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Chemical Kinetics

Chemical kinetics: to study the rate of the reaction
 Understand the steps: the mechanism
 Find ways to facilitate the reaction

15
For a reaction

G < 0  spontaneous
 does not tell how fast

A  B

Reaction rate = decreasing rate of A

= 
[A]t2 – [A]t1

t2 – t1
= 

[A]

t
= 

d [A]

d t

= increasing rate of B

=
[B]t2 – [B]t1

t2 – t1
=

[B]

t
=

d [B]

d t

※ Reaction rates

dt
d

dt
d

R
][][ BA


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Ex. 2NO2(g)   2NO(g)  +  O2(g)

Time

Conc.

NO

O2

NO2

slope

=
d[NO2]

dt

Decreasing rate of [NO2]

= 
d [NO2]

d t

=
d [NO]

d t

= 2
d [O2]

d t

The reaction rate 
may be different
 Depends on the 

coefficient

※ Rate laws

Under the condition that the reverse rate is slow
(example: initial condition):

reaction rate depends only on reactant concentration

Ex. 2NO2(g)   2NO(g)  +  O2(g)

Rate = k[NO2]n

Rate constant

Order of the reactant

Rate = 
d [NO2]

d t =
d [NO]

d t = 2
d [O2]

d t
= k [NO2]n

If define Rate’ = 
d [O2]

d t
= k’[NO2]n = ½ k [NO2]n

k’ = ½ k or k = 2k’
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The value of rate constant depends on how rate is defined

Usual definition for a reaction:
aA  bB

nk
dt

d
bdt

d
a

R ][
][1][1

A
BA



※ Types of rate law

Differential rate law:
a relationship of rate vs. [NO2]

Rate = k[NO2]n

Rate = 
d [NO2]

d t
= k[NO2]n

d [NO2] = kd t
[NO2]n



Take the integration   relationship of conc./time
 integrated rate law
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 Experimentally
Find rate/conc plot or conc/time plot

 Obtain the relationship
 Work-out the rate expression
 Purpose: obtain info about the detailed rxn steps

(reaction mechanism)

※ Determining the form of the rate law

Ex. 2N2O5(aq)   4NO2(g)  +  O2(g)

Escape from the solution
 The reaction is irreversible

Follow the concentration of N2O5

[N2O5] (M) time (s)
1.00 0
0.88 200
0.78 400

Plot [N2O5] / t
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t (s)

[N2O5]
(M)

1.00

0.90

0.45

0.20

200 600 800 1000

Take two points 
 get the slopes of the tangent line

Rate = 
d [N2O5]

d t
[N2O5] (M) rate (Ms1)

0.90 5.4 x 104

0.45 2.7 x 104

First order to [N2O5]

Rate = k[N2O5] first order in N2O5, different from the 
coefficient of the reaction

※ Method of initial rates

The initial rates will not be effected by the possible 
reverse reaction rates

Ex. NH4
+(aq)  +  NO2

(aq)   N2(g)  +  2H2O(l)

Rate = 
d [NH4

+]

d t
= k[NH4

+]n[NO2
]m n, m = ?
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[NH4
+]ini (M) [NO2

]ini (M) Rateini (Ms1)

Exp. 1 0.100 0.0050 1.35 × 107

Exp. 2 0.100 0.010 2.70 × 107

Exp. 3 0.200 0.010 5.40 × 107

Rate 1= 1.35 × 107 = k[NH4
+]nini1 [NO2

]mini1

Rate 2= 2.70 × 107 = k[NH4
+]nini2 [NO2

]mini2

1

2
=

0.0050

0.010
= (1/2)m

m
m = 1

Rate 2

Rate 3
= 

1
2

=
0.100

0.200

2.70

5.40
= 

[NH4
+]nini2

[NH4
+]nini3

=
n

n = 1

Overall Rate = k[NH4
+][NO2

]
Overall order = n + m = 1 + 1 = 2

Second order reaction

Knowing Rate = k[NH4
+][NO2

]

Take any set of data   get k

From exp. 1
Rate = 1.35 × 107 = k (0.100)(0.0050)
 k = 2.7 × 104 M1s1
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Ex.  BrO3
(aq) + 5Br(aq) + 6H+(aq)  3Br2(l) + 3H2O(l)

Exp [BrO3
]ini [Br]ini [H+]ini Rateini

1 0.10 0.10 0.10 0.80 × 103

2 0.20 0.10 0.10 1.6 × 103

3 0.20 0.20 0.10 3.2 × 103

4 0.10 0.10 0.20 3.2 × 103

1/2 1st order in [BrO3
]

2/3 1st order in [Br]
1/4 2nd order in [H+]

nn
















2
1

200
100

4
1

2 Rate
1 Rate

.

.

 n = 2

Rate = k[BrO3
][Br][H+]2  a fourth order reaction

dependents on the definition of rate
From exp 1:  Rate = 0.80 × 103 = k(0.10)(0.10)(0.10)2

k = 8.00 M3s1

※ The integrated rate law

Consider A  products

Rate =  = k[A]n
d [A]

d t

◎ First order reaction
n = 1

Rate =  = k [A]
d [A]

d t

d [A] = kd t  d ln[A] = kd t1
[A]

 ln[A] – ln[A]o = k(t – 0)

∴ ln[A] = k t + ln[A]o

concentration at t
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t

ln[A]

ln[A] = k t + ln[A]o

A straight line with slope 
= k
Intercept at ln[A]o

Plot ln[A] vs t

☆ A plot of ln[A] / t is a straight line   1st order in A
A plot of ln[A] / t is not a straight line  not 1st order in A

This method is more accurate than getting the tangent line

Ex. 2N2O5(aq)   4NO2(g)  +  O2(g)
first order in N2O5

[N2O5]ini = 0.100 M k = 6.93 × 103 s1

At t = 150 s, [N2O5] = ?

Soln. ln[N2O5] = k t + ln[N2O5]o
= (6.93 × 103)(150) + ln(0.100)
= 3.343

[N2O5] = 0.0353 M
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◎ Half-life of a 1st order reaction

t1/2  t at [A] =
[A]o
2

ln[A] = kt + ln[A]o ln = kt
[A]

[A]o

1
2

ln = kt1/2 t1/2 = =
ln2
k

0.693
k

Concentration independent
A characteristic value

Ex. t1/2 = 20.0 min for a 1st order reaction, k = ?

= =               = 3.47 × 102 min1k 0.693
20 min

0.693
t1/2

Time for 75% completion?
[A] = 0.25 [A]o

ln0.25 = (3.47 × 102) t

t = 40. min

Two half-lives
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◎ Second order reaction:  n = 2

Rate =  = k [A]2
d [A]

d t

 d [A] = kd t  d = kd t1
[A]2

1
[A]

1
[A]

1
[A]o

– = kt 
1

[A]
1

[A]o
+= kt

Plot        / t  

 a straight line 
 with slope = k

1
[A]

t

1/[A]

1/[A]o

At t1/2 [A] =
[A]o
2

1

[A]o/2

1

[A]o
– = kt1/2 

2

[A]o

1

[A]o
– = kt1/2

t1/2 =
1

k[A]o Dependent on [A]o

[A]o ↓ t1/2 ↑

Ex. The second half-life 
t1/2 is doubled
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Ex. 2C4H6(g)   C8H12(g)
butadiene

[C4H6] (M) time (s)

0.01000 0
0.00625 1000

Order of the reaction?

Plot ln[C4H6] vs t

ln[C4H6]

20
0

0

40
0

0

60
0

0

Time (s)

5.000

6.000
20

0
0

40
0

0

60
00

Time (s)

1
[C4H6]

400

300

200

100

Not a 1st

order rxn

Plot 1/[C4H6] vs t

Linear
 a 2nd

order rxn

◎ Zero order reaction:  n = 0

Rate =  = k [A]0 = k
d [A]

d t

d [A] = kd t  [A] = kt + [A]o

Plot [A]/t  a straight line with slope = k

t

[A]

[A]o
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At t1/2
[A]o

2
= kt1/2 + [A]o  – [A]o = kt1/2

[A]o

2

t1/2 =
[A]o

2k

Also [A]o dependent

Ex. 2N2O(g)   2N2(g)  +  O2(g)
catalyzed by hot Pt

When Pt is completely covered by N2O
 The rate reaches a constant
 Zero order to [N2O]

※ With more than one reactant

Ex. BrO3
(aq) + 5Br(aq) + 6H+(aq)  3Br2(l) + 3H2O(l)

Rate =  = k[BrO3
][Br][H+]2

d [BrO3
]

d t

Method
Observing the behavior of one reactant at a time
Keep one concentration small
With the other two very large

Almost constant during the reaction
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Suppose [BrO3
]o = 1.0 × 103 M

[Br]o = 1.0 M
[H+]o = 1.0 M

Rate = k[BrO3
][Br][H+]2

= k[BrO3
][1.0][1.0]2

As if  Rate = k’[BrO3
]

A pseudo-first order reaction

k’ = k[Br]o [H
+]o

2

★ Reaction mechanisms (反應機構)

Ex. NO2(g)  +  CO(g)   NO(g)  +  CO2(g)

Experimentally determined rate law:
Rate = k [NO2]2

Can not be derived from the balanced equation

In fact, chemical reactions occur by a series of steps
 Mechanism
 The reactions in each step are elementary reaction

(基本反應)
Elementary reaction:

Rate law can be written from its molecularity
(分子數)
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◎ Molecularity
The number of species that collide to produce the reaction

Elementary step Molecularity Rate law

A products unimolecular Rate = k[A]
A + A products bimolecular Rate = k[A]2

A + B products bimolecular Rate = k[A][B]
A + A + B products termolecular Rate = k[A]2[B]
A + B + C products termolecular Rate = k[A][B][C]

◎ Two requirements

 Sum of steps = overall reaction

Ex. NO2(g) + NO2(g)  NO3(g) + NO(g)
NO3(g) + CO(g)  NO2(g) + CO2(g)

NO2(g) + CO(g)  NO(g) + CO2(g)

Elementary
reactions
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 Agree with experiment

★ The concept of rate-determining step:
A step much slower than the other steps

 Essentially determines the overall rate

NO2(g) + NO2(g) NO3(g) + NO(g) slow

NO3(g) + CO(g) NO2(g) + CO2(g) fast

k1

k2

RDS

Overall: Rate = k1[NO2]2 Agrees with the exp.

This is a reasonable mechanism

May not be correct 
More experiments are needed to provide further evidence
A mechanism can not be proved absolutely

Ex. 2NO2(g)  +  F2(g)   2NO2F(g)
experiment  rate = k[NO2][F2]

Proposed mechanism:

NO2 +  F2 NO2F  +  F slow

F  +  NO2 NO2F fast

k1

k2

2NO2 +  F2  2NO2F

The 1st step is rate-determining
Rate = k1[NO2][F2] Agrees with exp.

 This is a reasonable mechanism
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◎ Mechanism with fast forward and reverse 1st steps

Ex. 2O3(g)    3O2(g)

]O[
]O[

Rate
2

2
3k

Product conc. involved

Proposed mechanism:

O3 O2  +  O
k1

k1

fast

O  +  O3 2O2

k2
slow

2O3(g)    3O2(g)

From the mechanism  Rate = k2[O][O3]

Contains an intermediate!

Assumption
The first steps are very fast
 Reach an equilibrium
 Forward rate = Reverse rate
 k1[O3] = k1[O2][O]

 ]O[
]O[
]O[

21

31 
k

k

Rate = k2[O][O3] = ]O[
]O[
]O[

3
21

31
2 









k

k
k

]O[
]O[

]O[
]O[

2

2
3

2

2
3

1

21 k
k
kk




Agrees with exp.

O3 O2  +  O
k1

k1
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Ex. Cl2(g)  +  CHCl3(g)   HCl(g)  +  CCl4(g)

experiment  rate = k[Cl2]1/2[CHCl3]

Proposed mechanism:

Cl2
k1

k1

Cl  +  CHCl3 HCl  +  CCl3
k2

slow

2Cl

CCl3  +  Cl CCl4
k3

From the mechanism  Rate = k2[Cl][CHCl3]

intermediate

From the 1st steps:
k1[Cl2] = k1[Cl]2

2

1

21 ]Cl[
]Cl[


k
k

1

21 ]Cl[
]Cl[




k
k

   ][CHCl ]Cl[][CHCl ]Cl[          

][CHCl
]Cl[

Rate

3
2

1

23
2

1

2

2
1

1

1
2

3
1

21
2

k
k
k

k

k
k

k


























Agrees with exp.

Cl2
k1

k1

2Cl



18

※ The steady-state approximation

When we are not sure about which one is the slowest step
 Use steady-state approximation
 Assume the intermediate reaches a constant concentration

i.e. Formation rate = Consumption rate

Ex. 2NO(g)  +  H2(g)   N2O(g)  +  H2O(g)

Proposed mechanism:

2NO N2O2

N2O2  +  H2 N2O  +  H2O

k1

k1

k2

*Intermediate is neither the starting material nor the product

Assume N2O2 reaches a steady-state

Formation rate of N2O2

2NO N2O2

k1

2NON2O2

k1

N2O2  +  H2 N2O  +  H2O
k2

Rate = k1[NO]2

Consumption rate of N2O2

Rate = k1[N2O2] + k2[N2O2][H2]

At steady-state:

k1[N2O2] + k2[N2O2][H2] = k1[NO]2

2NO N2O2

N2O2  +  H2 N2O  +  H2O

k1

k1

k2
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Derive the overall rate law

2NO(g)  +  H2(g)   N2O(g)  +  H2O(g)

Overall rate = 
d [H2]

d t

In the mechanism, step 2 involves the consumption of H2

2NO N2O2

N2O2  +  H2 N2O  +  H2O

k1

k1

k2 d [H2]

d t
 = k2[N2O2][H2]

From steady-state approximation:

[N2O2] =
k1[NO]2

k1 + k2 [H2]


d [H2]

d t
 = k2 [H2]

k1[NO]2

k1 + k2 [H2]

d [H2]

d t
 =

k1k2[NO]2[H2]

k1 + k2[H2]

Rate law from steady-
state approximation is 
usually complicated

 Test this rate law under some special condition

When [H2] is very large
k2 [H2] >>   k1

 Rate = = k1[NO]2
k1k2[NO]2[H2]

k2 [H2]
Reasonable!

At high [H2], step 2 is fast

 Rate depends on the forward reaction of step 1

2NO N2O2

N2O2  +  H2 N2O  +  H2O

k1

k1

k2
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 At very low [H2]

k1    >>  k2 [H2]

 Rate = = k[NO]2[H2]
k1k2[NO]2[H2]

k1

k1k2

k1

k =

Also true!
At low [H2], step 2 is rate-determining (home work)

2NO N2O2

N2O2  +  H2 N2O  +  H2O

k1

k1

k2

d [H2]

d t
 =

k1k2[NO]2[H2]

k1 + k2[H2]

The overall strategy of the steady-state method
 Locate the intermediates I1, I2,……
 Formation rate of I1 = Consumption rate of I1

Formation rate of I2 = Consumption rate of I2

 Try to convert [In] into the expression of the 
reactants and/or products

 Construct rate law by picking one of the reactants 
or products

 Substitute [In] into the rate law
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※ A model for chemical kinetics

Q. What do we know about reaction rate
Ans. Related to concentration

Rate = k[A]n[B]m

Q. What are other factors that effect rate?
Ans. Temperature

By experience:  T ↑  rate ↑

Q. Can we construct a model to describe it?
Ans. Yes!  The collision model

For a reaction
aA + bB  products

k

T (K)An exponential curve

◎ The collision model

 Reaction occurs through collision of molecules
 Related to concentration
Higher concentration   Higher collision frequency

collision frequency ↑  rate ↑

 Related to T (kinetic molecular theory)
Increasing T   increasing velocity

 increasing collision frequency
 higher reaction rate

Problem:
Rate does not increase as much as the collision freq.
 Seems that only a small fraction of the collisions 

produces a reaction
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1880 Arrhenius
A threshold energy exists:  the activation energy

reaction coordinate
(reaction progress)

E

E

Ea

2BrNO

2NO + Br2

Ex. 2BrNO(g)   2NO(g)  +  Br2(g)

The transition state
or activated complex

ON Br

BrON

Energy required to break
BEBr-N = 243 kJ/mol

 Some KE is used to break 
the bond
Partially formed Br-Br bond 
also releases some E

T1

T2

EEa

fraction T2 > T1

 E has no effect on the rate
Rate is dependent on Ea

Only the fraction with enough E 
can undergo reaction

 At T2 the fraction increases

An increment of 10 oC may double the rate or more
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Arrhenius postulated
Effective collisions = (total number of collisions)eEa/RT

with E > Ea

Problem:  k is smaller than the effective collisions
Ans. Molecular orientation is also important

(The steric factor)

Ex. Br-N=O  → ← O=N-Br Ineffective collision

In fact: the fraction of effective collisions
increases exponentially with T

Overall speaking
The energy factor: enough E is required 

for effective collision
The steric factor: the correct orientation is required

k = z peEa/RT

Steric factorFrequency factor

In short: k = AeEa/RT Arrhenius equation

Pre-exponential factor
or frequency factor or Arrhenius constant

lnk = lnA –
Ea

RT
or lnk =  + lnA

Ea

R

1

T
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★ Plot lnk vs 1/T  a straight line
slope = Ea/R, intercept = lnA

1/T

ln k

lnk1 =  + lnA
Ea

R

1

T1

lnk2 =  + lnA
Ea

R

1

T2

lnk1 – lnk2 =  
Ea

R

1

T1

1

T2

Knowing k at two different T   obtain Ea

Ex. 2N2O5(g)   4NO2(g) + O2(g)

k (s1) lnk T (oC) 1/T (K1)

2.0 × 105 10.82 20 3.41 × 103

7.3 × 105 9.53 30 3.30 × 103

Ea ?

1/T

ln k

 slope = 1.2 × 104 K
 Ea = R(slope)

= (8.31)(1.2 × 104)
= 1.0 × 105 J/mol
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reaction coordinate

E

E

Ea
Ea'

※ Catalysis

Lower Ea increases the rate

Two types
Homogeneous catalysis
Heterogeneous catalysis

Reacting species and 
catalyst are in different 
phases

No change

Heterogeneous catalysis usually involves four steps:
1. Adsorption and activation 2. Migration
3. Reaction 4. Desorption

Ex.
C C

H

H H

H

(g)  +  H2(g) C C

H

H

H

H

H

H

(g)

Does not occur without a catalyst
With Pt, Pd, or Ni as catalyst
the reaction occurs at room temperature

metal

+  H2

H H H H

HHH H

H H
+

desorption

Mechanism:
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Other applications

Catalytic converter:
A mixture of catalysts including Pd, Pt
Catalyze oxidation of CO and NO 
but also SO2  SO3

Poisoned by tetraethyl lead

Desulfurization
RSH   R-H  +  S
A catalyst mixture of Mo, Co, and S

◎ Homogeneous catalysis
Occurs in the same phase

Ex. The role of NO toward ozone

Production of NO: N2(g) + O2(g)   2NO(g)

NO(g)  +  ½O2(g)   NO2(g)

NO2(g) NO(g)  +  O(g)

O2(g)  +  O(g)   O3(g)

h

3/2O2(g)   O3(g)
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At higher altitude (higher [O3])

NO(g)  +  O3(g)   NO2(g)  +  O2(g)

O(g)  +  NO2(g)   NO(g)  +  O2(g)

O(g)  +  O3(g)   2O2(g) Decomposition 
of O3

The role of freon

CCl2F2(g) CClF2(g)  +  Cl(g)
h

Freon-12

Cl(g)  +  O3(g)   ClO(g)  +  O2(g)

O(g)  +  ClO(g)   Cl(g)  +  O2(g)

O(g)  +  O3(g)   2O2(g)

※ The kinetic properties of enzymes

Enzyme:  biological catalyst
(E)

E  +  S ES
k1

k2

E  +  PES
k3

k4

S P

Enzyme-substrate complex

Substrate

Overall:

Product

Use steady-state approximation for ES
k1[E][S] + k4[E][P] = k2[ES] + k3[ES]

 [E](k1[S] + k4[P]) = [ES](k2 + k3)
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[E]

[ES]
=

k2 + k3

k1[S] + k4[P]

Consider only initial rate
[P] is very small     k4[P] ~ 0

[E]

[ES]
=

k2 + k3

k1[S]


Define Km =
k2 + k3

k1

Michaelis-Menton constant

[E]

[ES]
=

Km

[S]

Since [E] = [E]T – [ES]
[ES]

=
Km

[S]

[E]T – [ES]

total





[E]T
[ES]

– 1 =
Km

[S]


[E]T
[ES]

=         + 1
Km

[S]

At high [S] the active site of the enzyme is saturated
 [ES] = [E]T
 A maximum rate is reached

vmax = k3[ES] = k3[E]T

Initial rate v = k3[ES] (ES  E + P   is slow)

Therefore [E]T
[ES]

=         + 1
Km

[S]

vmax

v
=

Km + [S]

[S]
=

v =
vmax [S]

Km + [S]
 Michaelis-Menton equation

E  +  S ES
k1

k2

E  +  PES
k3

k4
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[S]

v

vmax

vmax

2

Km

Plot  v/[S]

Obtained 
experimentally

Initial substrate
concentrationvmax vmax[S]

Km + [S]
At   v = vmax /2  

2
=

Initial rate

 2 [S] = Km + [S]     Km = [S]

Easy to obtain experimentally The unit is mol/L

]S[
]S[v

v
m

max




K

Km =
k2 + k3

k1

E  +  S ES
k1

k2

E  +  PES
k3

k4

Recall:

If k2 >> k3  Km ≈
k2

k1

This is the equilibrium constant for  

Km is equivalent to the dissociation constant of ES

E  +  SES
k1

k2

Therefore, under this special condition
Km is a measurement of the affinity between E and S

 Larger Km:  smaller affinity
Smaller Km:  higher affinity
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If an enzyme has several substrates
The smaller the Km the higher the affinity of the 
enzyme for the substrate

※ More example

H2O2(aq) + 3I(aq) + 2H+(aq)   I3
(aq) + 2H2O(l)

The rate law has the form

nm

dt
d

]OH[]I])[H[(
]OH[

  Rate 2221
22  kk

What does the two-term rate law indicate?

nmnm

nm

dt
d

]OH[]I][H[]OH[]I[

]OH[]I])[H[(
]OH[

  Rate

222221

2221
22









kk

kk

Indicating two pathways in the mechanism


