
© Adrian Dingle’s Chemistry Pages and ChemEducator LLC 2013 – All rights reserved. 

1/22/2019 2:34 PM  Page 1 of 23 

AP CHEMISTRY 



© Adrian Dingle’s Chemistry Pages and ChemEducator LLC 2013 – All rights reserved. 

1/22/2019 2:34 PM  Page 2 of 23 

UNIT 04: Chemical Kinetics 
TOPIC 4A: Factors Affecting Rates 
 

Many factors can influence the rate of a chemical reaction. Each factor must have a discernible 

effect on the microscopic collisions that lead to a chemical reaction. 

 

Concentration 
 
Increasing the reactants concentration by putting more reactants into the same space increases 

the collision frequency of the particles, leading to a faster rate of reaction. A similar effect is 

observed when increasing the pressure (reducing volume) in a gaseous reaction. 

 

Temperature 
 

A rise in temperature will result in an increased rate of reaction. As a rough guide, in many 

reactions a 10°C rise will result in an approximate doubling of the rate. Consider the Maxwell-
Boltzmann distribution plot of energies. The area underneath the curve represents the total 

number of molecules. 

 

 
At higher temperatures, the average energy of the molecules is greater and a greater number 

of molecules will have energies > Eact (i.e., the red area to the right of Eact underneath the High 

Temp curve, is larger than that of the blue area to the right of Eact underneath the Low Temp 

curve). A reaction will always be much faster at a higher temperature, because more particles 

possess the required, minimum energy (Eact) on collision. This makes a greater number of the 

collisions successful, i.e., collisions that result in a reaction. In addition, as the temperature 

increases so will the frequency of collisions. 
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Solid particle size 
 

When a solid reacts, only the particles on the surface of the solid are available for reaction. If the 

solid is broken up into smaller pieces its surface area gets larger and more particles are available 
for collision, therefore the reaction rate increases. 

 

Catalysts 
 

Catalysts also affect the rate of a reaction and are discussed in full in TOPIC 04D. 
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Task 4Ai 
 
The graph and table below, show how the volume of carbon dioxide collected varied 
against time, when both small and large calcium carbonate chips were added to an excess 
of 1.0 M hydrochloric acid, in two separate experiments. 
 

Time in s 0 15 30 45 60 75 90 105 120 135 150 165 180 

Volume of CO2 
(small chips) in 

mL 
0 35 53 63 70 74 77 78 79 80 80 80 80 

Volume of CO2 
(large chips) in 

mL 
0 15 27 37 47 54 61 67 72 75 78 80 80 

 

 
 
 1. What can be deduced about the total mass of the chips, relative to one another, 

 used in each of the two experiments? Explain. 
 2. How long did each experiment take to go to completion? How can you tell from 

 the data? 
 3. What are possible units of rate of reaction in these experiments? 
 4. Write a chemical reaction for this process. 
 5. Why is gas produced at different rates in the two different experiments? 
 6. Explain how the apparatus listed below could be used to generate the data in the 

table. 
   

 Erlenmeyer flask, delivery tube and rubber tubing, gas syringe, electronic balance,  
graduated cylinder 

 
 7. Explain how the experiment could be modified to investigate the role of 

temperature and/or concentration in rates of reaction. 
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TOPIC 4B: Collision Theory 
 

Chemical reactions can occur at significantly different speeds or rates. For example, rusting is a 

very slow reaction that may take place over many years, but a chemical reaction as part of an 

explosion may take place within just fractions of a second. The rate of a reaction can be 

determined by either monitoring the change (decrease) in concentration of reactants over time, or 

alternatively, monitoring the change (increase) in concentration of products over time. For 
example, Beer’s law can be used to determine the change in concentration of a colored solution 

over time. 

 

The basis for the study of the speed or rate of chemical reactions (also called chemical kinetics) 

is collision theory. Collision theory tells that a reaction will only take place (i.e., will only be 

successful) if three conditions are met; 

 

1. The reactants come into contact (they collide). 
2. The collision occurs with a certain minimum energy, known as the activation energy or Eact. 

3. The collision has the correct molecular orientation. This means that the reactants must collide 

in a certain physical, three-dimensional orientation for a reaction to take place, i.e., that a 

specific part of a reacting species must contact a specific part of another reacting species for 

a reaction to occur. 

 

If reactants do not collide, or collide with energies lower than the activation energy, or collide 
without the correct molecular orientation, then no reaction will occur. These collisions are 

described as unsuccessful, that is, they do not lead to a chemical reaction and the reactants 

remain unchanged. 

 

All chemical reactions take place via a series of elementary steps. An elementary step is a 

reaction that forms a new substance(s) in a single step, with only one transition state (activated 

complex). An energy profile can be used to show the progress of a reaction from reactants, 

through a transition state and then on to products. Reactants with energies closer to the transition 
state at the beginning will have lower activation energies, and therefore faster rates of reaction. 

LO 4.5 
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Elementary steps can fall into one of three categories, or three ‘molecuralities’, but all successful 

collisions are still subject to the criteria of sufficient energy and correct orientation. 

 
1. They can be unimolecular – a single species reacts to form products when a rearrangement 

occurs, activating a reactant molecule. These are called first order reactions. 

Rearrangements are caused by collisions between reactant species and solvent or 

‘background’ molecules, e.g.,  

 O3 → O2 + O 

 

2. They can be bimolecular – two species collide and react to form products. These are called 
 second order reactions, e.g.,  

 NO + O3 → NO2 + O2 

 

3. They can be trimolecular (or termolecular) - three species collide and react to form products. 

 These are called third order reactions, e.g., 

 2NO + O2 → 2NO2 

 

The fewer the molecules involved in the elementary reaction, the more likely it is that one of the 
collisions will be in the correct orientation, meaning that with increasing molecularity, the chances 

of correctly orientated collisions goes down. In fact, trimolecular reactions are relatively rare, 

since they involve the need for all three species to be simultaneously in the same area of space, 

and colliding with the correct energy and orientation – in terms of probability, this is relatively 

unlikely. 
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In all situations, if the concentration of the reactants is increased, there will a greater frequency of 

collisions, and greater the chances of successful (correct energy, correct orientation) collisions. 

 

If we string together a series of elementary steps we get a more complicated reaction, but the 
more complex reaction is actually only a series of simple, elementary ones. For example, in this 

complex reaction, there is an intermediate and more than one transition state (activated 

complex). 
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TOPIC 4C: Rate Laws & Reaction Mechanisms 
 

The sequence of elementary steps that make up a complex, chemical reaction is known as the 

mechanism. Each step will either be a relatively fast one, or a relatively slow one, but the overall 

rate of the complex, chemical reaction is only dependent upon the slowest elementary step. For 

this reason, the slowest step is known as the rate determining step or RDS.  

 
In order to study reaction rates we need to convert qualitative elementary steps into quantitative 

entities. This is achieved by the use of a rate equation or rate law. All rate equations take the 

general form, 

Rate = k [A]x [B]y [C]z 

 

where k is the rate constant and x, y and z are the orders with respect to the concentrations of 

reactants A, B and C. The order with respect to a given reactant is the power to which the 

concentration of that reactant is raised to in the rate equation. The overall order of the complex, 
chemical reaction is the sum of the individual orders. 

 

Since only the reactants that appear in the rate-determining step are ones that affect the rate, it is 

only these reactants that ever appear in the rate equation, and vice-versa. 

 

Note: 

 
1. It is not possible to deduce anything about the order of a reaction from the stoichiometry of 

the balanced equation that describes the complete, complex, chemical reaction. As such, 

orders must be determined experimentally or from experimental data. 

 

 However, it is possible to deduce orders from stoichiometry of the balanced equation that 

describes the slowest elementary step in the mechanism and the stoichiometric number of a 

substance that appears in the slow step is the power that the concentration of that substance 

is raised to in the rate equation.  
 

 Sometimes the stoichiometric numbers will be the same in the slow, elementary step and the 

overall equation, but this is a coincidence. 

 

2. Units and magnitude of the rate constant are very important. They vary a great deal (since 

reaction order vary widely), and have often been the subject of AP questions. 
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3. A reactant that has no effect on the rate is said to have an order equal to zero. It has no 

effect on the rate and since any number raised to the power of zero is equal to 1, it can be 

omitted from the rate equation. 

 
4. Orders can be fractional, e.g., ½. 

 

5. In all valid mechanisms the sum of the individual elementary steps must add up to the overall, 

complex, chemical reaction. 

 

6. Intermediates are formed in one elementary step during the overall reaction, but are then 

used up in a subsequent elementary step. When an intermediate is found in a rate-

determining step and therefore in a rate equation, it is usually replaced. The experimental 
detection of an intermediate can be one way to help choose one proposed mechanism over 

another. 

 

7. If a substance is present at the beginning of a reaction and present in the same form at the 

end of the reaction, it can be identified as a catalyst. For example, the mechanism for the 

catalyzed decomposition of hydrogen peroxide to yield water and oxygen is shown below. 

The overall reaction is also shown (which is generated by merging the two elementary steps). 

This allows the cancellation of I-, since it is present both at the beginning and the end of the 
reaction, and is therefore considered a catalyst. (Note, IO- also cancels out, but not because 

it is a catalyst, rather it is an intermediate). 

 

 Step 1: H2O2 + I- → H2O + IO- 

 Step 2: IO- + H2O2 → H2O + I- + O2 

 _______________________________ 

 Overall: 2H2O2 → 2H2O + O2 
 

 Catalysts can appear in rate equations since their concentrations are often more easily 

determined than intermediates. 

 
Task 4Ci 
 
Identify the catalyst and the intermediate in the mechanism below. 
 
Step 1: SO2 + V2O5 → SO3 + V2O4 
Step 2: V2O4 + ½O2 → V2O5 

LO 4.8 
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Example #1 
 

The chemical reaction, W + Y → Z, has the following sequence of elementary steps (mechanism) 

 
Step 1: W → R   slow, rate-determining 

Step 2: R + Y → Q  fast 

Step 3: Q → Z   fast 

 

Here, the rate only depends on the concentration of W (since it is the only reactant in the RDS), 

and therefore the rate equation only contains W and is, 

 

Rate = k [W] 
 

The order with respect to (w.r.t) [W] is 1 (the absence of a power implies ‘1’), since the 

stoichiometric coefficient of W in the rate-determining step is 1. 

 

Example #2 

 

The chemical reaction, A + B → C + D, has the following sequence of elementary steps 

(mechanism)  
 

Step 1: A ⇌ Q   fast equilibrium 

Step 2: Q + B → C + D  slow, rate-determining 
 

Here, the slow step contains Q and B and would lead to a rate equation thus; 

 

Rate = k [Q] [B] 

 

However, Q is an intermediate and intermediates can be difficult to isolate and it may not be 

possible to determine Q’s concentration. As a result, it is preferable to substitute for it in the rate 
equation, with something that we can determine the concentration of. Since the formation of Q is 

dependent on A, A can replace Q in the rate equation and the equation becomes*, 

 

Rate = k [A] [B] 

 

The orders w.r.t A and B are both 1 since the stoichiometric coefficient of B in the rate 

determining step is 1, and the stoichiometric coefficient of A (which Q depends upon) is also 1. 
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*If you would like to know why it is possible to replace Q with A in this manner, then you have to  

know something about equilibrium constants. Equilibrium forms an important part of the AP 

course, but is encapsulated in UNIT 06, and as such you may not have studied it yet. The full 

explanation comes later, but for now, here is a brief aside. 

 

Reactions that form equilibrium mixtures are assigned equilibrium constants (Keq) that take the 

format, Keq = , i.e., in this case in step 1, Keq = . Rearranging the equilibrium 

expression gives, [Q] = Keq [A]. Substituting for [Q] in the originally determined rate equation we 

get, Rate = k Keq [A] [B], combining the constants we get, Rate = k¢ [A] [B], where k¢ is the new 

constant. 

[ ]
[ ]
Products
Reactants

[ ]
[ ]
Q
A
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Example #3 

 

A very common reaction for investigating rates is the reaction between bromate (V) ions and 

bromide ions, in acid solution. 
 

BrO3-(aq) + 5Br-(aq) + 6H+(aq) → 3Br2(aq) + 3H2O(l) 

 

The results of four separate experiments are given in the table below and by inspecting the initial 
rate data it is possible to determine the rate equation, and since the rate equation and 

mechanism are inexorably linked, to deduce information about the mechanism. 

 

 Initial concentrations Initial Rate in  
M per unit time Mixture [BrO3-] in M [Br-] in M [H+] in M 

A 0.0050 0.025 0.030 10 

B 0.010 0.025 0.030 20 

C 0.010 0.050 0.030 40 

D 0.010 0.050 0.060 160 

 
By inspection 

 

Comparing the results from mixtures A & B; 

Doubling [BrO3-] doubles the rate. (Note the other concentrations are kept constant to ensure a 

fair test). Therefore the rate α [BrO3-] and the rate is said to be first order w.r.t [BrO3-]. 

 

Comparing the results from mixtures B & C; 

Doubling the [Br-] doubles the rate. (Note the other concentrations are kept constant to ensure a 

fair test). Therefore the rate α [Br-] and the rate is said to be first order w.r.t [Br-]. 

 
By comparing the results from mixtures C & D; 

Doubling the [H+] quadruples the rate. (Note the other concentrations are kept constant to ensure 

a fair test). Therefore the rate α [H+]2 and the rate is said to be second order w.r.t [H+]. 

 

Combining these results gives, Rate µ [BrO3-] [Br-] [H+]2 and introducing the rate constant (k), the 

rate equation becomes, Rate = k [BrO3-] [Br-] [H+]2 
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Task 4Cii 
 
1. For a reaction between X and Y in the equation below, data has been collected in the 

table.  
3X + 2Y → Y2X3 

 
 Deduce the orders of reaction with respect to each reactant, the overall order, the rate 

equation, a value for the rate constant and the units of the rate constant. 
 

Experiment Starting [X] (M) Starting [Y] (M) Initial Rate (Mmin-1) 

1 0.00500 0.0250 1.00 

2 0.0100 0.0250 4.00 

3 0.00500 0.0125 1.00 

 
2. For a reaction between A and B in the equation below, data is collected in the table. 

Deduce the orders of reaction with respect to each reactant, the overall order, the rate 
equation, a value for the rate constant and the units of the rate constant. 

 
2A + 2B → 2AB 

 

Experiment Starting [A] (M) Starting [B] (M) Initial Rate (Ms-1) 

1 0.00500 0.0250 1.00 

2 0.01000 0.0250 2.00 

3 0.00500 0.0125 0.500 

 
Mathematically 

 

Rather than doing an inspection followed by a verbal interpretation of initial rate data, it is also 
possible to treat the data mathematically in order to find the orders with respect to each reactant 

by finding the ratio of the rate equations. For example, in question #1 in the Task above; 

 

By comparing experiments 2 and 1, we find; 

 
Where a and b are the orders with respect to 

[X] and [Y] respectively, and k is the rate 

constant. 

 

This allows the simplification of the expression to read; 

a bRate  = 4.00 = k [0.0100]  [0.0250]Expt. 2
a bRate  = 1.00 = k [0.00500]  [0.0250]Expt. 1
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Therefore a = 2, i.e. the order with 

respect to [X] is 2. 

 

Repeat the process to investigate the order with respect to [Y] by comparing experiments 1 and 3; 

 

 

Where a, and b, are the orders with respect 

to [X] and [Y] respectively, and k is the rate 

constant. 

 

This allows the simplification of the expression to read; 

 
Therefore b = 0, i.e. the order with 

respect to [Y] is 0. 

 

Task 4Ciii 
 
1. Using a mathematical treatment of the data in question #2 of the Task above, 

determine the orders of reaction with respect to [A] and [B]. 
 
2. Using the rate equation determined in question #1, determine which of the following, 

proposed mechanisms is valid. 
 
 Proposed mechanism #1 
 
 Step 1: A → X   slow (rate determining) 
 Step 2: X + A + 2B → 2AB fast 
 
 Proposed mechanism #2 
 

 Step 1: A ⇌ X  fast equilibrium 
 Step 2: X + B → Y  slow (rate determining) 
 Step 3: Y + A + B → 2AB fast 
 
3. Comment on the role of ‘X’ in both of the proposed mechanisms in #2, above. 

Rate  = 4.00 = kExpt. 2
a b [0.0100]  [0.0250]

Rate  = 1.00 = kExpt. 1
a b [0.00500]  [0.0250]

a = 4 = 2

a bRate  = 1.00 = k [0.00500]  [0.0250]Expt. 1
a bRate  = 1.00 = k [0.00500]  [0.0125]Expt. 3

Rate  = 1.00 = kExpt. 1
a [0.00500] b [0.0250]

Rate  = 1.00 = kExpt. 3
a [0.00500]

b

b
 = 1 = 2

 [0.0125]

LO 4.7 
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Graphs and kinetic data 
 

Plotting the concentration of a reactant ([Reactant]) against time. 
 
One way of defining the rate is to use the expression below and therefore the gradient (slope) of 

such a graph will equal the rate. 

 

 

 
ZERO ORDER. A straight-line shows zero order w.r.t that reactant. The slope of the graph is constant, 

i.e. 

the rate is constant so changing the concentration of the reactant has no effect on the rate. 

 
  

time
reactant of ionconcentrat in decreaseRate =
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FIRST ORDER. A constant half-life graph shows first order w.r.t that reactant. The graph shows constant 

a 
constant half-life. The half-life is independent of the stating concentration and a classic example of such a 

relationship is the nuclear decay of radioactive isotopes. 

 
SECOND ORDER. A graph that looks very similar to the first order graph, BUT on closer inspection one 
finds that the half-life is NOT constant. 
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Plotting initial rates against concentrations of the reactants 

 
Summary of graphical interpretations and orders of reaction 

 
Order Zero First Second 

Rate Law Rate = k Rate = k [A] Rate = k [A]2 

Integrated rate law 
To give straight line 

graph 
y = mx + b 

[A]t = -k t + [A]0 ln [A]t = -k t + ln [A]0  

NOT given on 
Equations & Constants 

Given on Equations & 
Constants as; 

ln [A]t - ln [A]0 = -k t 

Given on 
Equations & Constants as; 

 

Plot to give straight 
line and slope 

(gradient) 

[A]t versus t, 

slope = -k 

ln [A]t versus t, 

slope = -k 

 versus t, 

slope = k 

Half-life, t½  

NOT given on 
Equations & Constants  

=  

Given on 
Equations & Constants  

=  

NOT given on 
Equations & Constants  

=  

Where k is the rate constant, [A]0 is the concentration of the reactant at time 0, and [A]t is the 

concentration of the reactant at time t. 

 

[ ] [ ]0
1 1= k t + 
A A

t

[ ] [ ]0
1 1- = k t 
A A

t

[ ]
1
A

t

0[A]
2k

0.693
k 0

1
k[A]
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Task 4Civ 
 
Data concerning the change in concentration of a single reactant A, in a particular 
chemical reaction, are collected and tabulated below. 
 

Time in mins [A] in mol L-1 
0.000 1.00 
2.00 0.82 
4.00 0.67 
7.00 0.49 
10.0 0.37 
14.0 0.24 
20.0 0.14 
25.0 0.08 

 

 

  
 

1. What is the order of this reaction with respect to A? Justify your answer. 
2. Use your graph to calculate the half-life for this reaction. 
3. Calculate the rate constant for the reaction. 

LO 4.2 

LO 4.3 
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The Arrhenius equation 
 

The Arrhenius equation relates rates constants, activation energy and temperature together, and 

can take multiple formats. Three common ones are shown below (but none of which appear on 
the Equations & Constants given with the exam). 

 

 
 

 

This format shows that k increases 

with increasing temperature, but 

decreases with increasing 

activation energy. 

Taking natural logs of the first 

equation and rearranging leads to this 

format. 

It is useful since it takes on the form 

of y = mx + b, and a plot of ln k on the 

y axis against 1/T on the x, will give a 

slope (gradient) = – Ea/R. 

This final form relates the rate 

constants of a single reaction at two 

separate temperatures and as in the 

first format, we find that as 

temperature increases, so does the 

rate constant. 

In each of the equations above, Ea is the activation energy, R is the gas constant in J mol-1 K-1, e is the base of the 

natural log, T is the temperature in Kelvin and A is the collision frequency factor. Collision frequency is considered 

constant for a particular reaction over a large temperature range, but A is affected by the molecularity of the reaction. 

As seen earlier, higher molecularity reactions are less likely to produce effective collisions so A is smaller for them. 

 

There is one more form of the Arrhenius equation that is used to quantitatively describe how 

orientation factor might affect a rate constant. 

 

 

 

p is the orientation factor and is equal to 1 for the simplest required orientations, through to 
numbers that are many hundreds of thousands of times smaller for more complicated reactions 

that require more intricate and precise orientations in order for collisions to be successful. In 

short, the bigger the p value, the easier the required orientation, the larger the rate constant and 

the faster the reaction (and vice-versa). 

 

Very simple reactions such as H + Cl → HCl requires no particular orientation, the atoms just 

need to collide with sufficient energy 
 

On the other hand, a reaction like CO + NO2 → CO2 + NO would likely require a more precise 

orientation, where the individual C, O and N atoms within each molecule, would need to align in a 

(-Ea/RT)k = Ae ln k = -Ea
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specific way, in order for a collision to be successful. Therefore, a reaction like this would likely 

have a much lower value for p.
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 TOPIC 4D: Catalysts 

 
Catalysts are substances that increase the rate of a reaction whilst remaining chemically 

unchanged. They usually work by providing an alternative reaction route (dotted line above) 

and stabilizing the transition state, thus requiring a lower Eact. As a result, a greater number of 

particles will possess the lower Eact, and a greater number of collisions will result in reaction 

(i.e., will be successful). Note that DH for the same uncatalyzed or catalyzed reaction is the 

same. 

 
Addition of a catalyst provides an alternative pathway with a lower Eact. This means that more 

particles will possess this lower, minimum energy and As a result, a greater number of particles 
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will possess the lower Eact, and a greater number of collisions will result in reaction (i.e., will be 

‘successful’). 

 

Types of catalysts 
 

1. Acid Base – A reactant will either lose or gain H+, forming a new intermediate, and as a result 
the reaction rate is changed. 

 

Task 4Di 
 
In organic chemistry, a specific class of compound called a ketone can be converted to 
another class of compound called an enol with a simple rearrangement. One such 
conversion is shown below. 
 

 
It is found that the rate of this conversion can be changed by the introduction of another 
substance. The chemical equations showing two examples of the introduction of such 
substances are given below. 
 

 
 

 
 
(a) It is found that H3O+ and OH- both increase the rate of the keto-enol conversion. 

Identify the role of H3O+ and OH- in the reactions above and explain your answer. 
 
(b)  What feature of the equations shown above, support your answer to (a)? 
 

C
CH3 CH3

O

CH3
C
CH2

OH

Ketone Enol

C
CH3 CH3

O

CH3
C
CH2

OH

Ketone Enol

+ H3O
+

C
CH3 CH3

O H
+

+ H2O H3O
++

C
CH3 CH3

O

CH3
C
CH2

OH

Ketone Enol

+ OH
-

C
CH3 CH2

O
-

+ H2O OH
-+

LO 4.9 
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2. Surface – A surface catalyst is often a metal, working in a gaseous reactant environment. The 

gas molecules can be adsorbed on to the surface of the metal where a number of things 

(depending on the specific reaction) can occur. If for example, we consider the Haber process 

that manufactures ammonia form H2 and N2, then the reactant molecules are adsorbed on to the 
surface of a metal catalyst and the covalent bonds within the N2 and H2 molecules are weakened. 

This produces highly reactive, singular, H and N atom intermediates, which then react quickly to 

form NH3. 

 

Another effect of adsorbing the gases onto a metal surface is that effectively their concentration is 

increased. Putting more gas molecules into a smaller area (only on the surface of the metal rather 

than spread throughout the whole container), concentrates them, and a higher concentration 

means more collisions and a faster reaction. 
 

3. Enzyme – Enzymes are complex protein molecules that act as biological catalysts. They have 

many active sites on them, which interact with substrate (reactant) molecules, and lower the 

activation energy for the biological process. Originally thought of as a ‘lock & key’ model, where 

only specific substrates and enzymes would fit together and work, the induced fit mechanism 

suggests that both enzymes and substrates are more flexible in their structures to allow a single 

enzyme to interact with more than one substrate. 

 

 
 

Other enzymes will react with the substrate to form a completely new intermediate with a lower 
energy for the transition state. 
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