Rates of Reaction

Factors Affecting Reaction Rates

Measuring Rate of Reaction

As a chemical reaction occurs, the concentrations of the reactants and products change with time. 
In a reaction rate experiment, in order to measure concentration, one must measure a physical property such as volume for a gas, pH for acidity, conductivity of a solution, or depth of colour using a spectrometer.

Calculating Rates of Reaction

Example 

SO2Cl2(g)
(
SO2(g)

+
Cl2(g)
1.
Using the graph calculate the average rate of reaction.

a)
Over 800s

b)
Over first 100s

c)
Over second 100s

This shows that the rate is not constant.

The initial rate of reaction is the fastest and it slows as the concentration of reactants (i.e. the amount of reactants) decreases.

2.
Calculate the instantaneous rate of reaction at t=300s.


(use the tangent to the slope at this value)

If the rate at which SO2Cl2 disappears = 1.0 x 10-4 mol/L s

Then the rate at which Cl2 is produced = ______________

For the reaction:

H2
+
I2
(
2HI

Rate at which H2 disappears = 4.0 x 10-1 mol/L s

Rate at which HI is produced = __________________

Homework:
Pg. 361
#1,2

Pg. 364
#3,4

Collision Theory

In order for a chemical reaction to occur, the reacting molecules must collide with each other. 
This theory helps explain why some of the factors affecting reactions increase rates. 
Concentration

If concentration increases,

The more concentrated the reactants, the closer together they are, and the more frequently they collide. This also explains why reaction rates decrease with time. 
Collision Theory Modification

Simple collision theory would seem to imply that every collision results in a reaction. This is not the case, and actually only a very small fraction of collisions result in chemical change. This is due to two principal factors: orientation and energy of the colliding molecules.

Molecule Orientation

The atoms of the reactants must be orientated properly in order for a reaction to occur.
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In the first three images, the two atoms that collide cannot react together. The orientation is not correct and they simply bounce off of each other.

In the second set of images the atoms that can react together collide together and a reaction occurs.

Activation Energy

The major reason why so few collision actually lead to chemical change is that the reacting molecules must possess between them a certain amount of kinetic energy (Ke) called the Activation Energy (Ea). The activation energy is 
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Ke Distribution Diagram




Most of the molecules have intermediate values of Ke. Remember that the definition of temperature is ‘the average kinetic energy of the particles in a sample of matter’. A few of the molecules will therefore have relatively higher Ke values and some of them will have relatively lower Ke values.

A certain portion of the molecules will have kinetic energy that is greater than the Ea, and these are the molecules that can react (if they collide in the correct orientation).

Temperature and Reaction Rate

If the temperature increase, 
At higher temperatures, the average kinetic energy of the reactant molecules increases. At higher molecular speeds, there are more collisions per second and thus a greater chance of a reaction.

If the average molecular kinetic energy increases, 

Ke Distribution Diagram at Two Temperatures
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Transition State Theory

The transition state theory describes the molecular configurations and energies as a collision of reactants occurs. This is often illustrated using Potential Energy (Pe) Diagrams which describe the reaction pathway. The pathway shows the reaction passing through an energy maximum known as the transition state. The activation energy is the minimum energy required to reach the transition state. At this highest energy point, a temporary intermediate product is formed and is called the activated complex.

Pe Diagram of an Exothermic Reaction
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Pe Diagram of an Endothermic Reaction
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Activated Complex at the Transition State
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The Role of the Catalyst

A catalyst is a substance that increases the rate of a chemical reaction without being consumed itself. Catalysts accelerate chemical reactions by providing an alternate pathway with a lower activation energy. Thus, at the same temperature, more molecules will have sufficient energy to overcome the new, lower activation barrier and the rate increases.

Homogeneous catalysts are in the same phase (usually gas or liquid) as the substrates


e.g. 
2SO2(g)  + O2(g)



2SO3(g)
Heterogeneous catalysts are in a different phase as the substrates, and usually promote reactions on their solid surfaces.


e.g.
3H2(g)  +  N2(g)  



2NH3(g)
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Pe Diagram of a Catalyzed Reaction
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Ke Distribution Diagram with and without Catalyst
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The Actions of a Catalyst
Rate Laws

In a homogeneous reaction, the relationship between the concentration of the reactants and the rate of the reaction is given by an equation. In general, the rate is proportional to the product of the concentration of the reactants, each raised to a power.

For:
A  +  B  (
products

Rate = k[A]m[B]n
Where: 

Note: the total order of the reaction is =


Zero order reaction [A]0 = 1

First order reaction [A]1 (or simply [A])

Second order reaction [A]2
Problem 1

Use the following data to derive the rate law of the reaction:
A(g)  +  B(g) (  AB

	Trial
	[A(g)]
	[B(g)]
	Initial Rate of Reaction (mol/L • s)

	1
	0.2
	0.1
	6 x 10-3

	2
	0.4
	0.1
	1.2 x 10-2

	3
	0.4
	0.2
	1.2 x 10-2

	4
	0.1
	0.1
	3 x 10-3


Solution:

As [A] doubles, the rate

As [A] quadruples, the rate

Therefore the reaction is

As [B] doubles, the rate

Therefore the reaction is 

Therefore:
Rate Law 
= 





= 

Problem 2

Use the following data to determine:

a. the rate law

b. the rate constant

c. the overall reaction order

2NO(g)  +  2H2(g)  (  N2(g)  +  2H2O(g)
	Trial
	[NO(g)]

(mol/L)
	[H2(g)]

(mol/L)
	Initial Rate

(mol/L•s)

	1
	0.001
	0.004
	0.002

	2
	0.002
	0.004
	0.008

	3
	0.003
	0.004
	0.018

	4
	0.004
	0.001
	0.008

	5
	0.004
	0.002
	0.016

	6
	0.004
	0.003
	0.024


Solution:

As the [NO(g)] is doubled the rate 
As the [H2(g)] is doubled, the rate

As the [H2(g)] is tripled, the rate

a)


b)
for the rate constant


k
 =
 
c)
the overall reaction order is 

Homework:  Pg 377 1( 6

Reaction Mechanisms

For most reactions that have slow rates, it has been found that the overall reaction occurs not in one step, but in several “elementary steps”.

Example:

2A + 2B + C ( D + F

The first consideration is that it is very unlikely that 2 molecules of substance A and 2 molecules of substance B and one molecule of substance C could all interact at the exact same time, with the correct orientation to each other, and with enough kinetic energy to form an activation complex.

It is more likely that the reaction would proceed with elementary steps, such as:

1. A + B 

(
C

Fast reaction

2. 2C + B 
( 
D + E

Slow reaction

3. A + E 

( 
F

Fast reaction

2A + 2B + C 
(
D + F

These three steps together are known as the reaction mechanism.

The temporary product E, is called a reaction intermediate. It is created in an elementary step and then used up in another elementary step, such that it is not part of the net equation.

Since reaction 2 is much slower than reactions 1 and 3, the net rate of reaction for the overall reaction is determined by the rate of the slowest step.

Thus reaction 2 is called the Rate Determining Step (RDS).

Reactions 1 and 3 involve bimolecular collisions (2 molecules colliding). Reaction 2 involves a trimolecular collision which is much less probable and is therefore the slowest step.

Determining the Reaction Mechanism

The rate law for the reaction must first be determined. Experiments have shown that there is a direct correlation between the exponents in the rate law and the coefficients of reactants in the Rate Determining Step.

Example:

for the rate law:




Rate = k[HBr]1[O2]1
Then the rate determining step is:

Reaction mechanisms for the most part are only ‘best guesses’. To determine a possible reaction mechanism the following three rules must be followed:

Do question #2 on pg 390 and #1,2,3 on pg 391

Factors affecting Reaction Rates and Chemical Kinetics

There are many factors that can affect the rate of a reaction. All of these factors can be theoretically explained using chemical kinetics.

Chemical Nature of Reactant

Mg reacts very quickly with HCl to form H2(g). On the other hand, Ni reacts very slowly with HCl to form H2(g). Both Mg and Ni are metals.  Why is there a difference?

The strength of the bonds between the Mg atoms is much weaker than those between the Ni atoms. The ‘electron sea’ is not as extensive in Mg as it is in Ni (Mg has only 2 electrons available, whereas Ni has 8 electrons available) and Mg has only 12 protons to attract these electrons whereas Ni has 28 protons.

Therefore the amount of energy required to remove a single Mg atom from the Mg metal is less than it is to remove a Ni atom. This means that the activation energy for Mg is less, and proportionally more HCl molecules will have the required amount of kinetic energy to cause a reaction.

Another consideration is the size of the reacting molecules. If it is a large molecule, several bonds may need to be broken for it to completely react (i.e. gasoline C8H18).

The size may also be an important factor since this could also affect the orientation of the collision required to cause a reaction to occur.

Concentration

In general, as the concentration of a substance increases, the rate of the reaction also increases. This is because the number of particles per unit volume have increased, and therefore the likelihood of a favourable collision and a reaction is also increased.

Surface Area

This only applies to heterogeneous reactions (a solid and a gas, or a solid and a liquid). Reactions can only occur where the reactants can make contact with each other. With a solid this can only occur at the surface. If the available surface area of the solid is very small, the reaction cannot proceed very rapidly. If the surface area is increased (i.e. by shredding, grinding, crushing the solid) the amount of solid available for favourable collisions is also increased and the reaction rate will increase.

Temperature

Temperature is a measure of the average kinetic energy of the particles in a sample. By increasing the temperature the number of particles that will have the necessary kinetic energy to meet or exceed the activation energy will also increase, thereby increasing the rate of the reaction.

Maxwell-Boltzmann Distribution at Two Temperatures
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Catalysts

Catalysts accelerate a reaction by providing an alternative lower energy pathway from reactants to products (i.e. a different reaction mechanism with a lower activation energy). If the activation energy is lower, then at any given temperature the number of particles that have the necessary energy to produce a collision that will result in a reaction will be greater. By definition a catalyst is a substance that speeds up a reaction without being consumed.

Heterogeneous catalysts are usually solids that assist the reaction of gases or liquids.

Homogeneous catalysts are substances in the same state as the reactants (gases, liquids, ions in solution).
Portion of molecules with enough Ea to have a reaction
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At T2 there are now a greater number of molecules that have the minimum energy required to react.





NO(g)





Fe(s)





Kinetic Energy





T2 > T1





# of molecules with enough energy to create a successful collision


at T1		at T2





minimum (threshold) activation energy Ea
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