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!"#$%"&' Kinetics
Study of the speed or rate of a reaction 

under various conditions

• Thermodynamically favorable reactions (reactions 
that just happen on their own with no external 
energy added) DO NOT mean fast reactions

• Some reactions take fraction of a second 
(explosion)… some take millions of years (diamonds)

Factors That Affect Rates
1) NATURE OF THE REACTANTS

• Physical state… more readily 
reactants can collide, the faster 
the reaction (Ex: two solids don’t 
react, but rapidly react in aqueous 
solutions)

• Chemical identity… opposite 
charges react quickly, more bonds 
means slower rate (more to break), 
substances with strong bonds react 
slow (Ex: Na reacts faster with 
water than Ca)
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! More molecules present, more collisions 
can occurÉ faster reaction and rate

Factors That Affect Rates
3) TEMPERATURE

• Increase in temperature gives molecules 
more KE, which increases the number of 
collisions and the rate 

• Helps overcome the needed activation 
energy for a reaction to proceed

Factors That Affect Rates
4) SURFACE AREA OF REACTANTS

• Greater surface area exposed, greater the 
chance of collisions between particles… giving 
a faster rate (Ex: coal dust is very explosive 
but piece of charcoal is not)
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! Substance that speeds up a 
reaction but is not used up or 
part of the reaction

! Enzymes (�lock and key�)É 
shape determined by IMFs so 
very temperature sensitive!

! Lowers activation energy 
barrier of a reactionÉ 
provides a different pathway
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• Successful changes are called 
successful collisionsÉ these have 
enough energy (ACTIVATION 
ENERGY) to break preexisting 
bonds and form new ones

• Increase # and strength of 
collisions then rate will increase

• Reactions depend on more than 
just collidingÉ  

When suitable particles of the reactant hit each 
other, only a certain percentage of collisions 

cause any noticeable chemical change

!"##$%$"&'()*"+,'"-'./0*%

! ORIENTATION FACTOR: molecules must be 
oriented a certain way during collisions for a 
reaction to occur

When suitable particles of the reactant hit each 
other, only a certain percentage of collisions 

cause any noticeable chemical change
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! ACTIVATION ENERGY (E a): 
minimum amount of energy 
required to initiate a reaction

! Upon collision, energy is used to 
stretch, bend, and break bonds 
(KE is used to change the PE in 
the bonds of the reactants)

! Forms the transition state 
(activated complex)

When suitable particles of the reactant hit each 
other, only a certain percentage of collisions 

cause any noticeable chemical change

!"##$%$"&'()*"+,'"-'./0*%

! ACTIVATED COMPLEX: 
unstable intermediate state 
before forming the products 
(transition state)

! Particular arrangement of 
atoms at the peak of the 
activation energy hump

When suitable particles of the reactant hit each 
other, only a certain percentage of collisions 

cause any noticeable chemical change
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Collision Theory of Rates
When suitable particles of the reactant hit each 

other, only a certain percentage of collisions 
cause any noticeable chemical change

Collision Theory of Rates
When suitable particles of the reactant hit each 

other, only a certain percentage of collisions 
cause any noticeable chemical change

Got to collide with the right amount of 
energy and proper orientation… Only then 

can the reaction proceed!

!"#$%&'()!#%"*
Change in the concentration of the reactants or 

products over time

! Units: M/sec

! Measured by the decrease 
in [  ] of a reactant or 
increase in [  ] of a product 
in a unit of time

! NOT constantÉ rate 
changes with time!

Reactants 
DISAPPEAR

Products 
APPEAR

Reaction Rates
Change in the concentration of the reactants or 

products over time

RATE 
APPEAR

Change in conc.

Time interval
= 

Δ[product]

Δt

A à B

t1 = 0
t2 = 20 sec

[Bt1] = 0 M
[Bt2] = 0.46 M

AVG. RATE  = 
0.46 – 0 M

20 – 0 sec
= 2.3 x 10-2 M/s

= 

Reaction Rates
Change in the concentration of the reactants or 

products over time

RATE 
DISAPPEAR

Change in conc.

Time interval
= 

Δ[reactant]

Δt

A à B
t1 = 0
t2 = 20 sec

[At1] = 1.00 M
[At2] = 0.54 M

AVG. RATE  = 
0.54 – 1.00 M

20 – 0 sec
= 2.3 x 10-2 M/s

= 
– –

–

*Note: 1:1 ratio 
in equation makes 
rates appear and 
disappear same!

!"#$%&'()!#%"*
Change in the concentration of the reactants or 

products over time

! Rates usually SLOW DOWN as the reactants 
are used up
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Rates and Stoichiometry
• In 1:1 mole ratio reaction, rate of APPEARANCE
products = rate of DISAPPEARANCE of reactants

• If mole ratio is NOT 1:1, the rate formula must 
take into account the coefficients of the reaction
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Notice that 
NO forms 
TWICE as 
fast as O 2!

!"#$%&"'(&)#*+,-+*.$#/0
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For the reaction: 2 O 3 ! 3 O2, write the rate 
expression and given the rate of O 2 is 6.0 x 10 -5 M/s, 

what is the rate of O 3 disappearing ?
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Solve for
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If the rate of disappearance of N 2O5 is 4.2 x 10 -7 M/s 
at a particular time, what is the rate of appearance of 

NO2 and O2?

2 N2O5 ! 4 NO 2 + O2

!"##$%$&'"()*+('$*,(-
! Rate Law is the relation between reaction rate and 
the concentrations of the REACTANTS (no products)

! Rate Law Example:

aA + bB à cC + dD

RATE = k [A]m[B]n

k = rate constant (changes with temp. and show 
how temp affects the rate)

m, n = orders of the reaction for A and B 
(usually small whole numbers 0, 1, or 2)É MUST 
BE DETERMINED BY EXPERIMENTATION!! 

DO NOT use 
the balanced 

equation in the 
rate law!!

!"##$%$&'"()*+('$*,(-
! Rate Law is the relation between reaction rate and 
the concentrations of the REACTANTS (no products)

! Rate Law Example:

! "#$#%&#! ' (#$#) *

+",- . /#0"1 2 0&13

*NOTE: Rate of the reaction depends on the [  ] but the 
rate constant (k) does NOTÉ k is dependent upon 

temperature and presence of a catalyst !!

*4#54,# 678#
9:8#%!;!3'8)#

8<6!9=>3#=3#9:8#
?!98#;!@AA

BC-C# (45(-5,+",D45 "5*# +",- *","A#
E678#F?8776?8#G>?#H!787#=3798!)#>G#0##1I
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Reaction Orders
• Exponents represent the order of the reaction 
with respect to a certain reactant 

• Overall reaction order is the SUM of the orders 
of each reactant in the rate law

• Based on EXPERIMENTAL DATA not the 
balanced equation!

• Example: 
NH4+ + NO2- à N2 + 2 H2O

RATE = k [NH4+] [NO2-]

Reaction is 2nd order overall and “the reaction is 
first order with respect to NH4+ and NO2-”

Determined via 
experimentation 

NOT the balanced 
equation!

Reaction Orders

! GREATERvalue of an exponent (order)É MORE
change in [  ] of that reactant affects the rate!

! Two ways to determine the reaction orders: 
Initial Concentration Tables and GraphsÉ

Initial Concentrations Table 
• Uses initial rate just after t = 0

• Uses experimental data… VARY initial 
concentrations of the reactants 

• Determine the initial rate for each concentration

• Examine the relationship between rate and initial 
concentration to determine the orders of the 
reactants 

!"#$#%&'()"*+"$,%$#)"-'.%/&+
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! Write the basic rate law for the reaction:

Initial Concentrations Table
• EXAMPLE:

• Look for two trials where the [  ] is held 
CONSTANT for a reactant… allows you to examine 
the data for the OTHER reactant

• [  ] of NH4+ is constant in # 1 and 2 / [  ] of NO2-

is constant in # 2 and 3

Initial Concentrations Table
• EXAMPLE:

• In # 1 and 2, how does [  ] of NO2- change?

• Now what effect did that change have on the rate? 

(2)X = 2
[  ] CHANGE RATE 

CHANGE

x = 1
FIRST 
ORDER

*SEE NEXT 
SLIDE!
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RATE2 = k2 [NH4
+]m [NO2

-]n

RATE1 = k1 [NH4
+]m [NO2

-]n

2.70 x 10-7 = k2 [0.1]m [0.01]n

1.35 x 10-7 = k1 [0.1]m [0.005]n

()*)+(, -

-)*).
#/0123)456)678)

9:!#;!: +)),)<-)6<4=
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! The reaction is 1 st order with respect to NO 2-

(#)! *+ ,+-./ 0
123+ -.4 5

62
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! In #2 and 3, how does [  ] of NH 4+ change?

! Now what effect did that change have on the rate? 

()* " +,)
[  ] CHANGE RATE 

CHANGE

-,+,.

/0123,
415!1
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! The reaction is 1st order with respect to NH4+

! The reaction is 2nd order overall

(#)! *+ ,+-./ 0
12-.3 4

52
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! Determine the rate constant (k) now that the 
orders are knownÉ choose ANY experiment!

()*+,-,(. /0

$12
3, 4,5.)(..,$6,5.)..+.,$6

4,3,7)0,-,(. /8 $ /( 2/(

!"#$#%&'()"*+"$,%$#)"-'.%/&+
! What if the concentrations are NOT constant for 
a particular reactant?...  USE ALGEBRA!

! !"#$%&!'
#()(*( ! +,

!"# $%& '()%*+, '-) *+, ./01023%4215%
*+678,

! "#$" "#$" !#%

% !#" "#$" &#'

( %#" !#" ('#&

! [A] is easy because [B] is constant in Exp. #1 and 2

-+. " /(0
[  ] CHANGE RATE 

CHANGE

1(/(+

2!,345(
365!6
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! What if the concentrations are NOT constant for 
a particular reactant?...  USE ALGEBRA!

! !"#$%&!'
#()(*( ! +,

Exp. # [A] (M) [B] (M) Initial Rate 
(M/hr)

1 0.50 0.50 1.2
2 1.0 0.50 4.8
3 2.0 1.0 38.4

! [B] is tricky because [A] is NEVER constant!

Initial Concentrations Table
•What if the concentrations are NOT constant for 
a particular reactant?...  USE ALGEBRA!

• EXAMPLE:
A + B à 2C

Exp. # [A] (M) [B] (M) Initial Rate 
(M/hr)

1 0.50 0.50 1.2
2 1.0 0.50 4.8
3 2.0 1.0 38.4

• Plug in what you know for two experiments
m = 1
FIRST 
ORDER

RATE3 = k3 [A]3
2 [B]3

m

RATE1 = k1 [A]1
2 [B]1

m

38.4 = k3 [2.0]2 [1.0]m

1.2 = k1 [0.5]2 [0.5]m

!"#$#%&'()"*+"$,%$#)"-'.%/&+
! What if the concentrations are NOT constant for 
a particular reactant?...  USE ALGEBRA!

! !"#$%&!'
#()(*( ! +,

!"# $%& '()%*+, '-) *+, ./01023%4215%
*+678,

! "#$" "#$" !#%

% !#" "#$" &#'

( %#" !#" ('#&

-#.! /( 0(1#2+ 1*2

Reaction Orders
• ZERO ORDER… change in [  ] has no effect on rate

(2)x = 1     /     Rate = k

• FIRST ORDER… double the [  ] then double the 
rate (directly proportional)

(2)x = 2     /     Rate = k [A]

• SECOND ORDER… double the [  ] then quadruple 
the rate (or triple the [  ] and rate increases by 
factor of 9)

(2)x = 4  or (3)x = 9     /     Rate = k [A]2 OR
Rate = k [A][B]

Reaction Orders and Units of k
• ZERO ORDER… Rate = k

k units = M/s (assuming rate is in those units)

• FIRST ORDER… Rate = k [A]
k units = s-1

• SECOND ORDER… Rate = k [A]2 or Rate  = k [A] [B]
k units = M-1 · s-1

• THIRD ORDER… Rate = k [A]2 [B], etc.
k units = M-2 · s-1

*DO NOT MEMORIZE… THESE CAN BE FIGURED OUT BY 
USING THE RATE LAW FOR THE REACTION AND MATH! 

Practice
• EXAMPLE:

Exp. # [A] (M) [B] (M) Initial Rate 
(M/s)

1 0.100 0.100 4.0 x 10-5

2 0.100 0.200 4.0 x 10-5

3 0.200 0.100 16.0 x 10-5

The initial rate of reaction for A + B à C was measured 
for several different concentrations as shown above.  
Using these data, determine (a) the rate law for the 

reaction, (b) the rate constant, and (c) the rate of the 
reaction when [A] = 0.050 M and [B] = 0.100 M.
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Practice
• EXAMPLE:

Exp. # [A] (M) [B] (M) Initial Rate 
(M/s)

1 0.100 0.100 4.0 x 10-5

2 0.100 0.200 4.0 x 10-5

3 0.200 0.100 16.0 x 10-5

The initial rate of reaction for A + B à C was measured 
for several different concentrations as shown above.  
Using these data, determine (a) the rate law for the 

reaction, (b) the rate constant, and (c) the rate of the 
reaction when [A] = 0.050 M and [B] = 0.100 M.

Practice
• EXAMPLE:

Exp. # [A] (M) [B] (M) Initial Rate 
(M/s)

1 0.100 0.100 4.0 x 10-5

2 0.100 0.200 4.0 x 10-5

3 0.200 0.100 16.0 x 10-5

The initial rate of reaction for A + B à C was measured 
for several different concentrations as shown above.  
Using these data, determine (a) the rate law for the 

reaction, (b) the rate constant, and (c) the rate of the 
reaction when [A] = 0.050 M and [B] = 0.100 M.

Practice
• EXAMPLE:

Exp. # [BrO3-] (M) [Br-] (M) [H+] (M) Initial Rate 
(M/s)

1 0.10 0.10 0.10 8.0 x 10-4

2 0.20 0.10 0.10 1.6 x 10-3

3 0.20 0.20 0.10 3.2 x 10-3

4 0.10 0.10 0.20 3.2 x 10-3

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

Using the data given, determine the rate law, overall 
order of the reaction, and rate constant.

Practice
• EXAMPLE:

Exp. # [BrO3-] (M) [Br-] (M) [H+] (M) Initial Rate 
(M/s)

1 0.10 0.10 0.10 8.0 x 10-4

2 0.20 0.10 0.10 1.6 x 10-3

3 0.20 0.20 0.10 3.2 x 10-3

4 0.10 0.10 0.20 3.2 x 10-3

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

Using the data given, determine the rate law, overall 
order of the reaction, and rate constant.

Practice
• EXAMPLE:

Exp. # [BrO3-] (M) [Br-] (M) [H+] (M) Initial Rate 
(M/s)

1 0.10 0.10 0.10 8.0 x 10-4

2 0.20 0.10 0.10 1.6 x 10-3

3 0.20 0.20 0.10 3.2 x 10-3

4 0.10 0.10 0.20 3.2 x 10-3

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

Using the data given, determine the rate law, overall 
order of the reaction, and rate constant.

Integrated Rate Law
Relationship between concentration and 
time data (uses GRAPHICAL analysis)

• Graph will relate the rate 
constant, concentration of a 
reactant, and the elapsed time
• Graphs are DIFFERENT for 
zero, first, or second order

• TIME goes on the X-AXIS
and CONCENTRATION data on 
the Y-AXIS

• Looking for STRAIGHT LINE 
plot to determine the order
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! Graph of CONCENTRATION vs. 
TIME gives a straight line

! k = negative slope (in the rate 
law though k is NEVER negative)

!" #$%&%' (#%)%!"* $

[A t ] = [  ] of reactant A at time t

k = rate constant

t = time (watch units!)

[A 0] = [  ] of reactant A at time zero

(y = mx + b)

!"#$%&'#()#&*)+,%"-.
! Graph of NATURAL LOG OF 
CONCENTRATION ( ln) vs. TIME
gives a straight line

! k = negative slope (in the rate law 
though k is NEVER negative)

!"#$ %&'(' )*%'+'!"#$ , &

[A t ] = [  ] of reactant A at time t

k = rate constant

t = time (watch units!)

[A 0] = [  ] of reactant A at time zero

-./'%0/' !"'
12%%3"3"'%0/'

45!42!5%367

(y = mx + b)

!"#$%&'()&")'*"+#,-$%
! Graph of 1/CONCENTRATION 
vs. TIME gives a straight line

! k = positive slope

!"#$ %&'(')%'*'!"#$ +&

[A t ] = [  ] of reactant A at time t

k = rate constant

t = time (watch units!)

[A 0] = [  ] of reactant A at time zero

(y = mx + b)

Practice
• EXAMPLE:

In a first order reaction, a common insecticide 
breaks down into various products.  The rate 

constant is 1.45 year-1 at 12°C.  If the concentration 
of the insecticide is 5.0 x 10-7 g/cm3, what is the 

concentration one year later and how long will it take 
to change the concentration to 3.0 x 10-7 g/cm3?

ln[At] = -kt + ln[A0]

ln [At] = -(1.45 yr-1)(1 yr) + ln(5.0x10-7 g/cm3)
ln [At] = -15.96

[At] = 1.2 x 10-7 g/cm3
2nd ln button:
E^(ANS) = [At]

Practice
• EXAMPLE:

In a first order reaction, a common insecticide 
breaks down into various products.  The rate 

constant is 1.45 year-1 at 12°C.  If the concentration 
of the insecticide is 5.0 x 10-7 g/cm3, what is the 

concentration one year later and how long will it take 
to change the concentration to 3.0 x 10-7 g/cm3?

ln[At] = -kt + ln[A0]

ln (3.0 x 10-7) = -(1.45 yr-1)t + ln (5.0x10-7)
-15.02 = -1.45t + -14.51

-0.51 = -1.45t
t = 0.35 yrs

Practice
• EXAMPLE:

Use the data given to determine if the following 
reaction is first or second order?

2 NO2 à 2 NO + O2

PLOT THE 
DATA… 

Find ln [  ] 
and 1/ [  ]

SECOND ORDER based on the graphs!
Rate = k [NO2]2
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Practice
• EXAMPLE:

Use the data given to determine the concentration 
of (CH3)3CBr after two minutes.  The reaction is 
first order and the rate constant is 9.9 x 10-3 s-1.

(CH3)3CBr + OH- à (CH3)3COH + Br-

Time (s) [(CH3)3CBr] M
0 0.100

30.0 0.074
60.0 0.055
90.0 0.041

Half-Life
Time required for the concentration of a 
reactant to reach half of its initial value

• In FIRST ORDER reactions, the [  ] of the reactant 
decreases by half in regularly spaced intervals

• Used for radioactive decay calculations

Half-Life Half-Life
Time required for the concentration of a 
reactant to reach half of its initial value

t½ =
0.693

k

Time Sample
0 100%

1 half-life 50%
2 half-lives 25%
3 half-lives 12.5%

Time Sample
0 120 g

3 years 60 g
6 years 30 g
9 years 15 g

Regular intervals 
for FIRST ORDER 
reactions only!

Half-Life
Time required for the concentration of a 
reactant to reach half of its initial value

• EXAMPLE:
What is the half-life of the sample below?

Half-Life
Time required for the concentration of a 
reactant to reach half of its initial value

• EXAMPLE:
Using the data from the first order reaction below, 
(a) find the value of k, (b) find the [A] when 20 mins 

have passed, and (c) determine the half-life.

[A] (M) Time (min)
2.0 0
1.6 5
1.2 10
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!"#$%&'$(
Time required for the concentration of a 
reactant to reach half of its initial value

! !"#$%&!'

Using the data from the first order reaction below, 
(a) find the value of k, (b) find the [A] when 20 mins 

have passed, and (c) determine the half -life.

!"# $%& '()*+$)(,&

!"# #

$"% &

$"! $#

Half-Life
Time required for the concentration of a 
reactant to reach half of its initial value

• EXAMPLE:
Using the data from the first order reaction below, 
(a) find the value of k, (b) find the [A] when 20 mins 

have passed, and (c) determine the half-life.

[A] (M) Time (min)
2.0 0
1.6 5
1.2 10

Half-Life
Time required for the concentration of a 
reactant to reach half of its initial value

• EXAMPLE:
A certain first order reaction has a half-life of 

20.0 minutes.  Calculate the rate constant for this 
reaction and the amount of time for the reaction 

to be 75% complete.

Reaction Mechanisms
Sequence of bond-making and bond-

breaking steps that occurs in a reaction 
(Process by which a reaction occurs)

• Balanced equations do not explain HOW the 
reaction occurs just what you start and end with

•Most reactions are NOT one-step processes… but 
a sum of a series of steps

•Must be determined by experiment and agree with 
overall stoichiometry and the experimentally 
determined rate law

Elementary Steps
Reactions that occur in a single step

•MOLECULARITY: number of molecules that 
participate as reactants

• UNIMOLECULAR: single molecule collision

• BIMOLECULAR: two reactant molecules collide

• TERMOLECULAR: three reactant molecules collide 
at the SAME TIME (VERY RARE)

!"#$#%&'()*+&#,-
Reactions that occur in a single step

!"#$%$&'($))*+,%+-%"%($".#*+,% /01123 4$%
'($5*.#$5%-(+6%+7$("88%)#+*.9*+6$#(:;%4<#%#9$%

("#$%$&'($))*+,%+-%",%$8$6$,#"(:%)#$'% =>
'($5*.#$5%-(+6%#9$% 6+8$.<8"(*#: +-%#9$%)#$'?%

!"#$#%&'()*+&#, -."#/0"'(1&) 2'&#*!3,(#441.%

!" ! #$%&'()* +,-.%/0('/1$ 21)0"3"4"5!6

!"7"8"! #$%&'()* 8-.%/0('/1$ 21)0"3"4"5!6586

!"7"!" ! #$%&'()* 8-.%/0('/1$ 21)0"3"4"5!69

9"!"7"8"! #$%&'()* :0$.%/0('/1$ 21)0"3"4"5!69 586
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Multi-Step Mechanisms
Sequence of elementary reactions that must add to 
give the chemical equation of the overall process

• INTERMEDIATE: substance that is created 
and then consumed in a multi-step reaction (not 
a reactant or a product… cancel out)

• EXAMPLE:
Ozone à Oxygen (2 step mechanism)

O3 à O2 + O
O3 + O à 2 O2

(a) Describe the molecularity of each elementary step.

Multi-Step Mechanisms
Sequence of elementary reactions that must add to 
give the chemical equation of the overall process

• INTERMEDIATE: substance that is created 
and then consumed in a multi-step reaction (not 
a reactant or a product… cancel out)

• EXAMPLE:
Ozone à Oxygen (2 step mechanism)

O3 à O2 + O
O3 + O à 2 O2

(b) Write the overall reaction.

Multi-Step Mechanisms
Sequence of elementary reactions that must add to 
give the chemical equation of the overall process

• INTERMEDIATE: substance that is created (NOT A 
CATALYST) and then consumed in a multi-step 
reaction (not a reactant or a product… cancel out)

• EXAMPLE:
Ozone à Oxygen (2 step mechanism)

O3 à O2 + O
O3 + O à 2 O2

(c) Identify the intermediary.

Rate-Determining Step
Slowest step of a reaction

• Every reaction is made up of a 
series of elementary steps… rate 
laws and speeds of those steps 
determine the overall rate law 
(like limiting reactant but a 
limiting reaction!)

• Each step has its own k and Ea

• Usually one step is slower than 
the others

• SLOWEST STEP determines the 
rate law for a reaction!!

Still MUST determine 
overall rate law from 

experimentation!!

Slow INITIAL Step
• Use the molecularity (coefficients) to write the 
overall rate law when slow step is first (EASIEST)

• EXAMPLE:
NO2(g) + CO(g) à NO(g) + CO2(g)   (overall)

Rate = k [NO2]2

NO2(g) + NO2(g) à NO3(g) + NO(g)   (SLOW)
NO3(g) + CO(g) à NO2(g) + CO2(g)   (FAST)

Confirm the rate law for this reaction.

Slow NON-INITAL Step
•Write the rate law for the slow step and then… 
MORE WORK!

• EXAMPLE:
2A + 2B ! C + D   (overall)     /     Rate = k[A]2[B]

A + A ! X   (FAST)
X + B ! C + Y   (SLOW)

Y + B ! D   (FAST)

Confirm the overall rate law for this reaction.
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Practice
• EXAMPLE:

The experimentally determined rate law for a 
reaction is Rate = k [NO2] [F2].  A suggested 

mechanism for the reaction is seen below.  Write 
the overall reaction and determine if this is an 

acceptable mechanism.

NO2 + F2 à NO2F + F   (SLOW)

F + NO2 à NO2F   (FAST)

Catalysts
Substance that changes the speed of a reaction 

without undergoing a permanent change

• LOWER the Ea but do not change 
the ∆E for the reaction

• Provide an ALTERNATE reaction 
pathway

• Results in a higher percentage of 
effective collisions (FASTER RATE)

• Catalysts (present in the beginning) 
and intermediates (created) are 
NOT included in the overall reaction

!"#"$%&#&
Substance that changes the speed of a reaction 

without undergoing a permanent change

Arrhenius Equation
Relates rate constant for a reaction to 

temperature and activation energy 

k = Ae-Ea / RT

k = rate constant

A = collision frequency factor constant

Ea = activation energy

R = universal gas constant (8.314 J/mol·K)

T = temperature (K)

k increases with increasing temperature… k 
decreases with increasing activation energy!

When ln k vs. 1/T 
is plotted, the 
SLOPE of the 
line = -Ea/R

Homogeneous Catalysts
Exists in the SAME PHASE as the 

reacting molecules

• EXAMPLE: Chlorine gas (from CFCs) catalyzes 
the decomposition of ozone in the atmosphere.

Heterogeneous Catalysts
Exists in a DIFFERENT PHASE from the 

reacting molecules

• There is an ADSORPTION
(collection of a substances on 
the surface of another) of 
the catalyst to the reacting 
molecules

• EXAMPLE: Catalytic 
converters (contain Pt) in cars 
promote the conversion of 
CO, NO, and NO2 (poisonous 
from the exhaust) into CO2, 
H2O, and N2 (not poisonous)
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Enzymes
Biological catalysts made out of proteins

• Reactions are catalyzed at the ACTIVE SITE of the 
lock and key model between the protein and the enzyme

• SUBSTRATE is the compound undergoing the reaction 
at the active site

Reaction Coordinate Diagram

2 step mechanism

EXOTHERMIC
reaction… ending 
energy is LOWER!

Reactions Coordinate Diagram


