
Chemical Kinetics
Part 1

Chapter 16

Chemical Kinetics – Reaction Rates

l Kinetics is the 
study of the 
rate of a 
chemical 
reaction.

l Some reactions may occur very rapidly – production of H2 by 
the reaction of HCl with Mg – while others may take millions of 
years – formations of metamorphic rocks in the earth’s crust.

Chemical Kinetics – Reaction Rates

l The rate of a chemical reaction is defined as the change in 
the concentration of a reactant or product per unit time. 

l We will look at reactions on a macroscopic level to help us 
better understand the reaction mechanisms by which the 
reactions occur at the particulate level.
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Rate = −
Δ[reactant]

Δt
=
Δ[product]

Δt

Reaction Rate – Concentration vs. time

l Blue dye is 
oxidized with 
bleach. 

l The dye 
concentration 
decreases with 
time.

l The rate –
change in dye 
concentration with 
time – can be 
determined from 
the plot.



2NO2(g) ® 2 NO(g) + O2(g)

Example – Decomposition of NO2

To analyze reaction rates as a reaction 
progresses, let us consider the reaction:

Concentration Data

2NO2(g) ® 2NO(g) + O2(g)

Reaction Rate Plot

Consider the 
stoichiometry of 
the reaction and 
compare the 
relative rates of:

NO2, NO, &  O2

Concentration vs. Time 
Average Rate

Using the concentration vs. time 
data, determine the average rate 
at which the concentration of NO2
changes over the first 50 seconds.

We can see that the rate of the reaction is not 
constant, but changes with time.
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Rate =
Δ[NO2]
Δt

Rate = Δ[NO2 ]
Δt

=
0.0079 M− 0.0100 M

50 sec− 0 sec
= −4.2x10-5 M/sec



Instantaneous Rate
l Sometimes we need to know the rate of a reaction is at a 

particular point in time.

l This is known as an instantaneous rate.

l Instantaneous rates can be determined using the slope of 
a tangent to the curve at the time desired.

l Example: if we wanted to know the instantaneous rate at   
t = 100 sec. of NO2.

l Draw a tangent line at the point on the curve.

l Determine the slope of that tangent line

l The initial rate is simply the instantaneous rate at t = 0.

2NO2(g) ® 2NO(g) + O2(g)
Example: What is the 
instantaneous rate at        
t = 100 s for NO2?

We must first draw a 
tangent line at t = 100 s.

What is the change in y 
(for the line segment drawn)?

- 0.0026 M

What is the change in x?

110 sec.

What is the slope?

- 0.0026 M / 110 sec.

- 2.4´10-5 M/sec

2NO2(g) ® 2NO(g) + O2(g)
Example: What is the 
instantaneous rate at        
t = 250 s for O2? l Definition of rate in terms of a product produced:

Average rate: Instantaneous rate:

l Relative rates (based on stoichiometry):

l Example:  What is the rate of appearance of D in 
terms of A?
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rate  =
Δ[C]
Δt

=
1
3
Δ[D]
Δt

= −
Δ[A]
Δt

= −
1
2
Δ[B]
Δt

General Reaction:  A + 2 B à C + 3 D
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rate  =
Δ[C]
Δt dt

d[C]  rate =



Example:  Relative Reaction Rates

l Consider the reaction:
4 PH3(g) à P4(g) + 6 H2(g)

l Write an expression for the relative average rates for 
this reaction.

l If the rate of production of H2 is determined to be 
0.0052 M•min-1, what is the rate of consumption of 
PH3?

Collision Theory:
A molecular view of reaction rates.

In order for a reaction to take place certain criteria 
must be met:

1. Reacting molecules must collide.

2. Molecules must collide with enough energy for a 
reaction to occur.

3. Molecules must collide in the correct orientation.  

Effective Collisions
l An effective collision is a collision that has an energy and 

orientation that allows a reaction to occur.  Consider the first 
step for the overall reaction: 2 HI(g) à H2(g) + I2(g)

1st Step: 2 HI(g) à H2(g) + 2 I(g)

2nd Step: 2 I(g) à I2(g)

Transition State Theory

l The minimum energy required for a reaction to occur 
when two species collide is called the activation 
energy, Ea.  

l The transition state, or activated complex, is the 
high-energy species that forms from an effective 
collision. 

l The transition state is unstable and exists only for an 
instant (cannot be isolated). It is a complex that is in 
transition from the bonds of the reactants to the 
bonds of the products.



Reaction - Energy Diagram

l A reaction energy diagram relates the relative energies of 
reactants, products, transition states, and intermediates
for a reaction.  

l Consider the 1-step reaction:

BrCH3 + OH– à Br – +  CH3OH

l The reaction has the transition state below.  It shows the C-
Br bond breaking and the C-O bond forming.

l Ea is the activation energy, 
or the energy required to 
START a chemical reaction.

l A reaction with a large 
activation energy will 
proceed slowly, even if the 
products are lower in energy 
than the reactants. 

l The transition state or 
activated complex is the 
arrangement of molecules 
and atoms as the bonds 
transition from reactants to 
products.

Reactants

Products

Transition State

Ea

Reaction - Energy Diagram
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Activation energy: 
forward vs. reverse reaction

Factors affecting reaction rates:

1) Nature of the reactants
l Compounds with high energy bonds or elements with unstable 

electron configurations are prone to react (Their reactions have a 
lower activation energy, Ea). 

2) Concentration
l High concentrations lead to more collisions.

3) Surface area
l For reactions involving the surface of a solid, the greater the 

surface area, the more collisiona that can occur.

4) Temperature
l The higher the temperature, the greater the kinetic energy of 

molecules, leading to more effective collisions.

5) Catalysts
l Catalysts increase the rate by lowering the activation energy (Ea)

of a reaction.
l A catalyst is not changed by the overall reaction.

Factors affecting reaction rates: 
1.  Nature of the reactants

l Compounds with high energy 
bonds or elements with 
unstable electron 
configurations are prone to 
react (Their reactions have a 
lower activation energy, Ea). 

l High concentrations lead to more collisions.

Factors affecting reaction rates:  
2.  Concentration

Dilute: 
Particles not as 
likely to collide.

Concentrated:
Particles more 
likely to collide.



l For reactions involving the surface 
of a solid, the greater the surface 
area, the more collisions that can 
occur.

l Image A:  Hot iron nail in oxygen

l Image B:  Hot steel wool (iron) in 
oxygen

Factors affecting reaction rates: 
3.  Surface Area

l The higher the 
temperature, the 
greater the kinetic 
energy of molecules, 
leading to more 
effective collisions.

Factors affecting reaction rates: 
4.  Temperature

l Catalysts increase the rate by lowering the activation 
energy (Ea) of a reaction.

l A catalyst is not changed by the overall reaction.

Factors affecting reaction rates: 
5.  Catalysts

Rate Laws: Introduction
l All chemical reactions are reversible.
l Again consider the decomposition of NO2:

l If all reactions are reversible at some point in time the 
reverse reaction will be come important.  (Think of a closed 
container.)

l This makes studying the system more complex.  
l We avoid this problem by studying the reaction when the 

reverse reaction makes only a negligible contribution.

2 NO2 ® 2 NO + O2 {Forward Reaction}

2 NO + O2 ® 2 NO2 {Reverse Reaction}



l The reverse reaction is negligible at a point soon after the 
reactants are mixed.

l Therefore the reaction rate will only depend on the 
concentration of the reactants. 

l Rate  = k[NO2]n

k = rate constant     n = rate order (an integer or a fraction)

Important Notes:
l The concentration of the products do not usually appear in 

the rate law. 
l The value of the exponent n must be determined by 

experiment; it CANNOT be written from the balanced 
equation.

Rate Laws: Introduction Rate Law and a General Reaction

l Consider the general reaction:  

a A+ b B à c C + d D

l The rate of the forward reaction is dependent upon the 
concentration of the reactants.  A rate law – an equation 
describing the rate of a reaction – can be written in terms of 
the concentrations of reactants:

rate = k [A]x [B]y

l The rate is the change in concentration of a reactant or 
product, as previously defined.

l The exponents x and y are not necessarily the same as the 
coefficients (a and b) given in the overall reaction.

Rate Laws (continued)

l The exponents x and y may be positive or negative, 
whole or fractional, or equal to zero. 

l The exponents x and y, and the rate constant, k,
must be determined experimentally.

l The exponents are often called orders.  Commonly 
reactions are zero, first, or second order in each 
reactant. 

l The rate constant, k, is dependant on temperature, 
but not concentration. 

Example:  Rate laws

l Example:  Assume the rate law for our general 
reaction is determined experimentally to be:

rate = k [A][B]2

l If [A] is doubled what happens to the rate?

l If [B] is tripled what happens to the rate?

l If [B] is cut in half, what happens to the rate?

l If [A] is tripled and [B] is doubled, what will 

happen to the rate?



Determining the order of a reactant 
l As a reaction 

progresses, its rate will 
decrease because the 
reactants are being 
consumed.   

l As previously 
discussed, the reverse 
reaction will also begin 
to be important.

l This condition makes 
determining the order of 
a reaction challenging, 
because the 
instantaneous rate is 
always changing. 

Method of Initial Rates

l In this method, we attempt to determine the instantaneous 
rate of a reaction at a time = zero.

l This condition is experimentally impossible.  However, if we 
measure the average rate of the reaction for the consumption 
of 1-2% of the reactants, it will be a very good approximation.

l In the method of initial rates, the concentration of one 
reactant is varied while the others are held constant, and the 
effect on the rate is measured. 

l We determine the order of the reaction in terms of each of 
the reactants.

Example:  Determining the order of a reactant 
by initial rates 

l Consider the following reaction:
2 NO(g) + 2 H2(g) ® N2(g) + 2 H2O(g)

l We want to be able to relate the rate of this reaction 
to the concentrations of the reactants.  

l The Method of Initial Rates will allow us to determine 
the values of the coefficients and, with the same 
data, the value of the rate constant, k.
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rate =
Δ[N2]
Δt

= k[NO]m[H2]
n

Order Determination

Trial [NO]  mol/L [H2]  mol/L mol/L•s

1 4.0 x 10−3 2.0 x 10−3 1.25 x 10-5

2 8.0 x 10−3 2.0 x 10−3 5.00 x 10-5

3 8.0 x 10−3 6.0 x 10−3 1.50 x 10-4

![N2]
!t
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Rate2

Rate1

=
5.00×10-5  M/s
1.25×10-5  M/s

= 4          [NO]2

[NO]1
=

(8.0×10-3   M)
(4.0×10-3   M)

= 2

                                2m = 4          ∴m = 2
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Rate3

Rate2

=
1.50×10-4  M/s
5.00×10-5  M/s

= 3          [H2]3

[H2]2

=
(6.0×10-3   M)
(2.0×10-3   M)

= 3

                                3n = 3          ∴n = 1



• Therefore, we can write the rate law: 

Rate = k[NO]2[H2]

• We can then 
calculate k from 
the data in the 
table.  All trials 
should give the 
same (or similar) 
values of k, as it 
is a constant.

Trial [NO]  mol/L [H2]  mol/L mol/L•s

1 4.0 x 10−3 2.0 x 10−3 1.25 x 10-5

2 8.0 x 10−3 2.0 x 10−3 5.00 x 10-5

3 8.0 x 10−3 6.0 x 10−3 1.50 x 10-4

    

€ 

Rate = k[NO]2[H2]
5.00×10-5  M ⋅ s-1 = k(8.0×10-3  M)2(2.0×10-3  M)
k =  2.6 ×10-3  M -2 ⋅ s-1
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Δ[N2]
Δt

Overall Reaction Order

l The overall reaction order is the sum of the order of 
each component in the rate law.  

l Consider: Rate = k[NO]2[H2]

l The overall reaction order is 1 + 2 = 3.

l Consider the following rate law:

Rate = k[H2SeO3]2[H+]2[I-]3

l The overall reaction order is 2 + 2 + 3 = 7.

Example:  Initial Rates Problem

l Consider the reaction of iron(II) with permanganate 
in acidic solution:

5 Fe2+ + MnO4
- + 8 H+  à 5 Fe3+ + Mn2+ + 4 H2O(l)

Data Table

Trial [Fe2+]   (M) [MnO4
-]  (M) [H+]   (M) Rate (M/min)

1 0.010 0.025 0.050 3.12 x 10-4

2 0.010 0.025 0.100 3.04 x 10-4

3 0.010 0.050 0.050 6.31 x 10-4

4 0.030 0.025 0.100 2.71 x 10-3

Example (continued)

l Determine the rate law expression.

l Calculate k

l What [Fe2+] is required to achieve a rate of 2.0x10-3

M/min when [MnO4
-]=0.040 M and [H+]=0.100 M?



Example:  Initial Rates
l Consider the reaction:

2 ClO2 + 2 OH- à ClO3
- +  ClO2

- +  H2O

Data Table

Trial [ClO2]
mol/L

[OH-]
mol/L

mol/L•s

1 0.100 0.100 2.30 x 10-3

2 0.0500 0.100 5.75 x 10-4

3 0.100 0.0500 1.15 x 10-3
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−
Δ[ClO2]
Δt

Example (continued)

l Determine the rate law expression.

l Calculate k.

l What is                   at t ~ 0 if [ClO2]0 = 0.175 M and 

[OH-]0 = 0.0844 M?
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−
Δ[ClO2]
Δt

Example:  Initial Rates

l Consider the gas-phase reaction:
2 NO + O2 à 2 NO2

Data Table

Trial [NO]
molecules/cm3

[O2]
molecules/cm3

rate
molecules/cm3•s

1 1.00 x 1018 1.00 x 1018 2.00 x 1016

2 3.00 x 1018 1.00 x 1018 1.80 x 1017

3 2.50 x 1018 2.50 x 1018 3.13 x 1017

Example (continued)
l Determine the rate law expression.

Note: The challenge to this question is that the [NO] changes in ALL trials – however, 
you can still reason out the order.

l Based on trials 1 & 2, determine the order for NO.
l Considering the order of NO, and the change in the [NO] concentration 

between trials 1 & 3, determine the expected change in the rate (based 
solely on the [NO] change).

l Determine the change in rate between trials 1 & 3.  
l Factor out the change in rate based on the NO change to determine the 

change in rate caused by the [O2].
l Evaluate the order for O2.
l What is the overall order of the reaction?

Trial [NO]  molecules/cm3 [O2]  molecules/cm3 Rate  molecules/cm3•s

1 1.00 x 1018 1.00 x 1018 2.00 x 1016

2 3.00 x 1018 1.00 x 1018 1.80 x 1017

3 2.50 x 1018 2.50 x 1018 3.13 x 1017



General Method for Finding the Order of a Single Reactant 
by Initial Rates

l Consider the general reaction:
a A + other reactants à products

l If [A] is varied while the concentration 
of all the reactants are held constant, 
and the rate under conditions 1 & 2 are 
measured, the order of the reaction will 
be n in the following equation:

l The value of n can usually be 
determined by inspection.  However, if 
n is not a simple whole number, the 
equation can be rearranged:
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rate1

rate2

=
[A]1
[A]2

" 

# 
$ 

% 

& 
' 
n
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n =
log rate1

rate2
( )

log [A]1
[A]2

( )

l Sometimes, two trials may not give a definitive answer for the 
rate law.

l In that case, a graphical method, essentially averaging 
several trials, will give a better approximation.

l We can rearrange the log equation for the general reaction 
into a   y = m x + b format:

l If we then graph log (rate) vs. log (initial concentration),
the result is a line with a slope equal to the order of the 
reactant studied.

Graphical determination of the order of a reaction

log rate( ) = n log[A] + b

Example:  Initial Rates

l Consider the gas-phase reaction:
Cl2 +  CHCl3 à HCl  +  CCl4

Data Table

Trial [Cl2]
mol/L

[CHCl3]
mol/L

rate
mol/L•s

1 0.020 0.025 8.80 x 10-4

2 0.060 0.025 1.52 x 10-3

3 0.060 0.050 3.06 x 10-3

Example (continued)

l Determine the rate law expression.

l Calculate k

l What is the overall order of the reaction?


