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At our previous class we have learnt about the direction, spontaneity of a chemical reaction
from thermodynamics. It is also important to know the time period of a chemical reaction.
But thermodynamics does not give any information about what time a reaction will take to
complete. In this chapter we shall learn about the rate of a chemical reaction and we can
calculate concentration of a species at any time.
During progress of a reaction amount of ith species is given by the relation
ni = ni0 + υi ξ,

(1)

where, ni is mole numbers of ith species after ξ moles advancement of the reaction, ni0 is the
initial mole numbers and υi is the stoichiometry of this species. For example, in the reaction
2H2 + O2 = 2 H2O stoichiometry of H2, O2 and H2O are -2, -1 and 2 respectively. If the
reaction advances by 1 mole or one mole reaction occur then on consumption of 2 moles H 2
and 1 mole O2 2 moles H2O forms.
Rate (v):
Let us start with a general chemical reaction

3A + B = 2P

(2)

If we calculate change of amount of a particular chemical species with unit time then by
differentiating equation (1) we get
dn i
dt

= υi

d ξi

(3)

dt

Which term of equation (3) is rate? If the left hand side of the equation is rate then it is not
unique for a reaction as it is defined in terms of a particular species of the reaction. For
example, in the reaction 2 when one mole of B is consumed with consumption of three moles
of A i.e. consumption of A is 3 times faster than B. The rate would also be different if we
start with a test tube full of reaction mixture and a large vessel full of reaction mixture. So
both side of equation 3 must be divided by reaction volume in order to make the rate of the
reaction a unique term. So we should use concentration, rather than mole number. As
advancement of a reaction is unique it will be more logical if we express the rate in terms of
advancement of reaction. The rate of a chemical reaction is defined as the rate of change of
advancement of the reaction in unit volume with time.
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(4)

where Ci is concentration of ith species expressed in mole per unit volume. For reaction 2 the
rate of the reaction can be written as
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(5)

dt

(b) Rate laws and rate constants
The rate of reaction is often found to be proportional to the concentrations of the reactants
raised to a power. For example, the rate of a reaction may be proportional to the molar
concentrations of two reactants A and B, so we write
v = k[A][B]

(6)

with each concentration raised to the first power. The coefficient k is called the rate constant
for the reaction. The rate constant is independent of the concentrations but depends on the
temperature. An experimentally determined equation of this kind (eqn 6) is called the rate
law of the reaction. More formally, a rate law is an equation that expresses the rate of
reaction as a function of the concentrations of all the species present in the overall chemical
equation for the reaction at some time:
v = f ([A],[B], . . . )

(7)

For homogeneous gas-phase reactions, it is often more convenient to express the rate law in
terms of partial pressures, which are related to molar concentrations by pJ = RT[J]. In this
case, we write
v = f (pA,pB, . . . )

(8)

The rate law of a reaction is determined experimentally, and cannot in general be inferred
from the chemical equation for the reaction. The reaction of hydrogen and bromine, for
example, has a very simple stoichiometry, H2(g) + Br2(g) → 2 HBr(g), but its rate law is
complicated:
v=

k H 2 [Br 2 ]3/2
Br 2 +k `[HBr ]

(9)

In certain cases the rate law does reflect the stoichiometry of the reaction, but that is either a
co-incidence or reflects a feature of the underlying reaction mechanism (see later).
A practical application of a rate law is that, once we know the law and the value of the rate
constant, we can predict the rate of reaction from the composition of the mixture. Moreover,
as we shall see later, by knowing the rate law, we can go on to predict the composition of the
reaction mixture at a later stage of the reaction. Moreover, a rate law is a guide to the
mechanism of the reaction, for any proposed mechanism must be consistent with the
observed rate law.
(c) Reaction order
Many reactions are found to have rate laws of the form
v = k[A]a[B]b.....

(10)

The power to which the concentration of a species (a product or a reactant) is raised in a rate
law of this kind is the order of the reaction with respect to that species. A reaction with the
rate law in eqn 6 is first-order in A and first-order in B. The overall order of a reaction with
a rate law like that in eqn 10 is the sum of the individual orders, a + b + · · · . The rate law in
eqn 6 is therefore second-order overall. A reaction need not have an integral order, and many
gas-phase reactions do not. For example, a reaction having the rate law
v = k[A]1/2[B]

(11)

is half-order in A, first-order in B, and three-halves-order overall. Some reactions obey a
zero-order rate law, and therefore have a rate that is independent of the concentration of the
reactant (so long as some is present). Thus, the catalytic decomposition of phosphine (PH3)
on hot tungsten at high pressures has the rate law
v=k

(12)

The PH3 decomposes at a constant rate until it has almost entirely disappeared. Zero-order
reactions typically occur when there is a bottle-neck of some kind in the mechanism, as in
heterogeneous reactions when the surface is saturated and the subsequent reaction slow and
in a number of enzyme reactions when there is a large excess of substrate relative to the
enzyme. When a rate law is not of the form in eqn 11, the reaction does not have an overall
order and may not even have definite orders with respect to each participant. Thus, although
eqn 9 shows that the reaction of hydrogen and bromine is first-order in H2, the reaction has an
indefinite order with respect to both Br2 and HBr and has no overall order. These remarks
point to three problems. First, we must see how to identify the rate law and obtain the rate
constant from the experimental data. We concentrate on thisaspect in this chapter. Second, we
must see how to construct reaction mechanisms that are consistent with the rate law.
(d) The determination of the rate law
The determination of a rate law is simplified by the isolation method in which the
concentrations of all the reactants except one are in large excess. If B is in large excess, for
example, then to a good approximation its concentration is constant throughout the reaction.
Although the true rate law might be v = k[A][B], we can approximate [B] by [B]0, its initial
value, and write
v = k′[A], k′ = k[B]0

(13)

which has the form of a first-order rate law. Because the true rate law has been forced into
first-order form by assuming that the concentration of B is constant, eqn 13 is called a
pseudofirst-order rate law. The dependence of the rate on the concentration of each of the
reactants may be found by isolating them in turn (by having all the other substances present
in large excess), and so constructing a picture of the overall rate law.

Integrated rate laws
Because rate laws are differential equations, we must integrate them if we want to find the
concentrations as a function of time. Even the most complex rate laws may be integrated
numerically. However, in a number of simple cases analytical solutions, known as integrated
rate laws, are easily obtained, and prove to be very useful. We examine a few of these simple
cases here.
(a) First-order reactions
For first order reaction the rate law is
d[A]
dt

= −k[A]

Rearranging we have

(14)
d[A]
[A]

= −𝑘𝑡

This expression can be integrated directly because k is a constant independent of t. Initially
(at t = 0) the concentration of A is [A]0, and at a later time t it is [A], so we make these values
the limits of the integrals and write
[𝐴]

𝑑[𝐴]
= −𝑘
[𝐴]0 [𝐴]
And we obtain immediately ln

[A]
[A]0

𝑡

𝑑𝑡
0

= −kt (15a) and [A]= [A]0e-kt (15b) where [A]0 is

initial concentration of A (at t=0).
(b) Half-lives and time constants
A useful indication of the rate of a first-order chemical reaction is the half-life, t1/2, of a
substance, the time taken for the concentration of a reactant to fall to half its initial value. The
time for [A] to decrease from [A]0 to 1–2 [A]0 in a first-order reaction is given by eqn 15a
kt 1 = −ln
2

Hence t 1 =
2

ln2
k

1/2[A]0
1
= −ln = ln2
[A]0
2
(16)

(ln 2 = 0.693.) The main point to note about this result is that, for a first-order reaction, the
half-life of a reactant is independent of its initial concentration. Therefore, if the
concentration of A at some arbitrary stage of the reaction is [A], then it will have fallen to
1/2 [A] after a further interval of (ln 2)/k.
Another indication of the rate of a first-order reaction is the time constant, τ (tau), the time
required for the concentration of a reactant to fall to 1/e of its initial value. From eqn 15a it
follows that

kt τ = −ln

1/e[A]0
1
= −ln = 1
[A]0
e

That is, the time constant of a first-order reaction is the reciprocal of the rate constant:
τ=1/k

(17)

