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The activation energy, Ea, is the additional energy that must be absorbed by the reactants in their ground states
to allow them to reach the transition state. If A and B2 molecules do not possess the necessary amount of energy,
Ea, above their ground states when they collide, reaction cannot occur. If they do possess sufficient energy to
“climb the energy barrier” to reach the transition state, the reaction can proceed. When the atoms go from the
transition state arrangement to the product molecules, energy is released. If the reaction results in a net release of
energy (Figure 9(a)), more energy than the activation energy is returned to the surroundings and the reaction is
exothermic. If the reaction results in a net absorption of energy (Figure 9(b)), an amount less than Ea is given off
when the transition state is converted to products and the reaction is endothermic. Thus, the activation energy must
be supplied to the system from its environment, but some of that energy is subsequently released to the surroundings.
The net release of energy is E .
When the reverse reaction occurs, an increase in energy equal to the reverse activation energy, Ea reverse, is
required to convert the AB product molecules to the transition state. As you can see from the potential energy
diagrams in Figure 9,
E a forward – E a reverse

E reaction

As we shall see later in this unit, increasing the temperature changes the rate by altering the fraction of
molecules that can get over a given energy barrier. Introducing a catalyst changes the rate by lowering the
barrier.
As a specific example that illustrates the ideas of collision theory and transition state theory, consider the reaction
of iodine ions with methyl chloride.
I–

CH 3Cl

CH 3I

Cl–

Many studies have established that this reaction proceeds as shown in Figure 10(a). The I – ion must approach the
CH3Cl from the “back side” of the C—Cl bond, through the any other angle would not lead to reaction. But a
collision with the appropriate orientation could allow the new I—C bond to form at the same time that the C—Cl
bond is breaking. This collection of atoms, which we represent as

H

H
I

C

We can view this transition
state as though carbon is only
partially bonded to I and only
partially bonded to Cl.

Cl

H
is what we call the transition state of this reaction (Figure 10(b)). From this state, either of two things could happen:
–

(1) the I—C bond could finish forming and the C—Cl bond could finish breaking with Cl leaving, leading to
products, or (2) the I—C bond could fall apart with I– leaving, and the C—Cl bond could re-form, leading back
to reactants.
–
H

H

H

H

H

H

(a)

I

C

–

H
Before collision
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–

–

I

I

H
(b)

H

H

H
C

C

Cl

H

Cl

H

Figure 10: (a) A collision that could lead to reaction of I – + CH3Cl to give CH3I + Cl – . The I – must approach
along the “back side” of the C—Cl bond. (b) Two collisions that are not in the “correct” orientation.

REACTION MECHANISMS AND THE RATE-LAW EXPRESSION
The step-by-step pathway by which a reaction occurs is called its mechanism. Some reactions take place in a
single step, but most reactions occur in a series of elementary steps.

The reaction orders for any single elementary step are equal to the
coefficients for that step.
In many mechanisms, however, one step is much slower than the others.

A reaction can never occur faster than its slowest step.
This slow step is called the rate-determining step. The speed at which the slow step occurs limits the rate at
which the overall reaction occurs.
The balanced equation for the overall reaction is equal to the sum of all the individual steps, including any steps that
might follow the rate-determining step. We emphasise again that the rate-law exponents do not necessarily match
the coefficients of the overall balanced equation.
For the general overall reaction
aA

bB

cC

dD

the experimentally determined rate-law expression has the form
rate = k[A]x[B]y
The values of x and y are related to the coefficients of the reactants in the slowest step, influenced in some cases
by earlier steps.
Using a combination of experimental data and chemical intuition, we can postulate a mechanism by which a
reaction could occur. We can never prove absolutely that a proposed mechanism is correct. All we can do is
postulate a mechanism that is consistent with experimental data. We might later detect reaction-intermediate
species that are not part of the proposed mechanism. We must then modify the mechanism or discard it and
propose a new one.
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As an example, the reaction of nitrogen dioxide and carbon monoxide has been found to be second order with
respect to NO2 ad zero order with respect to CO below 225° C.
NO 2 (g)

CO(g)

NO(g)

rate = k[NO2]2

CO 2 (g)

The balanced equation for the overall reaction shows the stoichiometry but does not necessarily mean that the
reaction simply occurs by one molecule of NO2 colliding with one molecule of CO. If the reaction really took place
in that one step, then the rate would be first order in NO2 and first order in CO, or rate = k[NO2][CO]. The fact
that the experimentally determined orders do not match the coefficients in the overall balanced equation tells us that
the reaction does not take place in one step.
The following proposed two-step mechanism is consistent with the observed rate-law expression.
(1)
(2)

NO 2 NO 2
N 2O 4 CO

N 2O4
NO CO 2

NO 2

NO

CO

CO 2

(slow)

NO 2

(fast)
overall

The rate-determining step of this mechanism involves a bimolecular collision between two NO2 molecules. This
is consistent with the rate expression involving [NO2]2. Because the CO is involved only after the slow step has
occurred, the reaction rate would not depend on [CO] (that is, the reaction would be zero order in CO) if this
were the actual mechanism. In this proposed mechanism, N2O4 is formed in one step and is completely consumed
in a later step. Such a species is called a reaction intermediate.
However, in other studies of this reaction, nitrogen trioxide, NO3, has been detected as a transient (short-lived)
intermediate. The mechanism now thought to be correct is
(1)
(2)

NO 2 NO 2
NO3 CO

NO3 NO
NO CO 2

(slow)
(fast)

NO 2 CO

NO CO 2

overall

In this proposed mechanism two molecules of NO2 collide to produce one molecule each of NO3 and NO. The
reaction intermediate NO3 then collides with one molecule of CO and reacts very rapidly to produce one molecule
each of NO2 and CO2. Even though two NO2 molecules are consumed in the first step, one is produced in the
second step. The net result is that only the NO2 molecule is consumed in the overall reaction.
Each of these proposed mechanisms meets both criteria for a plausible mechanism: (1) The steps add to give the
equation for the overall reaction, and (2) the mechanism is consistent with the experimentally determined rate-law
expression (in that two NO2 molecules and no CO molecules are reactants in the slow step). The NO3 that has
been detected is evidence in favour of the second mechanism, but this does not unequivocallyprove that mechanism;
it may be possible to think of other mechanisms that would involve NO3 as an intermediate and would also be
consistent with the observed rate law.
Important Points
1.

In the reaction discussed above, the slowest (rate determining) step in the mechanism involves a collision
of two molecules. Such a step is said to be bimolecular. Likewise, depending upon the number of molecules,
ions or atoms taking part in the rate determining step, we classify the elementary reactions according to:
unimolecular
:
when only one species takes part
bimolecular
:
when two species take part
termolecular
:
when three species take part
The probability of a reaction where 4 molecules take part in a single step is almost nil.
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2.

Molecularity (like order) cannot be predicted from the stoichiometric coefficients of a balanced equation.
It is determined theoretically after proposing the reaction mechanism (whereas order as we’ve seen is
determined experimentally).

Please Answer this Question before seeing its solution.
•

You are a chemist of a research laboratory that is trying to increase the reaction rate for the balanced
chemical reaction: X 2Y Z.
a. One of your researchers comes into your office and states that she has found a material that significantly
lowers the activation energy of the reaction. Explain the effect this will have on the rate of the reaction.
b. Another researcher states that after doing some experiments, he has determined that the rate law is
rate = k[X][Y]. Is this possible?
c. Yet another person in the lab reports that the mechanism for the reaction is:

2Y

(slow)

I

(fast)
X I Z
Is the rate law from part b. consistent with this mechanism? If not, what should the rate law be?
Solution: a. Her finding should increase the rate since the activation energy, Ea, is inversely related to the rate
constant, k; a decrease in Ea results in an increase in the value of k.
b. This is possible because the rate law does not have to reflect the overall stoichiometry of the
reaction.
c. No. Since the rate law is based on the slow step of the mechanism, it should be Rate = k[Y]2.

Pseudo first order reactions.
Consider the following reaction:
CH3 COO C2H5 + H2O

H

CH3 COOH

+

C2 H5 OH

t=0

0.02 M

100 M

0M

0M

t

0M

99.98 M

0.02 M

0.02 M

This reaction is a bimolecular elementary reaction. Therefore, its rate law can be written as:
Rate = K [CH3 COO C2H5] [H2O].
But observing the data above, we see that H2O is in large excess and its concentration has almost remained
constant in the reaction. So, if we consider [H2O] as a constant, then, the rate law may be rewritten as:
Rate = {K [H2O]} [CH3 COO C2H5]
Rate = K ' [CH3 COO C2H5]
We see that this rate law is same as the one for a first order reaction. This is an example of a pseudo-first order
reactions. They are defined as: the reactions in which the molecularity of the reaction is 2 or more but they
follow first order kinetics are called as pseudo first order reactions.
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