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TOPIC: RATE LAW OF A REACTION
Rate Law of a Reaction
Rate law – is a mathematical expression that shows how the rate of reaction depends on the concentration of the
reactants.
-

An expression which relates that rate of a reaction to the rate constant and the concentrations of the
reactants.
k – rate constant is a proportionally constant for a given reaction.

Consider a simple hypothetical reaction involving only one reactant
A → products
The rate law for this reaction is expressed as
rate = k[A]x
the power x is the order of the reaction with respect to reactant.
•
•
•

The rate of reaction is expressed in molar per second (M/s).
The unit of the rate constant varies depending on the rate law expression.
The order of the reaction dictates how the rate respond to variations in the concentration of the reactant.

ORDER OF A REACTION
❖ Zero-order reaction (x=0)
- Has a constant rate that is equal to its rate constant regardless of changes in the concentration of the reactant.
Rate = k[A]0 =k
❖ First-order reaction (x=1)
- The rate doubles when the concentration of a reactant is doubled.
- A quadruple increase in reactant concentration means that an increase of four times the original rate. The rate
increases in the same order as the concentration of the reactant.
rate = k[A]1 = k[A]
❖ Second-order reaction (x=2)
- Increasing the reactant concentration to twice as much quadruples the original reaction rate.
- A triple increase in concentration means that a ninefold increase in reaction rate.
rate = k[A]2

Rate Laws for Different Reaction Orders Based on the Reaction A→products
Reaction Order

Rate law

Units of k

Zero

Rate = k [A]° =k

M.s-1

First

Rate = k[A]1 = K[A]

S-1

Second

Rate = k [A]2

M-1.s-1

Third

Rate = k[A][B]2

m-2.s-1

DETERMINING THE ORDER OF A REACTION: METHOD OF INITIAL RATES
-

The rate law for a reaction can be experimentally determine through the method of initial rates.
The technique determines how the rate is affected by concentration by comparing the initial rates of a reaction at
different initial concentrations of reactants.

Consider the hypothetical reaction,
A+B→C
Obtained from three separate experiments, the following data table shows the initial concentration of reactants A and B
and their reaction rates.
Initial [A]
[M]
0.012
0.024
0.012

Experiment
I
II
III

Initial [B]
[M]
0.0034
0.0034
0.0068

Initial rate of Reaction
(M/s)
1.4x10-3
2.8x10-3
5.6 x10-3

To determine the order of the reaction (x) with respect to reactant A,
• one must choose two experiments wherein the concentration of reactant B are the same.
• This underscores the principle that the initial rate of the reaction will not be affected by reactant B and will change
only with respect to reactant A.
In the given example, experiment I and II are the suitable choices.
The initial rate increased two times as the concentration of A was doubled. This type of relationship indicates a
first-order reaction with respect to reactant A.
The order can be determined using two rates laws:
𝑅𝑎𝑡𝑒2
𝑅𝑎𝑡𝑒1

=

k [A]X2 [B]y2
k [A]X1 [B]y1

Since reactant B should have the same concentration, the equation summarizes into
𝑅𝑎𝑡𝑒2
𝑅𝑎𝑡𝑒1

x

[A]2

=

[A]1

Applying the equation for reactant A in experiments I and II
x
𝑅𝑎𝑡𝑒𝐼𝐼
𝑅𝑎𝑡𝑒𝐼

2.8 x 10-3 M/s
1.4 x 10-3 M/s

[A]II

=

[A]I

=

x

0.024 M
0.012 M

2 = 2x
X=1

(first order reaction with respect to A)

The same method is applied to determine the order with respect to reactant B.
•

In experiments I and III, the initial concentrations of reactant A are the same and thus will not contribute to the
change in the initial reaction rate.
From the data, the initial rate increased four times as the concentration of reactant B was doubled.
Setting up the ratio of the two rate equations and solving for x,
x
𝑅𝑎𝑡𝑒𝐼𝐼𝐼
𝑅𝑎𝑡𝑒𝐼

5.6x 10-3 M/s
1.4 x 10-3 M/s

[B]II

=

[B]I

=

0.0068 M
0.0034 M

4 = 2x
X= 2

(second – order reaction with respect to B)

The rate law for a hypothetical reaction
A+B→C
Is therefore written as
rate= k[A][B]2
Note that the reaction in third-order overall. The rate constant (k) can be calculated from the rate law of any of the
experiment runs.
Using experiment I, k is calculated as
rate1 = k[A]I[B]I2
k=

Rate1

1.4 x 10-3 M/s
(0.012 M)(0.0034 M)2

=

[A]I[B]I2

= 1.0 x 104/M2.s

Integrated Rate law
- This relates these two variables, the time it takes for an amount of chemical to be consumed or the
remaining amount of reactant that would be left after a certain period of reaction time.
- derived from the rate law expression for the reactions.
Zero-Order Reactions (x = 0)
- the rate is independent of the concentration of the reactant.
- a chemical reaction wherein the rate does not vary with the increase or decrease in the concentration of
the reactants.
- It remains constant throughout the course of the reaction and is equal to the rate constant.
The graph of concentration versus time gives a linear relationship
where [A]0 is the initial concentration of the reactant and [A] is
the concentration at any time t.
Rate = k[A]0 = k
[A] = -kt + [A]0
The half-life(t½) of a reaction is the time it takes for an initial
amount of a reactant to be reduced to half. For a zero-order
reaction, it is given by
[𝐴]0

t1/2 = 2𝑘
The half-life depends on the initial concentration and the rate constant of a zero-order reaction.
Sample Problem:
The decomposition of ammonia on a tungsten (W) surface iss zero-order and has a rate constant of 0.75 M/s
at 25°C.
w

2NH3(g)
N2(g) + 3H2(g)
a. How long (in seconds) will it take for the concentration of NH3 to decrease from 0.12M to 0.040m?
b. What is the half-life of the reaction if the initial concentration of NH3 is 0.065 M?
Solution:
a. Manipulating the integrated law of zero order reactions and substituting values.
[A] = -kt + [A]0
t=
=

[𝐴]0−[𝐴]

𝑘
0.12𝑀−0.040𝑀
0.75𝑀/𝑠

= 0.11s
b. Using the equation to find the half-life of the reaction ([NH3] = 0.0325,

t=

0.065𝑀−0.0325𝑀
𝑀
𝑠

0.75

= 0.04s
First-Order Reactions
The integrated rate law for first-order reaction gives a linear equation
A → products
In [A] = - kt + In[A]0
The natural logarithm (In) of the concentration
plotted against time gives a linear graph with a
slope equal to the negative of the rate constant.

The equation for the half-life of first-order reaction can be derived from its integrated rate law equation and
takes the form
t1/2 =

0.693
𝑘

The equation shows that the half-life depends only on the rate constant. The initial concentration of the
reactant does not affect
its half-life.

Sample problem:
Sucrose (C12H22011) invention is the process by which the substance is converted into either glucose or fructose
(both have formula C6H12O6). The process results in optical inversion (mirror image of structures). The
reaction follows a first-order kinetics with a rate constant of 3.6X10-3/s.
C12H22O11(aq) + H2O(l) → 2C6H12O6 (aq)
If a 0.15M C6H12O6 solution would undergo inversion at 25°C, what is its concentration after 2.0 minutes?
What is the half-life of the reaction?
Solution:
To determine the amount of C6H12O6 after 2.0 minutes, substitute the values to the first-order integrated rate
law.
In[A] = -kt + In[A]
In[C6H12O6] = kt + In[C6H12O6]0
= (3.6X10-3/s)(2.0min x 60s/min) + In(0.15M)
= -2.33
[C6H12O6] = e(-2.33) = 0.997M
For the half-life:
t1/2 =

0.693
𝑘

=

0.693
3.6 𝑥10−3/𝑠

= 192 s

Second-Order Reactions
Based on the rate law expression for a second-order reaction
Rate = k[A]2
The integrated rate law equation shows a linear relationship between the reciprocal of the reactant
concentration and time.
1
1
= 𝑘𝑡 + [𝐴]0
[𝐴]

The half-life for a second-order reaction can also be derived from the integrated rate law and is expressed as an
equation showing dependence on both rate constant and initial concentration.
t1/2

1
𝑘[𝐴]0

Sample Problem:
The isomerization of ammonium cyanate (NH4CNO) to urea follows the second-order kinetics with a rate
constant of 9.9 X 10-4/M.s at 25°C.
NH4CNO(aq) → H2NCONH(aq)
From an initial concentration of 0.24M NH4CN, how much of in (in M) remains after 15.0 minutes? What is the
half-life (in minutes) for the reaction?
Solution:
Applying the integrated rate law for a second-order reaction.
1
[𝐴]

1

= 𝑘𝑡 + [𝐴]0

1

60𝑠

1

= (9.9X10-4/M.s) (15.0 minx𝑚𝑖𝑛)+ (0.24𝑀)
[𝐴]
= 5.1/M
[A] = 0.20M
To calculate the half-life:
1

t1/2 = 𝑘[𝐴]0 =

1
4
(9.9𝑋10− .𝑠)(0.24𝑀)
𝑚

= 4209𝑠 ≈ 70 𝑚𝑖𝑛

To Do List
I.

Write the rate law expression for the reaction. Calculate the rate constant. Copy and answer in a 1 whole sheet
of paper.

Chloroform (CHCl3) is a known anesthetic. It is also used to produce the refrigerant carbon tetrachloride (CCl4) according
to the reaction.
CHCl3(g)) + Cl2(g) → CCl4(g) + HCl(g)
Several experiments obtained the following data:
Experiment

Initial [CHCl3]
(M)

Initial [Cl2]
(M)

Initial Rate of reaction
(M/s)

I

0.0011

0.014

2.60X10-4

II

0.0011

0.028

5.20X10-4

III

0.0022

0.028

2.08X10-3

IV

0.0022

0.014

1.04X10-3

Solve the following. Copy and answer in a 1 whole sheet of paper.
1. Zero-order Reaction
At 575°C, nitrous oxide (N2O) decomposes into its elements on a nickel surface. The reaction is zero- order
with a rate constant of 0.42 M/s.
2 N2O(g) → 2N2(g) + O2(g)
a. What will be the concentration of N2O after 5 minutes if its initial concentration is 0.084M?
b. What will be the half-life of the reaction if the initial concentration of N2O is 0.37M?

2. First-Order Reaction
The decomposition of N2O5 follows first-order kinetics based on the reaction below.
N2O5(g) → O2(g) + 4NO2(g)
The rate constant of the reaction at 25°C is 3.46 X10-3/s. How long(in seconds) would it take for an initial
concentration of 0.050 M to decrease to 0.015 M? What is the half-life of the reaction?

3. Second-Order Reaction
Hydrogen iodide (HI) gas decomposes into gaseous hydrogen and iodine following the second-order kinetics
with a rate constant of 0.031/M.s at 400°C.
2HI(g) → H2(g) + I2(g)
a. What is the half-life of the reaction if the initial concentration of HI is 0.045M? Will the half-life be
different if the initial concentration is 0.025M? Justify your answer.
b. How much HI (in M) remains after 5.0 minutes if the reaction started with 0.02M HI?
c. How many minutes will it take for the concentration of HI to decrease from 0.045M to 0.015M?
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TOPIC: REACTION MECHANISM AND MOLECULARITY

Reaction mechanism
- A sequence of reaction steps that show how the reactant are converted into products.
- It consists of two or more elementary steps that sum up to an overall reaction.
Consider the reaction between nitrogen dioxide and carbon monoxide.
NO2(g) + CO(g) → NO(g) + CO2(g)
The equation seems to be a straightforward reaction between two reactants, but its reaction mechanism
actually involves two steps.
Step 1:
NO2(g) + NO2(g) → NO(g) + NO3(g)
Step 2:
NO3(g) + CO(g) → NO2(g) + CO2(g)
✓ The first step involves a reaction between two nitrogen dioxide molecules, producing one of the products
of the overall reaction-nitric oxide (NO).
✓ The other product-nitrogen trioxide (NO3) is called a reaction intermediate, which is a species that is
eventually consumed in the second step of the mechanism. A reaction mechanism does not appear in the
overall reaction.
✓ The second step produces the other product of the overall reaction – carbon dioxide. This step also
regenerates one of the nitrogen dioxide molecules used in the previous step.
Step 1:
Step 2:
Overall reaction:

NO2(g) + NO2(g) → NO(g) + NO3(g)
NO3(g) + CO(g) → NO2(g) + CO2(g)
NO2(g) + CO(g) → NO(g) + CO2(g)

In mechanism involving two or more elementary steps, one of the steps may occur at a significantly lower rate
than the others.
Rate determining step – the slow reaction limits the rate of the over-all reaction no matter how fast the other
steps are.
-

indicates the rate law for the reaction.

In the given example, the slow step is the reaction between two NO2 molecules (step1), thus the rate law can
be written as:
Rate = k[NO2]2
This means that the reaction is zero-order with respect to CO. It can also be inferred from the rate law that the
reaction is biomolecular in terms of NO2.
Molecularity of the reaction – indicates the number of molecules that are involved in the rate determining
steps.
- It is also related to the order of the reaction.
Molecularity and Rate law of a Rate-Determining Step
Elementary step

Molecularity

Rate law

A → products

Unimolecular

rate = k[A]

A + A → products
2A → products

Bimolecular

rate =k[A]2

A + B → products
2a + B → products
A + B + C → products

Bimolecular
Termolecular
Termolecular

rate = [A][B]
rate = k [A]2[B]
rate = k[A][B][C]

Sample problem:
The thermal decomposition of nitryl chloride (NO2Cl) occurs in a two-step mechanism.
Step 1:
NO2Cl(g) → NO2(g) + Cl(g)
Step 2:
Cl(g) + NO2Cl(g) → NO2(g) + Cl2(g)
a. Write the over-all reaction. What substance is considered the reaction intermediate?
b. If the first step is slow reaction, what is the rate law for the mechanism?
c. What is the molecularity of the mechanism based of the rate-determining step?
Solution:
a. Step 1:
Step 2:

NO2Cl(g) → NO2(g) + Cl(g)
Cl(g) + NO2Cl(g) → NO2(g) + Cl2(g)
2NO2Cl(g) → 2NO2(g) + Cl2(g)
The reaction intermediate is Cl gas
b. Since step 1 is the rate-determining step, it is the only reaction considered in the rate law.
rate= k[NO2Cl]
c. The reaction mechanism is unimolecular.

MODELS FOR THE REACTION RATE
The Collision Theory
- There must be contact between the reactants through collision for a chemical reaction.
- This theory can be practically explained using the effect of stirring.
- The stirring motion causes the reactant particles to move faster, thereby increasing the probability of
collision.

More (or less) reactants mean more (less) collisions and faster (or slower) rate.
-

This also explains how reactant concentration affects the rate of a reaction.
The frequency of particle collision will be higher if there are more reactants present in the system.
As the concentration decreases, the probability of reactants colliding with one another also decreases.

Activation Energy (Ea)
-

The reactants particles must also have sufficient energy during collision.

-

The energy level that the reactant molecules must overcome before a reaction can occur.
Energy barrier

The activation energy is the difference between the energy of the transition state and the energy of the
reactants.

Catalysis
- This speed up the rate of a chemical reaction by providing an alternate route for the reaction to occur with
lower activation energy.
- Catalyst are not consumed in a reaction; they are used but regenerated during the reaction.
- Does not appear in the reactants or products side of a chemical reaction.

Heterogenous Catalyst

-

Uses a catalyst that is of a different phase from that of the reactants and products.

As an example, the Haber Process for the synthesis of ammonia gas from nitrogen and hydrogen gases uses a
mixture of iron, potassium oxide, and aluminum oxide as catalyst. The solid surface of the mixture splits the
molecules into individual nitrogen and hydrogen atoms, allowing them to react and form ammonia.
N2(g) + 3H2(g) → 2NH3(g)
The industrial preparation of methanol (CH3OH), an alcohol used as solvent and gasoline additive, uses zinc
oxide and chromic oxide as catalysts. These catalysts reduce carbon monoxide to methanol.
CO(g) + 2H2(g) → CH3OH(g)
Homogenous Catalysis
- The catalyst is the same phase as that of the reactants and products
The two-step oxidation of sulfur dioxide into sulfur trioxide involves nitrogen dioxide as catalyst, forming nitric
oxide as a reaction intermediate.

SO2(g) + NO2(g) → SO3(g) + NO (g)
NO(g) + 1/2O2(g) → NO2(g)
SO2(g) + 1/2O2(g) →SO3(g)
The depletion of the ozone layer by nitric oxides. When the ozone (O3) is decomposed to O2, the nitric oxide
remains and causes further reactions.
O3 + NO(g) → O2(g) + NO2(g)
O(g) + NO2(g) → O2(g) + NO(g)
O(g) + O3 (g) → 2O2
Arrhenius equation: Effect of Temperature on Reaction Rate
-

Increasing the temperature of the reaction system causes the reactant particles to move faster, thereby increasing
the chances of sufficiently energetic and successful collisions.
Arrhenius Equation:

Sample problem:

TO DO LIST:

I.

Study the two-step reaction below. Do this in a one whole sheet of paper.

Reaction 1:
Step 1 (slow): H2(g) + ICl(g) → HI(g) + HCl(g)
Step 2: (fast): HI(g) + ICl (g) → I2(g) + HCl(g)
Reaction2:
Step 1 (fast): NO(g) + NO(g) → N202(g)
Step 2: (slow): N2O2(g) + O2(g) → 2NO2(g)
For each two-step reaction, answer the following:
a. Write the overall reaction. What substance is considered the reaction intermediate?
b. What is the rate law for the mechanism?
c. What is the molecularity of the mechanism?
I.

Give 5 practical applications each of the following:
1.
2.
3.
4.

Effect of temperature in reaction rate
Collisions
Catalysis
Activation Energy

LA IMMACULADA CONCEPCION SCHOOL
SENIOR HIGH SCHOOL
GRADE 12 – STEM: GENERAL CHEMISTRY 2

MAY 4-8, 2020
TOPIC: SPONTANEOUS AND NON-SPONTANEOUS PROCESS
ENTROPY

Spontaneous Process
- Refers to how it occurs on its own without the help of any external factors
- Occurs naturally
- Spontaneity only tells whether a reaction will occur or not. It does not predict the rate of a process (how
fast/slow it occurs)

Example:
• Water always flows from the faucet down to the sink, and not the other way around.
• A hot coffee will eventually turn cold, but a cold coffee left on a table will never become hot by itself.
• The combustion of alcohol is fast, while the rusting of iron is slow, but both process occurs spontaneously.
Thomsen- Berthelot Principle
- Almost all exothermic chemical process spontaneous
- Proposed by Danish Chemist Julius Thomsen (1826-1909) and French chemist Pierre-Eugène-Marcellin
Berthelot.
Combustion reactions, for example, produce heat as reflected in their thermochemical equations below:
CH4(g) + 2O2(g) → CO2(g) + 2H2O(g)
∆H = -890.4 kJ
2H2(g) + O2(g)→ 2H2(g)
∆H = -571.6 kJ
2Mg(s) + O2(g) → 2MgO(g)
∆H = -1203.4 kJ
Some spontaneous process does not follow this generalization.
Example: Ice melts spontaneously into liquid water as it absorbs heat.
Volatile liquid such as acetone and alcohols evaporate in a spontaneous endothermic process.
Randomness also influence spontaneity.
- Spontaneous processes occur from an order state to a more random arrangement.
Example:
• A deck of cards that has been taken out of its box for the first time is arranged from lowest to highest and
according to suit. Shuffling of cards will make them randomly arranged.
• The melting of ice occurs spontaneously as the water molecules break away from the more ordered
crystalline structure to the mobile liquid phase. The transition from the liquid phase to the more random
gas phase is also a spontaneous process.
Melting and evaporation are spontaneous only above the melting and boiling points.
There are also reactions that occur spontaneously but slowly.
Example:
The formation of rust (Fe2O3)
Fe(s) + O2(g) → Fe2O3(s)
The decomposition of hydrogen peroxide (H2O2) is a slow process but can be catalyzed by several factors like
heat.2H2O2(aq) → 2H2O(l) + O2(g)
Effusion and Diffusion of gases
- Are also examples of naturally random process.
Consider two gases contained in two separate chambers connected to each
other with a control valve. Once the control valve is opened, the gases will

effuse and start to mix with each other. The system goes from a highly ordered state to a more disordered
arrangement.
ENTROPY
- A measure of how spread out or dispersed the energy of a system is among the different possible ways
that system can contain.

The entropy of the system increases because closely space energy levels leads to a greater dispersal among
the energy levels.
Microstate and Entropy

Changes in Entropy (∆S)
• A system with fewer microstates(w) among which to spreads its energy (small dispersal) has a lower
entropy.
• A system with more microstates (W) among which to spread its energy (large dispersal) has a higher
entropy.
Change in entropy is determined by its initial and final state.
Standard Entropy
•
•

The absolute entropy lf a substance at 1 atm and usually quoted with its value at 25°C
The unit of entropy is J/K or J/K × mol for 1 mole of the substance.

What Increases an Entropy?
1.
2.
3.
4.
5.

Entropy increases as one goes from solid to liquid and more drastically from a liquid to gas.
If a solid or liquid is dissolved in a solvent.
Entropy increases as the number of particles (molecules) in a system increases.
The entropy of any material increases with increases temperature.
Entropy increases as the mass of molecule increases.

Two Rules in Predicting Change in Entropy

1. Look at the states.
2. Look at the number of moles of reactants and products.
Entropy increases: delta S = +(positive)
Entropy decreases : delta S = - (negative)
Is S positive or negative?
1. 2H2O (l) → 2H2 (g) + O2 (g) positive
2. Ni (s) + 4CO (g) → Ni(CO)4(l) negative
3. H2O(l) → H2O(s)
negative
Movement of Molecules in a System
• Translational- it moves from one place to another
• Rotational- molecules can rotate in around axis
• Vibration- can vibrate at its own position
• Electronic motion- can move from one place and orbital to orbital
Calculating Entropy Change
∆Sᶿ reaction = ∑Sᶿ products - ∑Sᶿ reactant
∆Sᶿ reaction = ∑Sᶿ products - ∑Sᶿ reactants
C2H4(g) + H2(g) = C2C6(g)
∆Sᶿ reaction = (230) – (131 + 220)
= -121 J/K . mol

I.
1.
2.
3.
4.
5.
II.
1.
2.
3.
4.
5.

TO DO LIST
Identify whether each process is spontaneous or non-spontaneous
A spoon dipped in boiling water gets hot
Water decomposes into hydrogen and oxygen gases with application of electricity.
Wood burns to ash after being set on fire
Silverwares tarnish when exposed to air.
Table salts dissociates into sodium and chlorine iron in water.
Predict the sign of the change in entropy for the following processes.
Freezing of water
Heating liquid water to its boiling point
Sublimation of naphthene
Melting of lead metal at room temperature
Formation of nitrosyl chloride (NOCl) from nitric oxide and chlorine gases
2NO(g) + Cl(g) → 2NOCl(g)

Note: Copy and Answer In a 1 whole sheet of paper.

