NEUB CHE 101 Lecture 5: Chemical Kinetics
The Rate of a Reaction
Chemical kinetics is the area of chemistry concerned with the speeds, or rates, at which a chemical
reaction occurs. Here kinetics refers to the rate of a reaction, or the reaction rate, which is the
change in the concentration of a reactant or a product with time (M/s).
We know that any reaction can be represented by the general equation
𝑟𝑒𝑎𝑐𝑡𝑎𝑛𝑡𝑠 → 𝑝𝑟𝑜𝑑𝑢𝑐𝑡𝑠
This equation tells us that during the course of a reaction, reactants are consumed while products
are formed. As a result, we can follow the progress of a reaction by monitoring either the decrease
in concentration of the reactants or the increase in concentration of the products.
Figure 13.1 shows the progress of a simple reaction in which A molecules are converted to B
molecules:
𝐴→𝐵
The decrease in the number of A molecules and the increase in the number of B molecules with time
are shown in Figure 13.2. In general, it is more convenient to express the reaction rate in terms of the
change in concentration with time. Thus, for the reaction A → B we can express the rate as
Δ[𝐴]
Δ[𝐵]
𝑟𝑎𝑡𝑒 = −
𝑜𝑟 𝑟𝑎𝑡𝑒 −
Δ𝑡
Δ𝑡
where Δ[A] and Δ[B] are the changes in concentration (molarity) over a time period Δt. Because the
concentration of A decreases during the time interval, Δ[A] is a negative quantity. The rate of a
reaction is a positive quantity, so a minus sign is needed in the rate expression to make the rate
positive. On the other hand, the rate of product formation does not require a minus sign because Δ[B]
is a positive quantity. These rates are average rates because they are averaged over a certain time
period Δt.

Figure 1 The progress of reaction A → B at 10-s intervals over a period of 60 s. Initially, only A molecules (gray spheres)
are present. As time progresses, B molecules (red spheres) are formed.
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From this graph, if we find the gradient, we will find the rate of the reaction. For A, the gradient will
be negative, and we will ignore the negative sign when stating the rate of the reaction [The equation
has a negative sign]. For b the gradient will be the rate of the reaction as the gradient will be positive.

1

Figure 2 The rate of reaction A → B, represented as the decrease of A molecules with time and as the increase of B
molecules with time.

NEUB CHE 101 Lecture 5: Chemical Kinetics
Collision theory
Consider the reaction:
𝐴+𝐵 → 𝐶+𝐷
In order for molecule A to react with molecule B, the two molecules must first of all collide with each
other. If they collide they may react.
Why is there a possibility of a reaction? This is because not all the collision between reactant molecules
will result in a reaction. There are two requirements for a reaction to occus.
• The two molecules must collide with sufficient energy to cause a reaction (activation energy).
• The two molecules must collide in the correct orientation.
Activation energy
If the particles collide with less energy than the activation energy, they simply bounce apart and no
reaction occurs. Think of the activation energy as a barrier to the reaction. Only those collisions that
have energies equal or greater than the activation energy result in a reaction.
Any chemical reaction results in the breaking of some bonds (which needs energy) and making of new
bonds (Which releases energy). So, some bonds needs to be broken first before new bonds can be
created. Activation energy is involved in breaking some of the original bonds.
Orientation
Consider the following reaction between ethene and hydrogen bromide

The reaction can only happen if the hydrogen end of the H-Br molecule approaches C=C of theethene
molecule. Any other collision between the two molecules will result in the molecules simply bouncing
off each other.
Of the collisions shown below, only collision 1 may possibly lead to a reaction
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Some reactions are fast and others are slow, but the rate of any given reaction may be affected by the
following factors:
1. Concentration
2. Pressure
3. Surface area of reactants
4. Temperature
5. Catalyst
The effect of Concentration
For reaction in solution, an increase in concentration often causes an increase in rate of reaction. For
many reactions, if the concentration is increased, then the frequency of collisions between molecules
increases. This is because they are closer together as there are more of them in a given volume of
solution. So the frequency of successful collision increases, which in turn increases the rate of reaction.
The graph below shows the effect of the change in the volume of carbon dioxide given off with time
for the reaction between calcium carbonate and excess dilute hydrochloric acid
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Factors affecting the rate of the reaction
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Curve A represents the higher concentration of acid. You will notice that the gradient of curve A is
always greater than that of curve B, and that curve A levels off before curve B. Both of these factors
indicate that the rate of reaction is greater for higher concentration of ACID.
The effect of pressure
For a reaction in which molecules collide and react in gas phase, an increase in pressure will bring
about an increase in the rate of reaction.
The explanation is similar to that of concentration of solution. If pressure of a gaseous mixture is
increased, there will be more reactant molecules in a given volume of mixture. SO the frequency of
successful collision increases, which results in an increase in the rate of reaction.
Changing the pressure has virtually no effect on reactions in the solid or liquid phase. This is because
the volume of solids and liquids changes very little when the are put under pressure, so their particles
do not move closer together.
The effect of surface area
For heterogenous reactions involving a solid, a large surface area of the solid will result in a faster
reaction.
The reaction between magnesium and dilute hydrochloric acid is represented by this ionic equation:
Mg(s) + 2H + (aq) → Mg 2+ (aq) + H2 (g)
Only collisions between the hydrogen ions and magnesium atoms on the surface of the magnesium
can result in reaction. If the magnesium is powdered, the surface area increased and hydrogen is given
off more quickly.
The effectiveness of solid catalyst is also improved if they are finely divided. For example, the rate of
the catalyzed decomposition of hydrogen peroxide by manganate (IV) oxide is increased significantly
if the catalyst is a powder rather than lumps. Here is the equation for the reaction:
𝑀𝑛𝑂2 (𝑠)𝐶𝑎𝑡𝑎𝑙𝑦𝑠𝑡
1
𝐻2 𝑂2 (𝑎𝑞) →
𝐻2 𝑂(𝑙) + 𝑂2 (𝑔)
2
The effect of temperature
To understand the effect of temperature on the rate of a reaction, we have to first understand the
Maxwell-Boltzmann distribution curve. Maxwell-Boltzmann distribution curve shows the energy
distribution of all the particles in a sample. The next figure shows a sample Maxwell-Boltzmann
distribution curve for molecules at different temperatures T1 and T2.
There are four important points to note about the curves:
• Neither curve is symmetrical.
• Both curves start at the origin and finish by approaching the x-axis asymptotically.
• The area under each curve is same, since the number of molecules has not changed.
• The peak 𝑇2 is displaces to the right and is lower than that for peak of 𝑇1 .
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Figure 3 A conc-time graph showing the effect of the change in volume of carbon dioxide off with time for the reaction
between calcium carbonate and excess dilute hydrochloric acid.
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Figure 4 A graph showing the distribution of molecular energies at two temperature. 𝑻𝟐 is a higher temperature than 𝑻𝟏 .

The curves in the graph below shows the molecular distribution of energies at two temperatures, 𝑇1
and 𝑇2 , where 𝑇2 > 𝑇1 . 𝐸𝑎 is the activation energy for the reaction.

Figure 5 A graph showing the distribution of molecular energies at 2 temperatures 𝑻𝟐 > 𝑻𝟏

The shaded area represents the fraction of the molecules that have the required energy to react at
temperatures 𝑇1 𝑎𝑛𝑑 𝑇2
It is easy to see that the fraction of molecules that can react at the higher temperature is greater. So,
the rate of reaction increases with temperature because the number of successful collisions per
second increases.
Effect of catalysts
A catalyst works by providing an alternative route for the reaction. This alternative route has a lower
activation energy than the original route. The diagram below shows the effect on a fraction of
molecules that have the required energy to react with a route of lower activation energy is available.
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The blue shaded area represents the fraction of molecules that have 𝐸 ≥ 𝐸𝑎 when no catalyst is
present. The combined red and blue shaded area represents the fraction of molecules that have
𝐸 ≥ 𝐸𝑎 when catalyst is present.
A reaction profile diagram is an extension of an energy level diagram. In addition to showing relative
enthalpy levels of reactants and products, it includes the activation energy for the reaction.
A typical reaction profile, not to scale, for the combustion of methane is shown below.
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Figure 6 A graph showing the effect on the fraction of molecules that have the required energy to react when a catalyst
is present
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Figure 7 A reaction profile for the combustion of methane

For endothermic reaction, the enthalpy level of the products is above that of the reactants, but
otherwise the profile is same.
The diagram below shows simplified reaction profiles for uncatalyzed and catalyzed reaction.

Figure 8 simplified reaction profiles for uncatalyzed and catalyzed reaction.

Figure 9 The mechanism of action of a heterogenous catalyst
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Type of catalyst
Catalyst used in chemical reactions can be divided into two types- Homogenous catalysts and
Heterogenous catalysts.
A homogenous catalyst is in the same phase as the reactants. For example, a gaseous catalyst in a
mixture of gases or a liquid catalyst in a mixture of liquids.
Chlorine free radicals act a homogenous catalyst in the breakdown of ozone.
Cl ∙ (g) + O3 (g) → ClO ∙ (g) + O2 (g)
ClO ∙ (g) + O3 (g) → Cl ∙ (g) + 2O2 (g)
Note that chlorine free radicals are destroyed and then regenerated.
A heterogenous catalyst is in different phase from the reactants. For example, in the Haber process
the solid iron catalyst catalyzes the reaction between two gases, hydrogen and nitrogen. They act by
the mechanism of adsorption.
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Methods for measuring the rate of reaction
There are various methods for measuring the rate of reaction. All the methods boils around the idea
of observing a reaction. If we can observe the progression of a reaction clearly, we can measure the
rate of that reaction. The methods commonly used to measure rate of reaction include:
• Measuring the volume of gas evolved
• Measuring the change in mass of a reaction mixture
• Monitoring the change in intensity of color of a reaction mixture (colorimetry)
• Measuring the change in concentration of a reactant or a product using titration
• Measuring the pH of a solution
• Measuring the change in electrical conductivity of a reaction mixture
The method chosen to follow the reaction depends on the nature of the reactants and products as
well as the condition under which the reaction is carried out.
For example, the reaction between calcium carbonate and dilute hydrochloric acid,
CaCO3 (s) + 2HCl (aq) → CaCl2 (aq) + H2 O (l) + CO2 (g)
could be conveniently tracked by measuring the volume of gas given off at regular intervals, or by
measuring the change in the mass of reaction mixture with time.
However, the reaction between propanone and iodine in aqueous solution,
CH3 C)CH3 (aq) + I2 (aq) → CH3 COCH2 I (aq) + H + (aq) + I − (aq)
could not be tracked by measuring the change in mass because all the products are in solution. It
would be possible however to follow the reaction by monitoring the change in color, since only I2(aq)
is the colored species.
Measuring volume of gas evolved
The two most common method for collecting and measuring the volume of gas produces during a
reaction are:
1. Collection over water into a measuring cylinder, and
2. Collection using a gas syringe
The technique chosen will depend partly on the level of precision required and the solubility of the
gas in water. The gas syringe has greater degree if precision, but if a large volume of gas is being
measured, the difference in degree of uncertainty becomes so small that the instrument is sufficienty
precise.
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Measuring mas is only feasible when the product of any reaction is gas. Other than that we cannot
use this method to track rate of reaction.
Measuring the change in mass of a reaction mixture
This is another technique which can be used when the product of any reaction is a gas.
The reaction flask and contents are placed on a digital balance and the decrease in mass is measured
as the reaction proceeds.
This technique is most precise when the gas given off has a relatively high density, such as with carbon
dioxide. With a low-density gas such as hydrogen, the mass changes are so small that the
measurement uncertainties become significant.
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Figure 10 Collection of gas using (a) over water method (b)Gas syringe
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Figure 11

Measuring Color change (colorimetry)
Monitoring a color change can sometimes be done with sufficient precision using the naked eye.
However, under certain circumstances greater precision can be obtained by using a colorimeter. A
colorimeter can detect far more subtle changes than the human eye can observe, and provides a
quantitively measurement
Analysis by titration
This technique involves using a pipette to remove small samples (aliquots) from a reaction mixture at
regular intervals. The reaction in the aliquot is either stopped by adding another substance or slowed
down to almost zero by immersing it in an ice bath. The aliquot is then titrated to determine the
concentration of a reactant or product species.
The process of stopping or slowing down the reaction in an aliquot is known as 'quenching'.
For example, if the reaction involves an acid, the aliquot, after quenching, could be titrated against
standard sodium hydroxide to determine the concentration of the acid. This technique is used to
investigate the reaction between iodine and propanone, which is catalyzed by acid. Sodium hydrogencarbonate is added to the aliquot to remove the acid catalyst and hence stop the reaction. The
remaining iodine is then titrated against a standard solution of sodium thiosulfate.
CH3 C)CH3 (aq) + I2 (aq) → CH3 COCH2 I (aq) + H + (aq) + I − (aq)
2−
−
I2 (aq) + 2S2 O2−
3 (aq) → 2I (aq) + S4 O6 (aq)
Measuring the electrical conductivity
If the total number or type Of ions in solution changes during a reaction it might be possible to follow
the reaction by measuring changes in electrical conductivity of the solution using a conductivity meter
Measuring any other physical property that shows a significant change
Possible physical properties that have not already been mentioned include changes in the volume of
liquid ('dilatometry'), chirality and refractive index.
Check page 559-564 of Chang for calculations of rate of reactions.
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Practice example 13.1 – 13.2 from chang
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The Rate Law
The rate law expresses the relationship of the rate of a reaction to the rate constant and the
concentrations of the reactants raised to some powers. For the general reaction
𝑎𝐴 + 𝑏𝐵 → 𝑐𝐶 + 𝑑𝐷
the rate law takes the form
𝑟𝑎𝑡𝑒 = 𝑘[𝐴]𝑥 [𝐵]𝑦
(1)
where x and y are numbers that must be determined experimentally. Note that, in general, x and y
are not equal to the stoichiometric coefficients a and b. When we know the values of x, y, and k, we
can use Equation above to calculate the rate of the reaction, given the concentrations of A and B.
The exponents x and y specify the relationships between the concentrations of reactants A and B and
the reaction rate. Added together, they give us the overall reaction order, defined as the sum of the
powers to which all reactant concentrations appearing in the rate law are raised. The overall reaction
order is x+y. Alternatively, we can say that the reaction is xth order in A, yth order in B, and (x+y)th order
overall.
The equation 1 above is generally called the rate equation.
To see how to determine the rate law of a reaction, let us consider the reaction between ﬂuorine and
chlorine dioxide:
F2 (g) + 2ClO2 (g) → 2FClO2 (g)
One way to study the effect of reactant concentration on reaction rate is to determine how the initial
rate depends on the starting concentrations. It is preferable to measure the initial rates because as
the reaction proceeds, the concentrations of the reactants decrease, and it may become difficult to
measure the changes accurately. Also, there may be a reverse reaction of the type
𝑝𝑟𝑜𝑑𝑢𝑐𝑡𝑠 → 𝑟𝑒𝑎𝑐𝑡𝑎𝑛𝑡𝑠
which would introduce error into the rate measurement. Both of these complications are virtually
absent during the early stages of the reaction.
Table 1 shows three rate measurements for the formation of FClO2. Looking at entries 1 and 3, we see
that as we double [F2] while holding [ClO2] constant, the reaction rate doubles. Thus, the rate is directly
proportional to [F2]. Similarly, the data in entries 1 and 2 show that as we quadruple [ClO2] at constant
[F2], the rate increases by four times, so that the rate is also directly proportional to [ClO 2]. We can
summarize our observations by writing the rate law as
𝑟𝑎𝑡𝑒 = 𝑘[𝐹2 ][𝐶𝑙𝑂2 ]
Because both [F2] and [ClO2] are raised to the first power, the reaction is first order in F2, first order in
ClO2, and (1+1) or second order overall. Note that [ClO2] is raised to the power of 1 whereas its
stoichiometric coefficient in the overall equation is 2. The equality of reaction order (first) and
stoichiometric coefficient (1) for F2 is coincidental in this case.
From the reactant concentrations and the initial rate, we can also calculate the rate constant. Using
the first entry of data in Table 1, we can write
𝑟𝑎𝑡𝑒
1.2 × 10−3 𝑀/𝑠
𝑘=
=
= 1.2 𝑀. 𝑠
[𝐹2 ][𝐶𝑙𝑂2 ] (0.10𝑀)(0.010𝑀)
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The following points summarize our discussion of the rate law:
1. Rate laws are always determined experimentally. From the concentrations of reactants and
the initial reaction rates we can determine the reaction order and then the rate constant of
the reaction.
2. Reaction order is always defined in terms of reactant (not product) concentrations.
3. The order of a reactant is not related to the stoichiometric coefficient of the reactant in the
overall balanced equation.
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Table 1 Rate Data for the Reaction Between F2 and ClO2
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First order reactions
A first-order reaction is a reaction whose rate depends on the reactant concentration raised to the
first power. In a first-order reaction of the type
𝐴 → 𝑝𝑟𝑜𝑑𝑢𝑐𝑡
The rate is
Δ[𝐴]
𝑟𝑎𝑡𝑒 = −
Δ𝑡
From the rate law we also know that
𝑟𝑎𝑡𝑒 = 𝑘[𝐴]
To obtain the units of k for this rate law, we write
𝑟𝑎𝑡𝑒 𝑀/𝑠
𝑘=
=
= 1/𝑠 = 𝑠 −1
[𝐴]
𝑀
Combining the f rst two equations for the rate we get
Δ[𝐴]
(2)
−
= 𝑘[𝐴]
Δ𝑡
The equation can be written in differential form as
𝑑[𝐴]
−
= 𝑘[𝐴]
𝑑𝑡
Rearranging we get
𝑑[𝐴]
= −𝑘𝑑𝑡
[𝐴]
Integrating between t=0 and t=t we get
[𝐴]𝑡
𝑡
𝑑[𝐴]
∫
= −𝑘 ∫ 𝑑𝑡
[𝐴]0 [𝐴]
0
ln[𝐴]𝑡 − ln[𝐴]0 = −𝑘𝑡
[𝐴]
Or
ln [𝐴] 𝑡 = −𝑘𝑡
(3)
0

we can calculate the rate constant from the slope of the plot of ln [A]t versus t.
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Figure 12 First-order reaction characteristics: (a) The exponential decrease of reactant concentration with time;
(b) A plot of ln [A]t versus t. The slope of the line is equal to -k.
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where ln is the natural logarithm, and [A]0 and [A]t are the concentrations of A at times t=0 and t=t,
respectively. It should be noted that t=0 need not correspond to the beginning of the experiment; it
can be any time when we choose to start monitoring the change in the concentration of A.
Equation 3 can be rearranged as follows:
(4)
ln[𝐴]𝑡 = −𝑘𝑡 + ln[𝐴]0
Equation 4 has the form of the linear equation y 5 mx 1 b, in which m is the slope of the line that is
the graph of the equation:
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As a reaction proceeds, the concentration of the reactant(s) decreases. Another measure of the rate
of a reaction, relating concentration to time, is the half-life, t1/2, which is the time required for the
concentration of a reactant to decrease to half of its initial concentration. We can obtain an expression
for t1/2 for a first-order reaction as follows. Equation 3 can be rearranged to give
1 [𝐴]0
𝑡 = ln
𝑘 [𝐴]𝑡
By the definition of half-life, when t = t1/2, [A]t = [A]0/2, so
[𝐴]0
1
𝑡1/2 = ln
𝑘 [𝐴]0 /2
Or
1
0.693
𝑡1/2 = ln 2 =
(5)
𝑘
𝑘
We can also rearrange equation above as
ln 2
𝑘=
𝑡1/2
Equation 5 tells us that the half-life of a f rst-order reaction is independent of the initial concentration
of the reactant. Thus, it takes the same time for the concentration of the reactant to decrease from
1.0 M to 0.50 M, say, as it does for a decrease in concentration from 0.10 M to 0.050 M (Figure 13).
Measuring the half-life of a reaction is one way to determine the rate constant of a first-order reaction.

Figure 13 A plot of [A]t versus time for the first-order reaction A → products. The half-life of the reaction is 1 min. After
the elapse of each half-life, the concentration of A is halved.
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A second-order reaction is a reaction whose rate depends on the concentration of one reactant raised
to the second power or on the concentrations of two different reactants, each raised to the f rst power.
The simpler type involves only one kind of reactant molecule:
𝐴 → 𝑝𝑟𝑜𝑑𝑢𝑐𝑡
Where
Δ[𝐴]
𝑟𝑎𝑡𝑒 = −
Δ𝑡
From the rate law,
𝑟𝑎𝑡𝑒 = 𝑘[𝐴]2
As before, we can determine the units of k by writing
𝑟𝑎𝑡𝑒 𝑀/𝑠
𝑘=
= 2 = 1/𝑀. 𝑠
[𝐴]2
𝑀
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Second order reaction
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Another type of second-order reaction is
𝐴 + 𝐵 → 𝑝𝑟𝑜𝑑𝑢𝑐𝑡
And the rate law is given by
𝑟𝑎𝑡𝑒 = 𝑘[𝐴][𝐵]
The reaction is first order in A and first order in B, so it has an overall reaction order of 2.
Using calculus, we can obtain the following expressions for “A→product” second-order reactions:
1
1
(6)
= 𝑘𝑡 +
[𝐴]𝑡
[𝐴]0
Equation 6 has the form of a linear equation. As Figure 14 shows, a plot of 1/[A]t versus t gives a
straight line with slope = k and y intercept = 1/[A]0. (The corresponding equation for “A + B → product”
reactions is too complex for our discussion.)
We can obtain an equation for the half-life of a second-order reaction by setting [A]t=[A]0/2 in
Equation 6.
1
1
= 𝑘𝑡1/2 +
[𝐴]0 /2
[𝐴]0
Solving for t1/2 we obtain
1
𝑡1/2 =
(7)
𝑘[𝐴]0
Note that the half-life of a second-order reaction is inversely proportional to the initial reactant
concentration. This result makes sense because the half-life should be shorter in the early stage of the
reaction when more reactant molecules are present to collide with each other. Measuring the halflives at different initial concentrations is one way to distinguish between a first-order and a secondorder reaction.
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Figure 14 A plot of 1/[A]t versus t for a second-order reaction. The slope of the line is equal to k

Zero order reactions
First- and second-order reactions are the most common reaction types. Reactions whose order is zero
are rare. For a zero-order reaction
𝐴 → 𝑝𝑟𝑜𝑑𝑢𝑐𝑡
The rate law is given by
𝑟𝑎𝑡𝑒 = 𝑘[𝐴]0 = 𝑘
Thus, the rate of a zero-order reaction is a constant, independent of reactant concentration. Using
calculus, we can show that
[𝐴]𝑡 = −𝑘𝑡 + [𝐴]0
(8)
Equation 8 has the form of a linear equation. As Figure 15 shows, a plot of [A]t versus t gives a straight
line with slope = -k and y intercept =[A]0. To calculate the half-life of a zero-order reaction, we set
[A]t=[A]0/2 in Equation 8 and obtain
[𝐴]0
𝑡1/2 =
(9)
2𝐾
Many of the known zero-order reactions take place on a metal surface. An example is the
decomposition of nitrous oxide (N2O) to nitrogen and oxygen in the presence of platinum (Pt):
2N2 O (g) → 2N2 (g) + O2 (g)
When all the binding sites on Pt are occupied, the rate becomes constant regardless of the amount of
N2O present in the gas phase.

NEUB CHE 101 Lecture 5: Chemical Kinetics

Figure 15 A plot of [A]t versus t for a zero-order reaction. The slope of the line is equal to -k.

Third-order and higher order reactions are quite complex; they are not in the scope of this course.
Table 2 summarizes the kinetics of zero-order, first-order, and second-order reactions.
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Figure 16 Typical curves for different order of reactions
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Table 2 Summary of the Kinetics of Zero-Order, First-Order, and Second-Order Reactions
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The Arrhenius Equation
The dependence of the rate constant of a reaction on temperature can be expressed by the following
equation, known as the Arrhenius equation:
𝐸𝑎

𝑘 = 𝐴𝑒 − 𝑅𝑇
(10)
where Ea is the activation energy of the reaction (in kJ/mol), R the gas constant (8.314 J/K ∙mol), T the
absolute temperature, and e the base of the natural logarithm scale. The quantity A represents the
collision frequency and is called the frequency factor. It can be treated as a constant for a given
reacting system over a fairly wide temperature range.
Equation 10 shows that the rate constant is directly proportional to A and, therefore, to the collision
frequency. In addition, because of the minus sign associated with the exponent Ea/RT, the rate
constant decreases with increasing activation energy and increases with increasing temperature. This
equation can be expressed in a more useful form by taking the natural logarithm of both sides:
ln 𝑘 = ln 𝐴𝑒 −

𝐸𝑎
𝑅𝑇

Or
𝐸𝑎
𝑅𝑇
Equation 11 can be rearranged to a linear equation:
ln 𝑘 = ln 𝐴 −

(11)

Thus, a plot of ln k versus 1/T gives a straight line whose slope m is equal to -Ea/R and whose intercept
b with the y axis is ln A.

Reaction Mechanism and relation with Order of a reaction
Most of the reaction does not happen in a single step. Rather the have more than one elementary
steps, or elementary reactions, a series of simple reactions that represent the progress of the overall
reaction at the molecular level. The term for the sequence of elementary steps that leads to product
formation is reaction mechanism. The reaction mechanism is comparable to the route of travel
followed during a trip; the overall chemical equation specifies only the origin and destination.
When we study a reaction that has more than one elementary step, the rate law for the overall process
is given by the rate-determining step, which is the slowest step in the sequence of steps leading to
product formation.
An analogy for the rate-determining step is the ﬂow of traffic along a narrow road. Assuming the cars
cannot pass one another on the road, the rate at which the cars travel is governed by the slowestmoving car.
The order of reaction is mainly the molecularity of the rate determining step.

Page

13

Examples from Chang: 13.3,13.4, 13.5, 13.6, 13.7, 13.8,

Prepared BY
Shahadat Hussain Parvez

NEUB CHE 101 Lecture 5: Chemical Kinetics
Chemical Equilibria

Prepared BY
Shahadat Hussain Parvez

Page

Figure 17 Change in the concentrations of NO2 and N2O4 with time, in three situations. (a) Initially only NO2 is present.
(b) Initially only N2O4 is present. (c) Initially a mixture of NO2 and N2O4 is present. In each case, equilibrium is established
to the right of the vertical line.
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Few chemical reactions proceed in only one direction. Most are reversible, at least to some extent. At
the start of a reversible process, the reaction proceeds toward the formation of products. As soon as
some product molecules are formed, the reverse process begins to take place and reactant molecules
are formed from product molecules.
Chemical equilibrium is achieved when the rates of the forward and reverse reactions are equal, and
the concentrations of the reactants and products remain constant. Chemical equilibrium is a dynamic
process.
Note that chemical equilibrium involves different substances as reactants and products. Equilibrium
between two phases of the same substance is called physical equilibrium because the changes that
occur are physical processes. The vaporization of water in a closed container at a given temperature
is an example of physical equilibrium. In this instance, the number of H2O molecules leaving and the
number returning to the liquid phase are equal:
H2 O (l) ⇌ H2 O(g)
Below is an example of chemical equilibria.
N2 O4 (g) ⇌ 2NO2 (g)
The progress of the reaction can be monitored easily because N2O4 is a colorless gas, whereas NO2 has
a dark-brown color that makes it sometimes visible in polluted air. Suppose that N2O4 is injected into
an evacuated ﬂask. Some brown color appears immediately, indicating the formation of NO2
molecules. The color intensifies as the dissociation of N2O4 continues until eventually equilibrium is
reached. Beyond that point, no further change in color is evident because the concentrations of both
N2O4 and NO2 remain constant. We can also bring about an equilibrium state by starting with pure
NO2. As some of the NO2 molecules combine to form N2O4, the color fades. Yet another way to create
an equilibrium state is to start with a mixture of NO2 and N2O4 and monitor the system until the color
stops changing.
These studies demonstrate that the preceding reaction is indeed reversible, because a pure
component (N2O4 or NO2) reacts to give the other gas. The important thing to keep in mind is that at
equilibrium, the conversions of N2O4 to NO2 and of NO2 to N2O4 are still going on. We do not see a
color change because the two rates are equal—the removal of NO2 molecules takes place as fast as
the production of NO2 molecules, and N2O4 molecules are formed as quickly as they dissociate.
Figure 17 summarizes these three situations.
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The Equilibrium Constant
Table 3 shows some experimental data for the reaction just described at 25°C. The gas concentrations
are expressed in molarity, which can be calculated from the number of moles of gases present initially
and at equilibrium and the volume of the ﬂask in liters. Note that the equilibrium concentrations of
NO2 and N2O4 vary, depending on the starting concentrations. We can look for relationships between
[NO2] and [N2O4] present at equilibrium by comparing the ratio of their concentrations. The simplest
ratio, that is, [NO2]/[N2O4], gives scattered values. But if we examine other possible mathematical
relationships, we find that the ratio [NO2]2/[N2O4] at equilibrium gives a nearly constant value that
averages 4.63 × 10−3 , regardless of the initial concentrations present:
[𝑁𝑂2 ]2
(12)
𝐾=
= 4.63 × 10−3
[𝑁2 𝑂4 ]
where K is a constant. Note that the exponent 2 for [NO2] in this expression is the same as the
stoichiometric coefficient for NO2 in the reversible reaction.
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We can generalize this phenomenon with the following reaction at equilibrium:
𝑎𝐴 + 𝑏𝐵 ⇌ 𝑐𝐶 + 𝑑𝐷
where a, b, c, and d are the stoichiometric coefficients for the reacting species A, B, C, and D. For the
reaction at a particular temperature
[𝐶]𝑐 [𝐷]𝑑
𝐾=
(13)
[𝐴]𝑎 [𝐵]𝑏
where K is the equilibrium constant. If K is much greater than 1 (that is, K ≫ 1), the equilibrium will lie
to the right and favors the products. Conversely, if the equilibrium constant is much smaller than 1
(that is, K ≪ 1), the equilibrium will lie to the left and favor the reactants (Figure 14.3). In this context,
any number greater than 10 is considered to be much greater than 1, and any number less than 0.1 is
much less than 1.
Although the use of the words “reactants” and “products” may seem confusing because any substance
serving as a reactant in the forward reaction also is a product of the reverse reaction, it is in keeping
with the convention of referring to substances on the left of the equilibrium arrows as “reactants” and
those on the right as “products.”
Homogenous Equilibria
The term homogeneous equilibrium applies to reactions in which all reacting species are in the same
phase. An example of homogeneous gas-phase equilibrium is the dissociation of N2O4. The equilibrium
constant is
[𝑁𝑂2 ]2
𝐾𝑐 =
[𝑁2 𝑂4 ]
Note that the subscript in Kc indicates that the concentrations of the reacting species are expressed
in molarity or moles per liter. The concentrations of reactants and products in gaseous reactions can
also be expressed in terms of their partial pressures. For the equilibrium process
N2 O4 (g) ⇌ 2NO2 (g)
We can write
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Table 3 The NO2–N2O4 System at 25°C
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2
𝑃𝑁𝑂
2
𝑃𝑁2 𝑂4
Where 𝑃𝑁𝑂2 and 𝑃𝑁2 𝑂4 are the equilibrium partial pressures (in atm) of NO2 and N2O4, respectively.
The subscript in KP tells us that equilibrium concentrations are expressed in terms of pressure.
Finding Partial Pressure
The partial pressure of a gas in a mixture is the pressure that the gas would have if it alone occupied
the volume occupied by the whole mixture. If a mixture of gases contains 3 different gases then the
total pressure will equal the 3 partial pressure added together
𝑃 = 𝑝1 + 𝑝2 + 𝑝3
𝑃𝑎𝑟𝑡𝑖𝑎𝑙 𝑃𝑟𝑒𝑠𝑠𝑢𝑟𝑒 𝑜𝑓 𝑔𝑎𝑠 1 = 𝑚𝑜𝑙𝑒 𝑓𝑟𝑎𝑐𝑡𝑖𝑜𝑛 × 𝑇𝑜𝑡𝑎𝑙 𝑝𝑟𝑒𝑠𝑠𝑢𝑟𝑒
𝑝1 = 𝑋1 × 𝑃
Mole fraction
𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑎 𝑔𝑎𝑠
𝑀𝑜𝑙𝑒 𝑓𝑟𝑎𝑐𝑡𝑖𝑜𝑛 =
𝑇𝑜𝑡𝑎𝑙 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑎𝑙𝑙 𝑔𝑎𝑠𝑒𝑠
For our three-part mixture
𝑦1
𝑋1 =
𝑦1 + 𝑦2 + 𝑦3

Examples 14.1-14.3 from Chang illustrate the procedure for writing equilibrium constant expressions and calculating
equilibrium constants and equilibrium concentrations.
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In general, Kc is not equal to KP, because the partial pressures of reactants and products are not equal
to their concentrations expressed in moles per liter. For any reaction:
𝑎𝐴 (𝑔) ⇄ 𝑏𝐵(𝑔)
The relationship between KP and Kc can be written as
𝐾𝑝 = 𝐾𝑐 (𝑅𝑇)Δ𝑛
(14)
Where
Δ𝑛 = 𝑏 − 𝑎 = moles of gaseous product − moles of gaseous reactant
𝑅 = 𝑈𝑛𝑖𝑣𝑒𝑟𝑠𝑎𝑙𝑙 𝑔𝑎𝑠 𝑐𝑜𝑛𝑠𝑡𝑎𝑛𝑡 = 8.314 𝐽 𝐾 −1 𝑚𝑜𝑙 −1 = 0.0821 𝐿 𝑎𝑡𝑚 𝐾 −1 𝑚𝑜𝑙 −1
Because pressures are usually expressed in atm, the gas constant R is given by
0.0821 𝐿 𝑎𝑡𝑚 𝐾 −1 𝑚𝑜𝑙 −1 , and we can write the relationship between KP and Kc as
𝐾𝑝 = 𝐾𝑐 (0.0821𝑇)Δ𝑛
(15)
In general, KP ≠ Kc except in the special case in which Δn = 0 as in the equilibrium mixture of molecular
hydrogen, molecular bromine, and hydrogen bromide:
𝐻2 (𝑔) + 𝐵𝑟2 (𝑔) ⇌ 2𝐻𝐵𝑟 (𝑔)
In this case equation 15 can be written as
𝐾𝑃 = 𝐾𝐶 (0.0821𝑇)0 = 𝐾𝑐
As another example of homogeneous equilibrium, let us consider the ionization of acetic/ethanoic
acid (CH3COOH) in water:
𝐶𝐻3 𝐶𝑂𝑂𝐻 (𝑎𝑞) + 𝐻2 𝑂 (𝑙) ⇄ 𝐶𝐻3 𝐶𝑂𝑂− (𝑎𝑞) + 𝐻3 𝑂+ (𝑎𝑞)
The equilibrium constant is
[𝐶𝐻3 𝐶𝑂𝑂− ][𝐻3 𝑂+ ]
𝐾′𝐶 =
[𝐶𝐻3 𝐶𝑂𝑂𝐻][𝐻2 𝑂]
(We use the prime for Kc here to distinguish it from the final form of equilibrium constant to be derived
below.) In 1 L, or 1000 g, of water, there are 1000 g/(18.02 g/mol), or 55.5 moles, of water. Therefore,
the “concentration” of water, or [H2O], is 55.5 mol/L, or 55.5 M. This is a large quantity compared to
the concentrations of other species in solution (usually 1 M or smaller), and we can assume that it
does not change appreciably during the course of a reaction. Thus, we can treat [H2O] as a constant
and rewrite the equilibrium constant as
[𝐶𝐻3 𝐶𝑂𝑂 − ][𝐻3 𝑂+ ]
𝐾𝐶 =
[𝐶𝐻3 𝐶𝑂𝑂𝐻]
Where
𝐾𝐶 = 𝐾𝐶′ [𝐻2 𝑂]

16

𝐾𝑝 =
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Heterogeneous Equilibria
A heterogeneous equilibrium results from a reversible reaction involving reactants and products that
are in different phases. For example, when calcium carbonate is heated in a closed vessel, the
following equilibrium is attained:
𝐶𝑎𝐶𝑂3 (𝑠) ⇌ 𝐶𝑎𝑂 (𝑠) + 𝐶𝑂2 (𝑔)
The two solids and one gas constitute three separate phases. At equilibrium, we might write the
equilibrium constant as
[𝐶𝑎𝑂][𝐶𝑂2 ]
𝐾𝐶′ =
[𝐶𝑎𝐶𝑂3 ]
However, the “concentration” of a solid, like its density, is an intensive property and does not depend
on how much of the substance is present. For example, the “molar concentration” of copper (density:
8.96 g/cm3) at 20°C is the same, whether we have 1 gram or 1 ton of the metal:
8.96𝑔 1𝑚𝑜𝑙
[𝐶𝑢] =
×
= 0.141 𝑚𝑜𝑙/𝑐𝑚3 = 141𝑚𝑜𝑙/𝐿
1𝑐𝑚3 63.5𝑔
For this reason, the terms [CaCO3] and [CaO] are themselves constants and can be combined with the
equilibrium constant. We can simplify the Equation by writing
[𝐶𝑎𝐶𝑂3 ] ′
𝐾 = 𝐾𝐶 = [𝐶𝑂2 ]
[𝐶𝑎𝑂] 𝐶
where Kc, the “new” equilibrium constant, is conveniently expressed in terms of a single
concentration, that of CO2. Note that the value of Kc does not depend on how much CaCO3 and CaO
are present, as long as some of each is present at equilibrium
The equilibrium constant in term of pressure can be written as
𝐾𝑃 = 𝑃𝐶𝑂2
The equilibrium constant in this case is numerically equal to the pressure of CO2 gas, an easily
measurable quantity.
Multiple Equilibria
The reactions we have considered so far are all relatively simple. A more complicated situation is one
in which the product molecules in one equilibrium system are involved in a second equilibrium
process:
𝐴+𝐵 ⇌𝐶+𝐷
𝐶+𝐷 ⇌𝐸+𝐹
The products formed in the first reaction, C and D, react further to form products E and F. At
equilibrium we can write two separate equilibrium constants:
[𝐶][𝐷]
[𝐸][𝐹]
𝐾𝐶′ =
and
𝐾𝐶′′ =
[𝐴][𝐵]
[𝐶][𝐷]
The overall reaction is given by the sum of the two reactions
𝐴+𝐵 ⇌𝐸+𝐹
and the equilibrium constant Kc for the overall reaction is
[𝐸][𝐹]
𝐾𝐶 =
[𝐴][𝐵]
We obtain the same expression if we take the product of the expressions for 𝐾𝐶′ and 𝐾𝐶′′
[𝐶][𝐷] [𝐸][𝐹] [𝐸][𝐹]
𝐾𝐶′ 𝐾𝐶′′ =
×
=
[𝐴][𝐵] [𝐶][𝐷] [𝐴][𝐵]
Therefore
𝐾𝐶 = 𝐾𝐶′ 𝐾𝐶′′
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Values of equilibrium constants can all be used to predict the extent a reaction might occur.
𝐾𝐶 ≈ 0.1
𝐾𝑐 = 1
𝐾𝐶 ≈ 10
𝐾𝐶 < 10−10
𝐾𝐶 > 1010
Reaction ‘does Reactants
equal amounts of Products
Reaction goes to
not go’
predominate in products
and predominate in completion
an equilibrium
reactants
an equilibrium
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What Does the Equilibrium Constant Tell Us?
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Predicting the Direction of a Reaction
For reactions that have not reached equilibrium, we obtain the reaction quotient (Qc), instead of the
equilibrium constant by substituting the initial concentrations into the equilibrium constant
expression. To determine the direction in which the net reaction will proceed to achieve equilibrium,
we compare the values of Qc and Kc. The three possible cases are as follows:
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Before understanding what environmental factors affect the chemical equilibrium, we have to
understand Le Châtelier’s Principle, which states that if an external stress is applied to a system at
equilibrium, the system adjusts in such a way that the stress is partially offset as the system reaches a
new equilibrium position. The word “stress” here means a change in concentration, pressure, volume,
or temperature that removes the system from the equilibrium state. We will use Le Châtelier’s
principle to assess the effects of such changes.
Changes in Concentration
The general principle regarding the amount of substances are
• If a substance is added, the equilibrium tends to move in the direction that will use up the
added substances.
• If a substance is removed, the equilibrium moves in the direction that will replace the
substance removed.
So, if concentration of reactant in increased, the equilibrium moves toward the product. And if
concentration of reactant is decreased, the equilibrium moves toward reactant.
If concentration of product in increased, the equilibrium moves toward the reactant. And if
concentration of product is decreased, the equilibrium moves toward product.
Changes in Volume and Pressure
In general, an increase in pressure (decrease in volume) favors the net reaction that decreases the
total number of moles of gases (the reverse reaction, in this case), and a decrease in pressure (increase
in volume) favors the net reaction that increases the total number of moles of gases (here, the forward
reaction). For reactions in which there is no change in the number of moles of gases, a pressure (or
volume) change has no effect on the position of equilibrium.
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Factors That Affect Chemical Equilibrium

NEUB CHE 101 Lecture 5: Chemical Kinetics
Changes in Temperature
A change in concentration, pressure, or volume may alter the equilibrium position, that is, the relative
amounts of reactants and products, but it does not change the value of the equilibrium constant. Only
a change in temperature can alter the equilibrium constant. To see why, let us consider the reaction
N2 O4 (g) ⇄ 2NO2 (g)
The forward reaction is endothermic (absorbs heat, Δ𝐻 ° > 0):
ℎ𝑒𝑎𝑡 + N2 O4 (g) → 2NO2 (g)
Δ𝐻 ° = 58.0 𝑘𝐽/𝑚𝑜𝑙
°
so, the reverse reaction is exothermic (releases heat, Δ𝐻 < 0):
N2 O4 (g) → 2NO2 (g) + ℎ𝑒𝑎𝑡
Δ𝐻 ° = −58.0 𝑘𝐽/𝑚𝑜𝑙
At equilibrium at a certain temperature, the heat effect is zero because there is no net reaction. If we
treat heat as though it were a chemical reagent, then a rise in temperature “adds” heat to the system
and a drop in temperature “removes” heat from the system. As with a change in any other parameter
(concentration, pressure, or volume), the system shifts to reduce the effect of the change. Therefore,
a temperature increase favors the endothermic direction of the reaction (from left to right of the
equilibrium equation), which decreases [N2O4] and increases [NO2]. A temperature decrease favors
the exothermic direction of the reaction (from right to left of the equilibrium equation), which
decreases [NO2] and increases [N2O4]. Consequently, the equilibrium constant, given by
[𝑁𝑂2 ]2
𝐾𝐶 =
[𝑁2 𝑂4 ]
increases when the system is heated and decreases when the system is cooled
In summary, a temperature increase favors an endothermic reaction, and a temperature decrease
favors an exothermic reaction.

Chang Chapter 14 examples 14.1, 14.2, 14.3, 14.4, 14.5, 14.6, 14.7, 14.8, 14.9, 14.11, 14.12, 14.13.
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The Effect of a Catalyst
We know that a catalyst enhances the rate of a reaction by lowering the reaction’s activation energy.
However, a catalyst lowers the activation energy of the forward reaction and the reverse reaction to
the same extent. We can therefore conclude that the presence of a catalyst does not alter the
equilibrium constant, nor does it shift the position of an equilibrium system. Adding a catalyst to a
reaction mixture that is not at equilibrium will simply cause the mixture to reach equilibrium sooner.
The same equilibrium mixture could be obtained without the catalyst, but we might have to wait much
longer for it to happen.
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Figure 18 The effect of temperature change on the equilibrium reaction for three different reactionas
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1. Chang Chapter 13 exercise: 13.15, 13.16, 13.20, 13.37, 13.37, 13.51.
2. Chang Chapter 14 exercise: 14.8, 14.9, 14.15, 14.23, 14.25, 14.30, 14.31, 14.37, 14.47, 14.53,
14.57.
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The following Books are main textbooks that will be followed throughout the course
1. General Chemistry – The Essential Concepts, Raymond Chang and Jason Overby, 6th edition.
2. General Chemistry, Darrell D. Ebbing and Stephen D. Gammon, 9th edition.
If you find the above books difficult, your HSC chemistry books may be handy at times.
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