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The Arrhenius Equation and Activation Energy

Introduction:

In this lab, our task is to determine how different degrees of temperature
affect reaction rates.

A Swedish chemist, named Svante Arrhenius discovered the relationship
between temperature and reaction rate. In finding this relationship a new

equation was formed called the Arrhenius Equation:

Reaction rate constant k = A e =2/%"

The factor A represents the frequency of collisions between two molecules
in the proper orientation for reactions to occur. The value of A is determined by

experiment and will be different for every reaction. The value of the exponential

—Ea/RT

terme describes the fraction of molecules with the minimum energy

required to react, R is the gas constant, 8.314 J/mol-K, T is the temperature in
Kelvin and Ea is the activation energy. Activation energy of a reaction is the
minimum amount of energy needed to start the reactions.

In order to understand and make use of this equation, we must include the
Collision Theory. Collision Theory states that in order for a reaction to occur, two
molecules must collide in the proper orientation and posses a minimum amount
of energy to react. The Arrhenius equation accounts for all of the requirements of
Collision Theory.

The Arrhenius equation can be rearranged and combined to determine the
activation energy for a reaction based on how the rate constant changes with

temperature:
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In this lab, we will be calculating the rate constants for each of the four

temperatures. The four temperatures include: 23, 40, 50, and 60 degrees

Celsius. After the rate constant is found for these temperatures, we will use the

Arrhenius Equation to solve for E; and A by an analytical approach. Additionally

we will use a graphically approach to solve for these values.

Data/Observations:

Acetone| HCI I, Rate = - [I,] Temp 1/K K In K
Runs Mol/l Mol/l Mol/l Atmol/l s K m's’

1 40M/ 1.0M/ 0.005M / 1.54 X10 -5 296 0.00338 [9.63 X10-5| -9.25
010L .010L .010L

2 40M/ 1.0M/ 0.005M / 1.05X 10 -4 312.5 | 0.00320 | 6.56 X10-4 | -7.33
.010L .010L .010L

3 40M/ | 1.0M/ | 0.005M/ 2.35X 10 -4 322 | 0.00311 | 0.00147 | -6.52
.010L .010L .010L

4 40M/ 1.0M/ 0.005M / 571 X10-4 330.3 | 0.00303 0.00357 -5.64
.010L .010L .010L

Calculations:

Calculations for R, T, 1/K, and In k

Calculations for R

R=-(0.001- 0.005)

260

Calculations for T

TI=23C +273 K=
TF=23C + 273 K=
Calculations for 1/K

1/K1/296 K =

Calculations for In k
InkIn(9.63X10°m's")=-9.25

=1.54 X 10-5 mol/L s

296K + 296 K = 592/2= 296K

296 K

0.00338




Data and Calculation Problems

1.Calculations for k

k =[0.8][0.2][0.001] = 1.54 X107 k =9.63X10-5m"s™
0.16 0.16
2a. Calculations for Ea 1
Ea=-(8.314 J/IMol K) In(6.56 X10-4m”s™) 1 - 1
(9.63X10-5m"s™ 312.5K 296 K
Ea= 89428 ----mmmmmmmm- ->8.94 X 10 * J/Mol
Ea= 8.94 X 10" KJ/Mol
2b. Calculations for Ea 2
Ea=-(8.314 J/Mol K) In (.00357 m”'s™) 1 - 1
(.00147 m"'s ™) 330.3K 322K
Ea= 94530 ----mmmmmmmm- ->9.45 X 10 * J/Mol

Ea=9.45 X 10 ' KJ/Mol

3a. Calculations for Average of Ea Analytically
Avg = 8.94 X 10* +9.45 X 10 * J/Mol

184000/ 2
Avg=9.20 X 10* J/Mol

Calculations for Average of Ea Graphically

M(slope)=-Ea
R
-10239 = -Ea
8.314 J/Mol

Ea=8.51 X 10 * J/Mol

3b. The value found for Ea analytically is 9.20 X 10* J/Mol and the value for Ea
found graphically is 8.51 X 10 * J/Mol. The difference between the two is 6873

JIMol. The value of 9.20 X 10* J/Mol was found experimentally, while the value



of 8.51 X 10 * J/Mol was found by using experimental data to find the best-fit
equation for the line. Because this was a best-fit equation done by a computer
working with the experimental data a difference is expected. It should be noted

that the difference of the two figures is relatively small.

Conclusion:

In this lab, we experimentally tested how reaction rates change with
varying degrees of temperature. We tested this by measuring out specific
volumes of reactants, when the final reactant was placed in the flask we started
the stopwatch. We were able to time the reaction visually by the change in color,
once the reactant color turned clear the reaction was over and the stopwatch was
stopped. We did this four times with the variable being the temperature of the
water baths that the flasks were in. The first run was done with no water bath,
thus at room temperature of 23°C and the other three runs at 40, 50 and 60° C.
When we solved for E,1 the value was 8.94 X10% KJ/Mol this represents the two
lowest temperature and the value of Ea2 was 9.45 X 10" KJ/Mol for the two
highest temperatures. Our data supports the idea that as temperature increases
the rate increased, this was the true for all four runs. As with any experiment
there is always a margin of error, in this case we were not working in a closed
environment, and the fact that we took the flask out of the water baths before
reading the final temperature occur twice which could possible provide an error.
Prior to doing this lab, | have been told as well as have read that it is a clear
understanding in the scientific world that a change of 10°C will double the rate of

a reaction. We tested this in this lab, and once again this understanding has



been substantiated. This experiment emphasized that the Arrhenius equation is
a proving powerful tool for predicting reaction rates over a wide range of
temperatures. After a final analysis of our data, | feel confident that our
experiment was a success. My understanding of this concept is more firmly in

place than prior to this experiment.
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