is second order) 

Case 2 : if k2[B] >> k-1 (This means converting the intermediate into product a 

very quickly, the reaction is first order) 
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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: 

 

Initial conditions: 
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Mass balance equation is: 
 

[A]0 = [A] + [B] + [C] 

d[A]/dt = -k1[A] 

d[B]/dt = k1[A] – k2[B] 

d[C]/dt = k2[B] 

 

 

 

First-order decay of [A]: 

 

 

 

At t=0 , [A] = [A]0 

d[A]/dt = -k1[A] ----- 1 

ln A = -K1 t + I ------- 2 

ln [A]0 = -K1 x 0 + I ------ 3 

I = ln [A]0 

ln A = -K1 t + ln [A]0 ------- 4 

ln[A]/[A]0 = -k1 t ----- 5 

[A] = [A]0 e
-k1t ------- 

6 

Substituting equation 6 in the equation 1, we get: 

d[A]/dt = -k1[A]0 e
-k1t --------- 

7 
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Rate of formation of B: 

d[B]/dt = k1[A] – k2[B] ------ 8 

Substituting equation 6 in the equation 8, we get: 

d[B]/dt = k1[A]0 e
-k1t

 – k2[B] ---- 9 

d[B]/dt + k2[B] = k1[A]0 e 
-k1t

 ----10 (multiply Eq. 10 in e
+k2t

) 

{d[B]/dt + k2[B]} e
+k2t

 = k1[A]0 e 
-k1t

 . e
+k2t -------- 

11 

d[B]/dt . e
+k2t

 + k2[B]. e
+k2t

 = k1[A]0 e 
-k1t

 . e
+k2t ------ 

12 

For recall; 

[A]/[A]0 = e
-k1t

 , and [B]/[B]0 = e
-k2t

 [B]0 /[B] = e
+k2t

 

[B]0 = [B] e
+k2t

 ---13 

At t = 0 the initial concentration of [B]0 = 0 

0 = [B]. e
+k2t -------- 

14 

Substituting equation 14(it value 0) in the equation 12, we get: 

d[B]/dt . e
+k2t 

= k1[A]0 e 
-k1t 

. e
+k2t ------------------------ 

15 

d[B] e
+k2t

 = k1[A]0 e 
–
 
(k1

 
–
 
k2)

 
t
 dt ---------------- 16 

e
+k2t

 0ʃ
[B]

 d[B] = k1[A]0 0ʃ
t
 e 

–
 
(k1

 
–
 
k2)t

 dt ------- 17 

[B]e
+k2t

 = k1[A]0 0ʃ
t
 e 

–
 
(k1

 
–
 
k2)t

 dt ----- 18 

Now, solve the exponential integral (for k1 ≠ k2), the right integral from eq. (18): 

k1[A]0 0∫
t 
e

−(k1−k2)τ 
dt = k1[A]0 [– (k1 –k2)

-1
]. e 

– (k1 – k2)t 

Eq. 18 became; 

[B] e
+k2t

 = k1[A]0 [– (k1 –k2)
-1

]. e 
–
 
(k1

 
–
 
k2)t

 + I ----- 19 

Now to find I integration constant; 

At t = 0 ; [B] = 0 substituting in equation 19; 

0 * e
+k2 *0 

= k1 [A]0 [– (k1 –k2)
-1

]. e 
– (k1 – k2) 0 

+ I 

0 = k1 [A]0 [– (k1 –k2)
-1

]. e 
0
 + I 

I = – k1 [A]0 [– (k1 – k2)
-1

]. e
0
 

Where e
0
 =1; 
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I = – k1 [A]0 [– (k1 – k2)
-1

] ----- 20 

Substituting equation 20 in equation 19; 

[B] e
+k2t

 = k1 [A]0 [– (k1 –k2)
-1

]. e 
–
 
(k1

 
–
 
k2)t

 – k1[A]0 [– (k1 – k2)
-1

] ------ 21 
 

Divide by e
+k2t

 we get; 
 

The concentration of B at k1 # k2 can be written as: 
 

The concentration of B at k1 = k2 = k can be written as: 

[B] = k [A]0 e
-k t ---------- 

23 

Then, solving for [C], we find that mass balance equation is: 

[A]0 = [A] + [B] + [C] 

[A]0 = [A]0 e
-k1t

 + k1 [A]0 / k2-k1 (e
-k1t

 - e
-k2t

) + [C]t 

Where: [A] = [A]0 e
-k1t

 from equation 6; and [B]t = k1 [A]0 / k2-k1 (e
-k1t

 - e
-k2t

) 

from equation 22 we get: 

[C] = [A]0 – [A] + [B] 

[C] = [A]0 – [A]0 e
-k1t

 + k1 [A]0 / k2-k1 (e
-k1t

 - e
-k2t

) 

 

[C] = [A]0 {1 – e
-k1t

 + 

[C] = [A]0 {1 – {e
-k1t

 + k1 / k2-k1 e
-k1t

 – k1 / k2-k1 e
-k2t

 }} 

 

(e-k1t - e-k2t)} k1 / k2-k1 
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[A]0 = [A]t + [B]t + [C]t 

[A] = [A]0 e
-k1t ---------- 

6 

[B] = k1 [A]0 / k2-k1 (e
-k1t

 - e
-k2t

) ----- 22 
 

[A]0 = [A]0 e
-k1t

 + k1 [A]0 / k2-k1 (e
-k1t

 - e
-k2t

) + 
 

 

We can calculate the maximum B and maximum time by equation: 

If k1 ≠ k2 
 

 

If k1 = k2 = k 
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tmax = 1 / k 

[B]max = [A]0 e
-1

 

 

Because of at tmax = 1 / k; 

[B]max = [A]0e 
–k tmax 

= [A]0e 
–k 1/k 

= [A]0 e 
-1 

Notes: 

 If k2 >> k1(Meaning B quickly convert to C) B does not accumulate much 

and small [B]max and tmax. 

  If k1 >> k2 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: 
 

K1 = 12 and k2 = 2 [t in min] 

Answer: 

tmax = (ln k1/k2)* (k1-k2)
-1
 

= (ln 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. 
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If we assume that both of them are first order, we get. 
 

– d[A]/dt = k1[A] + k2[A] 

– d[A]/dt = (k1+k2) [A] 

Where [A] = (a – x), [A]0 = a , [B] = y, and [C] = z 
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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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Effective half-life: 

 

Two independent cases with half-lives; we have two processes or mechanisms 

that occur together: 

T1 =ln2/k1   k1 =ln2/ T1 

And T2 =ln2/ k2  k2 =ln2/T2 
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Where T is Half-life , k is decay constant 

When both processes occur together (active decomposition), the resulting 

decomposition has a total decomposition constant: 

Kf = k1 + k2 

Effective half-life is Tf;  

Tf = ln2/kf  kf = ln2/Tf 

Kf = k1+k2 

ln2/Tf = ln2/T1 + ln2/T2 

1/Tf = 1/T1 + 1/T2 

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 
 

 

t = 0 A0 0 

t = t A0 – x x 

t = teq A0 – xe xe 

[A]eq [B]eq 

Rate of forward reaction = kf [A] 

Rate of backward reaction = kB [B] 

At equilibrium; 

Rate of forward reaction = Rate of backward reaction 

kf [A]eq = kB [B]eq 

kf (A0 – xe) = kB xe 

kf A0 – kf xe = kB xe 
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Conclusion: 

kf A0 = kB xe + kf xe 

kf A0 = (kB + kf ) xe 
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Lecture 8 21 / 01/ 2026 

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
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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 

 

 

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. 
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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. 

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; 

 Adsorbed reaction example (adsorbed species): CO oxidation on 

platinum surfaces: 

 

 

 Gas-adsorbed reaction example (adsorbed species and a gas-phase 

molecule): hydrogen abstraction from a hydrocarbon by an adsorbed 

oxygen atom 

  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 
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Kinetics of surface reactions 

Rate equations and adsorption isotherms 

 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. 

 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. 

 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). 
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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 v3 to v1. 

 

 

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 α Rate of Adsorption 
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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 qt and qe. 

It is expressed by Equation (1): 
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Integration of both parties from t = 0 at qt = 0 to t = t at qt = qe 
 

 

lnqe + ln (qe – qt) = kt (4) 
 

The nonlinear equation for a pseudo-first-order reaction is 
 

Where qe and qt are the adsorption capacity at equilibrium time and time t 

(mg g
−1

), respectively, k1 is the pseudo first order rate constant (min
−1

) and t is 

the time (min). The values of qe and k1 can be determined from the intercept 

and the slope of the linear plot of log (qe − qt) versus t. 

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

Where W is the weight of adsorbent (g), and V is the volume of the solution 

(L). C0 and Ce (mg/L) are the initial and equilibrium concentrations, 

respectively. 

For calculate the equilibrium concentration (Ce): 

Ce = Absorbance/ molar extinction coefficient (ε) 

The Lagergren pseudo-first-order (PFO) model is often associated with 

physical adsorption (physisorption), particularly when the rate-limiting step 

is diffusion. 
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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. 
 

The nonlinear equation for a pseudo-second-order reaction is 
 

Initial adsorption rate h = k2qe
2
, this gives a measure of the initial adsorption 

rate (mg g
-1

min
-1

). 

If the value of "h = k2qe
2
" is large, this indicates rapid initial adsorption. 

Half-life (t0.5) is the time when it arrives qt = qe/2 

t0.5= 1/ k2qe
2
 (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 
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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 (dqt/dt) is assumed to decrease exponentially with the 

amount adsorbed (qt) on a heterogeneous surface. This leads to the differential 

equation: 

dqt/dt = α exp(– β qt) (15) 

 

Here, α is the initial adsorption rate and β is constant related to the activation 

energy of adsorption. 

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

variables (dt and dqt): 

dqt/ exp(– βqt) = α dt (16) 

 

Integrate both sides from time t = 0 to t = t and from qt = 0 to qt = qt 
 

 

 

Now, solve for qt: 
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This can also be written as: 

 

 
Elovich Model is valid for the heterogeneous adsorbent surfaces and expressed 

by Equation (17). 

Where α is the initial adsorption rate constant (mg g
−1

 min
−1

), β is the 

desorption constant related to the chemisorption activation energy and the 

surface coverage (g mg
−1

), and qt is the adsorbed material (mg g
−1

) at time t 

(min). By plotting qt versus ln t, a straight line is obtained where values of α 

and β can be obtained. 

Notes: 

 The Alpha constant (α , mg g
-1

 min
-1

 or mol g
-1

 s
-1

) 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 (α) increase with increased temperature, concentration 

adsorbent and number of active sites. 

 The Beta constant (β) expresses how much the adsorption rate 

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

adsorption rate. 

o A large beta value (β) 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 (β) 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 , II and III ⟶ Non porous , but IV and V⟶ porous 

 

Type I 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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Type II 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. 

 

Type III 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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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. 

Type IV 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 III, 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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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 

 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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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. 

 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.

 If θ 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−θ).

 

Figure 1: Equilibrium between free molecules and adsorbed molecules 

 If P is the 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−θ). 

Hence, 
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The rate of adsorption = k1 (1− θ )P (18) 

 

 The rate at which gas molecules evaporates from the surface 

(desorption) will depend on the fraction of the surface covered by 

the gas molecules, (θ). Hence,

The rate of evaporation of gas molecules = k2θ (19) 

Where k1 and k2 are proportionality constants for a given system. 

 At equilibrium, the rate of adsorption and the rate of evaporation 

are equal, then,
 

 Dividing the numerator and denominator of the right-hand side of 

equation (20) by k2, we get:

 

Where b = k1/k2 and is called adsorption coefficient. 

 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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 Since the amount of gas adsorbed per unit mass of adsorbent (x/m) is 

proportional to the fraction (θ) of the surface covered, then

 

Where k is proportionality constant. 

 Substituting the value of θ in equation (21), we have
 

Where the constant a = kb. 

 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.

 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:

 Further taking reciprocals, we get:
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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). 

Testing of Langmuir Adsorption Isotherm 

We shall now consider three special cases of Langmuir isotherm. 

 

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

(i.e: bP <<1) and hence, 



19 
 

 

 

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. 
 

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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Case 3: At intermediate pressure, Langmuir equation becomes Freundlich 

equation. 

At very low pressure, 
 

At very high pressure, 
 

At intermediate pressure, the equation becomes: 
 

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, 
 

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/mα P
1/n

  , where n ≥ 1 
 

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 α 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 (1 to 0) 

(i) 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. 

x/m ∝ P ⇒ x/m = k p
1/n

 ⇒ x/m = k p
1/1⇒ x/m = k p ⇒ 

x/m = k p
1/n

 
 

 
(ii) Intermediate pressure: n = n 

x/m = k p
1/n

 

n > 1 

(iii) High pressure: n = ∞ 
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x/m = k p
1/n

 

x/m = k p
1/∞

 

x/m = k p
0
 

x/m = k (1) 

x/m = k 

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: 

 

 

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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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 

(∆Hads=∆Hliq) 

7. surface area for n
th

 layer α θn-1 

8. The heat of adsorption (∆Hads)n is constant for all layers after the first 

(∆Hads)1 
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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: 

 

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 
 

Where: 

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

pascals 

Po: saturated pressure of adsorbate gas, in pascals 

v: volume of gas adsorbed at standard temperature and pressure (STP) 

[273.15Kand atmospheric pressure (1.013×105Pa)], in millilitres 

vm: 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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(constant for given gas) 

ΔHads: heat of adsorption 1
st
 layer 

ΔHliq: heat of liquification 

 

BET Plot and Determination of Surface Area 

The BET equation can be rearranged into a linear form: 

 

 

Surface Area Calculation 

 

From the monolayer absorbed gas volume (vm), we can determine total and 

specific surface area 
 

 

S is surface area of sample material 

v𝑚 is monolayer absorbed gas volume 

𝑁 is Avogadro’s number = 6.02 x 10
23

molecules/mol 

A𝑠 is cross-sectional area of adsorbed gas molecule 

𝑉 is molar volume of adsorbed gas 
 

𝑆𝐵ET = 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: 
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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: 

 

We know that P is the pressure of gas molecules and M is the un-adsorbed 

molecules. Further, let θo be free surface area available for adsorption; θ1 is 

fraction of free surface area available after formation of monolyer; θ2 is 

fraction of free surface area available after formation of second layer; θ3is 

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] α P and; 

[M]=]θo; [MS] = θ1; [M2S]= θ2; [M3S] = θ3 and so on. 

Substituting the above θ values in equation (1), we have: 
 

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, k2, k3, k4 etc. much smaller than k1. 

So, k2 ≈ k3 ≈ kL, (3) 
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where kL is the equilibrium constant corresponding to saturated vapour liquid 

equilibrium system and it may be represented mathematically as: 
 

 

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

surface, θ0 is the unadsorbed part of the surface, θ1 is the part covered by a 

single layer of molecules. 
 

In multilayer adsorption at saturation pressure B, the gas begins to condense 

into a liquid on the preceding layer, therefore, it can be written: 
 

 

Adsorption is usually stronger in the first layer than in the layers that follow 

it, therefore: 

K1 >>>> k2 > k3 > k4>> kn = kL 

But when adsorption becomes similar to condensation (from gas to liquid), 

the constant remains constant and takes on a value of: 
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K2 = k3 = k4 …. = kn = kL = 1/p
0
 

Because the layers after the first one condense like liquids, we replace all 

the K2 = k3 = k4 …. = kn = kL values with 1/p
0
 value. 

Now from equations 1, 2, 3, 4 , we get: 
 

Sum of all surface states = 1 
 

We compensate for each θ: 
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Let Vtot be the total number of molecules adsorbed by unit mass of 

adsorbent and Vm be the total number of surface sites occupied by the 

adsorbed molecules per unit mass of the adsorbent. 

Further Vmθ1 is the number of sites carrying one molecule thick, Vmθ2 is the 

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

Substituting θ1, θ2, θ3 values in equation (13), we have 
 

 

Substituting θo,in (15), we get 
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Expansion of P in terms of partial pressure can be written as: 
 

 

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

 

 

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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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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At standard temperature and pressure, 

22.4 L will have = NA molecules 
 

Let one molecule of an adsorbate occupies an surface area = σ 

Total number of molecules present in one volume will occupy surface 

area, 
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Physical Chemistry/ kinetics chemistry 

(2025-2026) 

Prof. Dr. Abdulqadier 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 I dissociates into two 

molecules of primary free radicals (R•); 

The rate of dissociation of the initiator, I is given by: 
 

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

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. 

 

Further, the rate of formation of chain carrier is given by: 
 

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

The rate of formation of R• = The rate of conversion of R• into M• 
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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. 
 

Since the chain growth is independent of chain length, all these steps take place 

with a rate constant of kp. 

Therefore, the rate of propagation is given as: 
 

Step 3: Chain Termination 

It takes place by mutual combination of chain carriers, and it proceeds with the 

rate constant, kt. 

Therefore, the rate of chain termination is given as: 
 

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

hence: 

The rate of polymerisation =[𝑴•][𝑴] 
 

 

2. KINETICS OF ANIONIC POLYMERISATION 

The monomers like vinyl chloride, acrylonitrile follow anionic polymerisation. 

The Lewis base like NaNH2 or KNH2 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. 

 

Where, 𝑩𝑴−
 is a carbanion chain carrier. 

Therefore, the rate of initiation is given by: 
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Step 2: Chain Propagation 

It consists of the growth of anionic chain carrier by successive addition of large 

number of monomers one by one. 

Therefore, the rate of propagation is given by: 
 

Step 3: Chain Termination 

The growing chain can be terminated by using excess of suitable solvent. 
 

Therefore, the rate of termination is given by: 
 

Applying SSA to the intermediate species ◻◻
−
, we have: 

The rate of formation of ◻ −
 = The rate of termination of ◻ − 

 

 

We know that, 

The rate of polymerisation = The rate of propagation 
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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) 
 

 

3. KINETICS OF CATIONIC POLYMERISATION 

The monomers like propylene, styrene follow anionic polymerisation. The 

Lewis acid like AlCl3 or BF3 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. 
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Step 2: Chain Propagation 

It consists of the growth of cationic chain carrier by successive addition of 

large number of monomers one by one. 
 

Step 3: Chain Termination 

It involves the transfer of H
+
 ion from the end of growing chain to 𝐴𝑅−

. 
 

We know that, 

The rate of polymerisation = The rate of propagation 
 



7 
 

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. 
 

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. 
 

 

(ii) Decomposition of the complex. 
 

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: 
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 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, 
 

Since the enzyme exists either in free form E, or the combined form ES, the 

total concentration of the enzyme, Eo originally added can be obtained from the 

material balance equation. 
 

 

 Inserting the value [E] in equation (2), we get 
 

 

 Substituting [ES] in equation (1), we get: 
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 Dividing the numerator and denominator of equation (5) by k1 gives: 
 

 

 km is called Michaelis constant and equation (6) is known as Michaelis- 

Menten equation. 

 

Significance of km (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 
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 Case 1: If Michaelis constant, km is equal to substrate concentration, [S] 

i.e.: km = [S], then 

 

 The Michaelis constant is a measure of enzyme activity and can be shown to 

be equal to (k2 + k3) / k1. It is also equal to the substrate concentration at one 

half the maximum rate. 

 Case 2: At low concentration of substrate, when [S] << km, then 
 

 

 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] >> km, then 
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 So, 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 

occur. 

Lineweaver-Burke Plots (Determination of km) 

 Lineweaver-Burk Equation (Reciprocal form of Michaelis-Menten equation) 

is used to calculate Michaelis constant. 

 

 

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 k3 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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