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EXPERIMENT 1 The Kinetics Of the

Dissociation of Hydrogen
Peroxide

Background

Kinetics is the study of the rate of chemical reactions. The study of kinetics is a key aspect of chem-
istry because it provides a great deal of insight into the step-by-step mechanism by which chemical
reactions occur.

One could generalize by stating that there are three things which affect the rate of chemical reac-
tions. These are temperature, concentration of reactants, the presence of a catalyst.

To explain these effects, a simple model known as a reaction coordinate diagram can be used (see
your text for an illustration). The reaction coordinate diagram provides a model for a chemical reac-
tion. For example, one could study a generic bimolecular reaction such as:

A+B—>C+D (EQ 1.1)

In order for a reaction to occur, molecule A must collide with molecule B with sufficient kinetic
energy to allow the activated complex to surpass the barrier known as the activation energy (£,).
Raising the temperature increases the rate of a chemical reaction by increasing the average kinetic
energy available in any single collision. It also increases the rate of a chemical reaction by increas-
ing the number of collisions per second.

Increasing the concentration of the reactants in a chemical reaction increases the rate of that reac-
tion because it increases the number of collisions between reactant molecules per unit time. The
greater the number of collisions per second, the greater the number of successful collisions leading
to product formation, and the faster the reaction.

Adding a catalyst to a chemical reaction increases the rate of the reaction by decreasing the size of
the activation energy. The catalyst changes the mechanism of the reaction in some way which pro-
vides an alternative path for the reaction such that the energy needed to produce product, the activa-
tion energy, is lowered. Therefore, at a given temperature, more molecules will have sufficient
energy to get over the activation energy barrier, and the rate of the reaction is increased. In this lab-
oratory, you will be studying all three of the things which affect the rate of a chemical reaction--
temperature, concentration of reactant, and the presence of a catalyst.
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The Kinetics of the Dissociation of Hydrogen Peroxide

The basic unit in a kinetic study is the rate law. For the generic reaction used as an example above,
the generic rate law will be:

rate = k[AT'[BP (EQ1.2)

where £ is the rate constant. The rate constant is not a true constant, as its value depends on tem-
perature. However, for a given temperature, it will have a constant value. In the above equation, x
and y are the order of the reaction with respect to A and B. The overall order of the reaction is x+y.
One of the goals of this laboratory is to determine the value of the rate constant and the order with
respect to the reactants in a reaction.

If there is a catalyst affecting the rate of the reaction, it will in general enter into the rate law. For
example if the substance E is a catalyst for the reaction above, then the rate law will be:

rate = K[ AF[BP[E]* (EQ1.3)

for the reaction:

E
A+B = C+D (EQ 1.4)

In this laboratory, you will be determining the order of a particular reaction with respect both to a
reactant and to a catalyst. You will be using the method of initial rates to determine the order of the
reaction with respect to the relevant chemical species. An example of the method is given below
and will be detailed by your instructor. But in essence, the method of initial rates involves doing
two or more runs of the chemical reaction to be studied. In the two runs, all the parameters are kept
constant (temperature, and the concentration of any reactants and/or catalyst) except one varies the
concentration of the species whose order is to be determined. For example, in the reaction above, if
one wanted to determine the order of the reaction with respect to the species A, one would do two
runs. In the first run, convenient values of temperature, and concentration of A, B and E would be
chosen and the initial rate would be measured. In the second run, one would keep the initial concen-
tration of B and of E, as well as the temperature constant, but double the concentration of the reac-
tant A. If the one doing the experiment were to then measure the rate of both the runs, he or she
would be able to determine from the ratio of the rate of the two runs the value of x, the order of the
reaction with respect to A.

ratel _ k[A]'[BY[EY
rate2  k[241'[BY[EY

(EQ 1.5)

The initial rate of reaction, rate 1 and rate 2, will be determined from a graph of concentration (or
volume in this experiment) versus time. The order of reaction x can be found for by simplifying the
equation and taking the natural logarithm of both side of the equation to solve for x. Using further
kinetic study x, y and z can be determine. Next, the measured rate of any of the reaction runs can be
used to solve for the rate constant, k, as shown by the equation:

k= rate

—_— (EQ 1.6)
[AT'[B]'[ET

Finally, the overall rate law with orders x, y, and z, the rate constant k with standard deviation can
be reported.

1-6 Chemistry 142 Grossmont College



Background

EXAMPLE 1.1

In an experiment similar to yours the diluted concentrations of A, B, and E and the initial rate are
listed below where all reactions took place at the same temperature.Determine the overall rate law.

TABLE 1.2

Mixture [A] (M) [B] (M) [E] (M) Initial Rate (mL/s)
1 0.055 0.052 0.035 0.00429

2 0.110 0.052 0.035 0.0118

3 0.110 0.110 0.035 0.0516

4 0.055 0.052 0.025 0.00424

One way to determine x, y, and z is to use the method of initial rates. To find z compare use the ratio
of rate 1 to rate 4:

429 x 10°ML i , .
ratel _ s _ k[0.055M71°[0.052M1°[0.035M ] (EQ1.7)
rated 44 107ML  £[0.055M1°70.052M1°[0.025M ]
S
Simplify by canceling like terms:
429 x 10°7L 003SU T
s_ - [0.035M] (EQ 1.8)

424x10°"mL [0.025M7
S

To find z take the natural log (or log, remember that In x = 2.303 log x) of both sides and solve for z:

429 x 10°1L
N

424 x 10°ML

z = S = 0.034842289 ~ 0 (EQ1.9)
1n(0.035M)

0.025M

In

The order is rounded to the nearest integer or half-integer. Using similar calculations x is calculated
to be 1.46 rounded to 1.5 and y is calculated to be 1.97 rounded to 2. This reaction is one and one-
half order with respect to A, second order with respect to B, and zero order with respect to C. The
overall order of the reaction is three and one-half order.

Using Equation 1.6 the rate constant, k, can be calculated for each mixture of the same temperature.
Using data for mix 1:

429 x 10°ML . .
k= — sz - = 123.0004133 ”‘35 ~ 120 ’”35
[0.055M]"°[0.052M1°[0.035] M s M s

(EQ 1.10)

An average k is calculated to be 120 mL M-3° s7 with a standard deviation of 2.7 mL M3° s, This
data has fair precision because all of the k values are within two standard deviations of the average
value. So, the overall law is

rate = (120 + 2.7 mL M3 s71) [A]"S[BJ[E]° or simplified to (EQ1.11)

rate = (120 + 2.7 mL M7 s71) [A]'°[B]? (EQ1.12)

Chemistry 142 Grossmont College 1-7



The Kinetics of the Dissociation of Hydrogen Peroxide

In the experiment on the decomposition of hydrogen peroxide, you will also measure the effect of
temperature. You will repeat one of your earlier runs, with the identical concentrations as before,
but now performing the reaction at both increased and at decreased temperatures. Of course, this
will change the rate of the reaction, because it will change the value of the rate constant. In this
case, you will measure the rate constant of the reaction at all four temperatures. These values will
allow you to calculate the activation energy (£,) for the reaction by using the Arrhenius method.
According to the Arrhenius equation:

E(I
k= de™ (EQ1.13)
or, taking the natural log:
In(k) = In(4) Eq or In(k) = Eq +1n(4) (EQ1.14)
RT RT ’

Using this second equation, it can be seen that if one can collect data for a particular reaction of the
rate constant at various temperatures then a graph of the natural log of the rate constant for a reac-
tion versus the inverse of the temperature (In & vs. 1/7), the graph will be a straight line with a slope
of E /R, R being the universal gas constant. The y-intercept of the graph will equal In A4.

In summary, then, for the catalyzed decomposition of hydrogen peroxide, you will be able to deter-
mine the rate law and the rate constant at various temperatures, as well as the activation energy of
the reaction.

The Experiment

The particular reaction to be studied is the decomposition of hydrogen peroxide in the presence of
the catalyst iodide ion. The reaction to be studied can be represented by:

-
2H,0, > 2H,00 %0, (EQ1.15)

The decomposition of hydrogen peroxide is spontaneous at room temperature, but it is too slow to
measure conveniently. The rate of the reaction is increased by the presence of ultraviolet light,
which is why commercial hydrogen peroxide is sold in light-resistant brown bottles. The addition
of iodide ion in the form of a solution of potassium iodide to the reaction will cause the reaction to
occur at a rate appropriate to study on the time scale of a few minutes.

The progress of the reaction will be followed by measuring the volume of oxygen released as a
function of time. For this reason, although a true rate constant will be measured, it will be in non-
conventional units. The units of the rate of reaction will be in mL of O, per minute. The actual rate
of the reaction will be determined from a graph of volume of O, versus time. The initial rate of the
reaction will be calculated as the maximum tangent slope of the graph.

By measuring the rate of the reaction at room temperature, but with a number of different reactant
concentration ratios, the “order” of the reaction with respect to both hydrogen peroxide and iodide
will be determined, as well as the rate constant at room temperature. By doing one of the reaction
concentration ratios at three other temperatures, and by using the Arrhenius equation, the student
will be able to calculate the activation energy and frequency factor for the reaction.

1-8 Chemistry 142 Grossmont College



Procedure

Procedure

Experimental Method

The experiment must be performed by groups of two or three (three being ideal). Begin by setting
up the apparatus as illustrated below:

FIGURE 1.1

Don't warmthe e
flask with your hands .7,

Shake s}
V/AE 4
4
g thermometei?— if

with
second hand

Your instructor will provide specifics, as the setup may vary somewhat. The 50 mL buret or gas
tube should be filled to somewhere near the top of the readable markings. The whole system should
be checked carefully for leaks. This can be done by sealing up the entire system and lowering the
beaker or leveling bulb. Use a rubber stopper if you are using the bulb to seal the system. If you use
a beaker, then pinch the hose to seal in order to check for leaks. If the system is sealed, the water
level in the buret or gas tube will go down slightly but after that hold steady. The purpose of the
beaker or leveling bulb is to assure that the pressure within the reaction vessel is the same as that in
the room. If there is a pressure differential between the room and the gases in the system, the
recorded volume change will be effected.

The effect of concentration of reactants on the rate of decomposition of H,0,. You will be
measuring the initial rate of reaction for three different concentration ratios. The three mixtures are
described in the table below:

TABLE 1.3

Reagents Mixture #1 Mixture #2 Mixture #3
0.10 MKI 15.0 mL 15.0 mL 30.0 mL
distilled H,O 35.0 mL 25.0 mL 20.0 mL
3% hydrogen peroxide 10.0 mL 20.0 mL 10.0 mL
total volume 60.0 mL 60.0 mL 60.0 mL

The first three reactions should be performed at room temperature. The potassium iodide solution
and the water can be added to the 250 mL Erlenmeyer flask and allowed to equilibrate at room tem-
perature in the water bath. The water in the bath should be between 4 and 8 cm deep. The hydrogen
peroxide should be added to a separate container and also allowed to equilibrate to the temperature
of the water bath. The solutions can be measured using graduated cylinders, but be sure to get the

Chemistry 142 Grossmont College 1-9



The Kinetics of the Dissociation of Hydrogen Peroxide

volumes as precise as possible and close to each other as possible (this will help you when you
do your calculations). If measuring pipets or burets are available, that would be preferable.

Before performing the experiment, measure the temperature of the water in the bath. It should be
very close to room temperature. This will be important, because for mixtures 1-3, you need to do
all three runs at the same temperature. Record the temperature of the bath in your lab notebooks.

Prepare a table in you lab notebook to record the data. The table should look something like this:

TABLE 1.4

Mix #1 Mix #2 Mix #3 Mix #4 Mix #5 Mix #6
Temp Temp Temp Temp temp temp

volume volume volume volume volume volume

(it el (i) reading reading reading reading reaching reading

0.0
0.5
1.0
1.5
2.0
2.5
3.0
3.5
4.0
45 !
5.0 ‘
5.5
6.0
6.5
7.0
7.5
8.0
8.5
9.0 \
9.5
10.0

When all is ready, pour the hydrogen peroxide into the reaction mixture, raise the beaker or leveling
bulb to somewhere near the top reading on the buret or gas tube and seal up the system. Once you
bring the level of the beaker of leveling bulb to the same height as the liquid in the buret, take your
first reading. It is not necessary to take readings in the first few seconds, so it is more important to
get a good reading than to take a reading as fast as possible. Because the water level will be mov-
ing, you will only be able to measure the volume to within = 0.1 mL. While one member of your
group is recording data, another should be swirling the Erlenmeyer flask at as constant a rate
as possible. If mixture #1 is stirred much less rapidly than mixture #3, this will affect your
results. Continue reading data every thirty seconds (being sure to equalize the water level each
time) for ten minutes or until at the water level in the buret has dropped at least 35 mL. Re-measure
the temperature in the bath. Your temperature will be the average of that measured before and after
the experiment.

1-10 Chemistry 142 Grossmont College



Calculations

Repeat the procedure for mixture #2 and #3, being sure to record the temperature before and after
the run.

The effect of changing temperature on the rate of decomposition of H,0,. Repeat the proce-
dure, using the same volumes of reagents as that used in mixture #1 at three other temperatures.
The minimum temperature should not be below 5 degrees centigrade, and the maximum tempera-
ture should not be above 45 degrees. For example if your room temperature data was collected at
21.2 °C, you could do runs at 12 °C, 30 °C and 40 °C (remember to always record your temperature
to the maximum precision the thermometer allows). In these runs it is especially important to let the
solutions equilibrate at the temperature of the water baths. The solutions should be allowed to
equilibrate for at least three minutes. Hopefully, the cold or hot water baths will be at a fairly con-
stant temperature. Be sure to record the temperature both before and after each run, and take an
average.

Calculations

The first step in performing the calculations is to prepare plots of volume versus time for all six
runs. If your graphing routine allows, you can plot all six runs on the same graph. Another option is
to plot runs 1-3 on one graph and runs 1, 4, 5, and 6 on another. Be absolutely sure you know which
curve corresponds to which run, and label your graph so that it is clear which is which as well.

For each of your runs, determine the maximum slope of the graph. You may do this by hand using
a ruler and getting the slope from calculating the rise over the run. Alternatively, you may use a
computer program such as VernierGraph or LoggerPro to determine the maximum slope of the
curve.

In any case, report the maximum slope of each run. This is the initial rate of the reaction. Be careful
about the units of the reaction rate. It would be helpful to record the results in a table.

Next, use the method of initial rates and your room temperature data to determine the order of the
reaction with respect to each of the reactants. Whatever mathematical method you use to extract
these orders, do not round off to an integer or to a half-integer at this point.

Once you have the orders, report your rate law for the reaction you studied. At this point, go ahead
and round the orders to the nearest integer or half-integer.

Now that you have the rate law, calculate the rate constant for each of your six runs. Again, be care-
ful about units. Note that in order to calculate &, you will have to calculate the concentration of
iodide ion and of hydrogen peroxide. This may be a bit trickier than it seems. For the three runs at
room temperature, calculate the average rate constant and the standard deviation. Report your
answer as k = ### + ### (average + standard deviation). Remember the standard deviation equa-

tion is:
d’ P (x;—x)?
c = Z_l_ = Z(_l)‘ (EQ 1.16)
n— n—

Next, prepare a graph of natural log of & versus the inverse of temperature. Use your average value
of k for the room temperature data. From a linear fit to your graph and the Arrhenius equation,
determine the value of the activation energy (£,) and the frequency factor (A).

Chemistry 142 Grossmont College 1-11



The Kinetics of the Dissociation of Hydrogen Peroxide
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Post Lab Questions

Post Lab Questions

1. What does the size of the standard deviation of & say about the precision of your measurements?

2. How linear was your Arrhenius plot? What does that say about your value of £,,?

3. What percentage of the hydrogen peroxide has been decomposed in mixture #1 when 20.0 mL
of O, gas has been evolved? Assume your room temperature, 740 torr of pressure, and a density
of 3% H,0, of 1.00 g/ml. Do not forget to take into account the vapor pressure of water.

4. Propose a mechanism for the reaction consistent with the rate law you measured.

Chemistry 142 Grossmont College 1-13
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EXPERIMENT 2 A Kinetic Study ofthe

Oxidation of an Alcohol
by Dichromate lon

Background

Kinetics

In the previous experiment, The Kinetics of the Dissociation of Hydrogen Peroxide, the initial rate
of the reaction was determined using a graph of concentration vs. time. The order of reaction was
found using the method of initial rates and the rate constant was solved for to determine the overall
rate law. But, the order and rate constant can also be determined using an integrated rate law. Using
the unimolecular reaction A — D + E a general rate expression

A[A] _

=l = k[A] (EQ 2.1)

can be read as “The molar concentration of reactant A decreases with time in proportion to the
instantaneous molar concentration of A to the x™ power. The overall reaction order be x. The letter
k represents the specific rate constant for the reaction.

The value of x, hence the kinetic order in [A], may be determined by observing the change in the
value of [A] as the reaction proceeds. The integrated rate expressions for zero, first and second
order reactions are given in Equation 2.2:

zero order [A] = —kt+[A]

first order lnw = —kt or In[A] = —kt+ In[A],

[Alo (EQ2.2)
1 1
second order — =kt + —
[A] [Alo

Each of these expressions is seen to be in the form of a linear equation, y = mx + b where x is time
and y is some function of [A]. A linear plot of [A] vs. ¢ is observed for a zero order dependence of
rate upon [A] with a slope of k. First order reactions yield a linear plot of In[A] vs. ¢ with a slope of
—k . A linear plot of 1/[A] vs. ¢ indicates a second order dependence of rate upon [A] with a slope of
k. Figure 2.1 illustrates these relationships.

Chemistry 142 Grossmont College 2-15



A Kinetic Study of the Oxidation of an Alcohol by Dichromate lon

FIGURE 2.1

zero order first order second order

(Al InA] 1Al /

Spectrophotometry

An instrument that measures the relative intensity that is associated with the wavelength of radia-
tion from a sample is called a spectrophotometer. Spectroscopic measurements generally use a light
source, dispersive device (like a mirror), and a detector to analyze the absorption or emission spec-
trum of a sample. Absorption spectra are often defined by their percent transmittance, %T, defined
in Equation 2.3:

%T = 100([@ (EQ2.3)

where [ = light transmitted by the solution, and /, = light incident upon the solution. Absorbance,
A, is another way to describe spectra: Rearranging Equation 2.3 for absorbance yields Equation
2.4:

100
A =1o (—) EQ24
S\%T (Fa24)
The amount of visible light a sample absorbs in aqueous solution is in direct proportion to the con-

centration of the solute according to Beer’s Law Equation 2.5:

A= _1og(li) — gbe (EQ2.5)
(4]

where 4 = absorbance, € = the extinction coefficient (or molar absorptivity), & = the length of the
light path in centimeters and ¢ = the molar concentration of solute. A It is therefore possible to fol-
low quantitatively the rate of a chemical reaction involving a light-absorbing reactant or product by
observing the change in the absorbance of the reactant or product with time. Rearranging Equation
2.5 in terms of concentration yields:

c == (EQ 2.6)

So, combining the first order reaction Equation 2.2 and Equation 2.6, where c¢ is [A] and [A],
respectively, changes the first order equation from being in terms of concentration to absorbance:
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Background

A
ln@ = —kt becomes In b _ —kt (EQ2.7)
[Alo 4,
eb
Simplifying and putting into y = mx+ b form gives:
In(4) = —kt+ In(4,) (EQ 2.8)

However, 4, is not so small that it can ignored. A correction needs to be included to account for the
fact that when the reaction has reached completion at t = oo, there will still be some absorbance of
light. So, the absorbance at t = o0, 4., must be subtracted from the absorbance terms in Equation
2.8:

In(Ad-A,) = —kt+1In(4y—A4,) (EQ 2.9)

So, if the reaction is first order a graph of In(A-A4,,) versus time will give a linear graph where the
slope of the line is k or in this experiment k.. Similar relationships can be derived for zero and
second order reactions as well. In this experiment a pseduo-first order reaction will be used to
determine the overall rate law.

The activation energy for a reaction may be determined by application of the Arrhenius equation
in the form:

E
1nl£2 = —5’[—1-——1-} (EQ 2.10)
k, RLT, T,

E, is the activation energy, R = 8.314 J/Kemol and T, and 7 are the kelvin temperatures for reac-
tions having rate constants k, and k, respectively. By determining & or &, for a reaction at different
temperatures maintaining constant reactant concentrations, and substituting the proper values into

the expression the activation energy is obtained.

v 1+ You will use either the SpectroVis or the Spec20 for your experiment,
- - consult your instructor for more information.

Pseudo-x-th Order Reactions

Many reactions have more than one reactant. A general rate expression for the termolecular reac-
tionA+B+ C— D+E +F would be:

A[A] _ 4 ATBYICT (EQ 2.11)
At

read as “The molar concentration of reactant A decreases with time in proportion to the instanta-

neous molar concentration of A to the x™ power times B to the " power times C to the z" power.”

The values of x, y and z are respectively the orders of the reaction in A, B and C. The overall reac-

tion order would be x + y + z. The letter k represents the specific rate constant for the reaction.

However, solving for the orders of multiple reactants can be complicated. So, pseudo-x-th order
conditions are used. For example, the reaction conditions may be arranged such that the values of
[B] and [C] remain essentially constant over the course of the reaction. For instance, if [B], = [C],
=1.000 M and [A], = 1x107 M, according to stoichiometry of the reaction at ¢ = oo, [B] = [C] =
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0.999 M and [A] =0 M. Thus, [B] and [C] and therefore [B]* and [C]” are essentially constant. The
rate expression then becomes:

A[A] _

v —k[AT'[BY[C]” = —k[A]" (EQ 2.12)

wherein k¢ (the observed rate constant) is equal to k& [B]Y[C]%. This is then a pseudo - x™ order
reaction, where x = the reaction order in [A] (i.e. if x = 1 the reaction is pseudo-first order, if x =2 it
is pseudo-second order). As only [A] is changing, only the effect of [A] on the rate is observed.
Having now determined the value of &, and the kinetic order of the reaction in A, the reaction
order in B and C and the value of the specific rate constant k£ can be evaluated. Maintaining pseudo-
x™ order conditions of relatively large concentrations of B and C, the values of [B] and [C] are var-
ied. The effect of variation of [B] and [C] on the calculated value of k, will indicate the reaction

order in B and in C. Once again using the method of initial rates to determine y and z.

Consider the example where [A] = 1x107 M and [B] = [C] = 1.000 M. Recall that ko, = K[BP[C]~
What would be the effect of doubling the concentration of B to 2.000 M, if y = 0? Using the method
of initial rates:

Kobs1 _ —k[1.000 M]°[1.000 M]*

5 (EQ 2.13)
Kobs 2 —k[2.000 M]°[1.000 M]z
k
obsl — 4 (EQ 2.14)
kobs2
Kops1 = Kobsa (EQ 2.15)

Therefore, when y = 0 and the concentration is doubled the observed rate constants, kg ; and kg 5.
are equal. So, for a zero order reaction changing the concentration has no effect on the observed
rate constant or the rate.

What would be the effect of doubling the concentration of B to 2.000 M, if y = 1? Using the method
of initial rates:

kobs1 _ —k[1.000 M1'[1.000 M]°

1 (EQ 2.16)
kobs3  —k[2.000 M1'[1.000 MT°
k
—obs1 = 0.5000 (EQ 2.17)
obs 3
2kobs 1= kobs 3 (EQ2.18)

Therefore, when y = 1 and the concentration is doubled the observed rate constant is also doubled.
So, for a first order reaction the rate changes by the same factor as the concentration.

What would be the effect of doubling the concentration of B to 2.000 M, if y = 2? Using the method
of initial rates:

Kobs1 _ —k[1.000 M]°[1.000 M]°
Kobsa  —k[2.000 M]*[1.000 M

(EQ 2.19)
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k
—obsl = (0.5000)° (EQ 2.20)
kobs 4

4k gps1 = Kobs 4 (EQ 2.21)

Therefore, when y = 2 and the concentration is doubled the observed rate constant is quadrupled.
So, for a second order reaction the rate changes by the square of the factor that the concentration
changes. Table 2.1 gives a summary of these data:

TABLE 2.1

Reaction %" [A],(M)  [Bl,(M) [Cly(M) kg,

of y
1 y 1x1073 1.000 1.000 x
2 0 1x1073 2.000 1.000 5
3 1 1x1073 2.000 1.000 2x
4 2 1x1073 2.000 1.000 4x

A similar series of experiments will serve to evaluate z. With x determined by graphical analysis
along with k., and y and z determined by variation of [B] and [C], the overall specific rate con-
stant £ may be evaluated for each kinetic run by simply substituting the determined values of each
variable into Equation 2.22:

k= & (EQ 2.22)

[BI'[CT
The Experiment

The specific rate constant at room temperature and the activation energy for the oxidation of iso-
propyl alcohol by dichromate ion in acid solution will be determined by measuring spectrophoto-
metrically the rate of disappearance of dichromate ion in the course of the reaction under controlled
conditions specifically pseudo-first order conditions will be used to simplify the math. The overall
rate law for the reaction can then be determined.

Dichromate ion oxidizes isopropyl alcohol in the presence of hydrogen ion in aqueous solution to
yield acetone. The unbalanced equation is:

+

H
2- 3+
C3H80 (aq) + Cr207 (aq) C3H60 (aq) + Cr (aq) (EQ 223)
2-propanol dichromate ion 2-propanone chromium(III) ion
colorless yellow-orange colorless green

In the process, the dichromate ion is reduced to chromium(III) ion. The only reactant that absorbs
visible light is dichromate ion. Remember that the color of an object is the result of the absorption
of light energy by its electrons. The dichromate ion appears yellow-orange, but that means that it
absorbs light in the blue-purple portion of the spectrum. So the maximum absorbance should be in
the range of 400 to 490 nm. The only other colored product is chromium(III) ion which does not
absorb light at this wavelength because it appears green and absorbs in the red portion of the spec-
trum. It is therefore possible to utilize the absorbance of the solution at approximately 444 nm (or at
wavelength at maximum absorbance as determined by the instrument) as a direct measure of the
dichromate ion concentration in a kinetic study of the reaction.
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The rate expression for the reaction is written in Equation 2.24:

2-
- A[LZOL] ~ k[Cr,02]"[H'] [alcohol |° (EQ 2.24)
Under conditions wherein [H'] and [alcohol] » [Cr2072’] and therefore changes very little because
dichrmoate in the limiting reagent in the reaction. The reaction may be considered pseudo - g
order in dichromate ion, and the concentrations of hydrogen ion and alcohol are relatively constant
(which is why the correction factor in necessary). Under these conditions &, can be expressed as
in Equation 2.25:

k.. = k[H'] [alcohol]® (EQ 2.25)

obs

Therefore the observed rate can be expressed as:

_ A[Cr,07]

e - k[Cr,02 1" [H'T Talcohol | =

2..a
obs €107 ] (EQ 2.26)

rate,,, = k,,[Cr,07] (EQ2.27)

In this experiment a pseudo-first order will be applied, so a = 1. Therefore, a graph of In(A-4.,) ver-
sus time will give a linear graph where the slope of the line is k or using pseudo order conditions
kyps- Then using the method of initial rates the orders for b and ¢ can be found as well as the average
rate constant, k, and standard deviation. So that the overall pseudo first order rate law can be deter-
mined.

rate = k[Cr,02] [H'] [alcohol|* (EQ 2.28)

2-20 Chemistry 142 Grossmont College



Procedure

Procedure

Your instructor will tell you if you are using the SpectroVis or the Spec20 to collect your data.

Using SpectroVis

1.

Starting in “Time Based” mode, calibrate the spectrometer using a cuvette filled with deionized
water, a “blank”, before the first use. The absorbance reading should be 0.000. Recalibrate until
you get an absorbance of about 0.000. Condition the cuvette by rinsing it 2-3 times with DI
water.

Now, change to “Full Spectrum” mode to find the maximum absorbance of potassium dichro-
mate using the spectrometer by graphing absorbance versus wavelength. Fill a clean cuvette
with 1 mL of potassium dichromate solution and dilute with deionized water and generate a
graph.

Change back to “Time Based” mode to do the experiment. Set up the SpectroVis to record
absorbance versus time at 0.5 minute intervals for 7 minutes.

Now your dilute dichromate solution should have an absorbance reading if you left it in the
spectrophotometer when you changed modes.Check to see that your blank has an absorbance of
0.000 and recalibrate if it does not.

Label three clean, dry tubes and as precisely as possible measure, from the burets provided, the
following quantities of reagents.

TABLE 2.2

10.

tube 1 tube 2 tube 3
isopropyl alcohol 0.75M 1.00mL 2.00mL 1.00 mL
H,S0,4, 3.0 M 500mL 250mL 2.50 mL
DI H,0 0.50mL 2.00mL 3.00 mL

Rapidly (but precisely) pipet 1.00 mL of 1.81x1072 M potassium dichromate solution into “tube
17, stopper and invert to mix, and pour into the small cuvette (you will have more than enough
solution).

Measure the temperature of the solution and begin reading 4 at 0.5 minute intervals. After 7
minutes have elapsed, discontinue readings, measure the temperature of the solution (the aver-
age of the two temps will be used), and set the cuvette aside. Do not dispose of the solution in
this cuvette yet.

Repeat steps 3—4 for tubes 2 and 3.

After one hour has elapsed since the last reading, read the 4 for the tube exhibiting the fastest
reaction rate. Use this value for your infinity reading.

Repeat the procedure (these are runs 4 & 5) of runs two and three at a temperature of 35 °C. Pre-
pare a water bath at 35 °C and equilibrate the tubes containing all reagents except dichromate
solution, which should be equilibrated separately. Equilibrate the dichromate solution sepa-
rately. Between readings keep the tubes in the water bath. Be careful to dry tubes before each
reading. Measure the temperature of the solutions before and after the kinetic runs. Use the
average temperature in your calculations. Determine infinity readings after one hour.

Using Spectronic 20

1.

The “Spectronic 20" spectrophotometer should be turned on (left-front knob) and allowed to
warm up while solutions are prepared. Adjust the wavelength dial to 444 nm with the filter set-
ting in the correct position. Follow the instructions on the instrument to calibrate it before your
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first use. Using the left knob set the %T to 0. Set mode to %T on A. Insert the blank, a cuvette
filled with water. Set %T to 100% or A to o using the right knob. Insert sample. Record mea-
surements. When you are finished calibrating, make sure that you set the instrument to
measure in absorbance.

2. Label three clean, dry tubes and as precisely as possible measure, from the burets provided, the
following quantities of reagents.

TABLE 2.3

tube 1 tube 2 tube 3
isopropyl alcohol 0.75M 1.00mL 2.00mL 1.00 mL
H,SO,4, 3.0 M 500mL 2.50mL 2.50 mL
DI H,0 0.50mL 2.00mL 3.00 mL

3. Measure the temperature of the solutions at the beginning and at the end of the kinetic runs.
Use the average temperature in your calculations.

4. Rapidly (but precisely) pipet 1.00 mL of 1.81x107% M potassium dichromate solution into each
of the three tubes—stopper and invert to mix—begin reading 4 in a rotating sequence at 0.5 min
intervals (see Table 2.4 on page 23). Be careful to position the tubes in exactly the same way for
each reading. After 22 minutes have elapsed, discontinue readings. After one hour has elapsed
since the last reading, read the A for the tube exhibiting the fastest reaction rate. Use this value
for your infinity reading.

5. Repeat the procedure (runs 4 & 5) of runs two and three at a temperature of 35 °C. Prepare a
water bath at 35 °C and equilibrate the tubes containing all reagents except dichromate solution,
which should be equilibrated separately. Equilibrate the dichromate solution separately.
Between readings keep the tubes in the water bath. Be careful to dry tubes before each reading.
Measure the temperature of the solutions before and after the kinetic runs. Use the average tem-
perature in your calculations. Determine infinity readings after one hour.
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TABLE 2.4 A Readings at maximum wavelength (nm) (Sample Table for Spectronic 20)

run 1

run 2

run 3

0.75 M alcohol
3.0 M H,SO,

DI H,0
1.8x1072 M Cr,0,*

initial temperature

1.00 mL
5.00 mL
0.50 mL

1.00 mL
t (min)
0

0.5

1.0

1.5

2.0

2.5

3.0

3.5

4.0

4.5

5.0

5.5

6.0

6.5

7.0

o0

2.00 mL
2.50 mL
2.00 mL

1.00 mL
A t (min)

il - -

gl el el
ZLZZ

v

final temperature

1.00 mL
2.50 mL
3.00 mL

1.00 mL

T S|

obs
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Calculations

1. Make a plot of In(4—A4,,) vs. time for each of the five kinetic runs. From the slopes of the plots
determine the observed rate constant for the reaction.

2. From the relationship kg, = k[H"1P[alcohol]¢ calculate the overall rate constant for each of the
first three runs and report these values and the average value.

3. Use the values of &, and the temperatures for paired runs two and four and three and five to
determine the activation energy for the reaction. Report the individual and average values for
the activation energy.
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Post Laboratory Questions

1. The formula for isopropyl alcohol is C;HgO. The product of the oxidation of isopropyl alcohol
is C;H¢O. Write a balanced equation for the oxidation of isopropyl alcohol by dichromate ion in
acidic solution.

2. If the observed rate constant for the oxidation reaction at 35.0 °C is 6.75x1072 min™ ' and at 25.0
°C is 3.25x10 2 min"!, what is the activation energy for the reaction?

3. What is the rate constant for the reaction in Question 2 at 45.0 °C?

4. If the initial concentration of dichromate ion in Question 2 at 25.0 °C is 1.50x10~* M, what will
be the concentration of dichromate at 30.0 min?
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EXPERIMENT 3 Determination OfKa, Kb’

and % lonization from
pH

Background

Like many substances acids and bases were first defined phenomenologically. That is, chemists
defined them according to their chemical behavior. For instance, acids were those substances that
tasted sour, reacted with certain metals to produce hydrogen gas, and caused a color change in cer-
tain indicator solutions. Bases, were those substances that tasted bitter, turned certain indicator
solutions a certain color, and felt slippery. As time has progressed chemists have devised more fun-
damental definitions of acids and bases.

There are a number of different definitions of acids and bases which are useful to chemists. One
example is the Arrhenius definition. In this definition acids are those substances that increase the
concentration hydrogen ion in solution and bases are those substances that increase the concentra-
tion of hydroxide ion in solution.

A broader definition was developed by the Danish chemist Johannes Brensted and the English
chemist Thomas Lowry. Their definitions follow:

Broensted-Lowry Acid: A substance that can donate a proton.

—A + _[H;07][A ]
HA @ T H,0O o= A @t H;0 @ Ki= W (EQ 3.1)
Broensted-Lowry Base: A substance that can accept a proton.
— BH* - _ [BH]J[OH ]
B (aq) +H,0 (U BH (aq) +OH (aq) K, = T (EQ 3.2)

Acid and base molecules and ions that differ only by the addition or removal of a proton are called
conjugate pairs. For example HA/A™ and B/BH" both represent conjugate acid-base pairs. It
may be shown that the K, of an acid times the K, of its conjugate base are equal to K, (Make sure
that you can derive this.). Therefore for the acid HA, the K, of its conjugate base, A™, is K, /K,
where K, = 1.0 x 107'*=[H;0"][OH ] at 25 °C and pH = -log[H;0"].
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Strong Acids and Bases

Acids and bases which are essentially 100% dissociated in water are said to be strong. The common
strong acids and bases are listed in Table 3.1

TABLE 3.1 Common Strong Acids and Bases

Strong Acids Strong Bases

hydrochloric acid (HCI) lithium hydroxide (LiOH)

hydrobromic acid (HBr) sodium hydroxide (NaOH)

hydroiodic acid (HI) potassium hydroxide (KOH)

nitric acid (HNO;) calcium hydroxide (Ca(OH),)

sulfuric acid (H,SO,) strontium hydroxide (Sr(OH),)

perchloric acid (HC1O,) barium hydroxide (Ba(OH),) *slightly soluble*
chloric acid (HCIO5)

The dissociation constants for the strong acids and bases are undefined because the concentration
of the undissociated form is essentially zero, which would result in a value of infinity.

Calculating K, and K,

Consider the reaction of an acid HA in water to produce A™ and the hydronium ion. Each conjugate
pair can be identified. Numerical values of the dissociation constants for weak acids and bases may
be determined by measuring the pH of the solution. If the pH is observed to be 3.20 then:

[H,0°1 = 10°*M = 631x10 M = x (EQ 3.3)

For a weak acid, the hydronium ion concentration, [H;O"], is approximately equal to the concentra-
tion of the conjugate base [A™] as shown below:

acid base conjugate base conjugate acid
HA (4q) + H,0 ) - A (ag) + H;0" o)
0.10 M 55 M oM 107 M
—X —X +x +x
0.1I0M—-x~= S55M-x~= x=631x10*M 107" M+x=
0.10M—-6.31x 10* M = 55M—631x 104 M=~ x~631x 104 M
0.10 M 55M

Substituting the equilibrium values from above into the K, expression yields a numerical value for
the experimental K ;:

_M0'IA] | [k (631x107Y

a = 4.0x10° (EQ 3.4)
[HA] (0.10-x)  (0.10-631x10"")

We can also use the expression given above for the relationship of X to K;:

K - _
K,forA- = 2 = —— = 2.5x10 (EQ 3.5)
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If the pH reading is greater than 7 the solution is basic and the [OH™] will be used to calculate K.

If the pH is observed to be 11.45 then the [OH ] = 10P°" = 10725 = 0.0028 M = x and,

base acid conjugate acid conjugate base
B (ag) + H,0 ) - BH (4) + OH ()
I 0.10 M 55M 0 10”7
A —x X +x +x
0.10M—-x= 55M-x= x=0.0028 M 107" M+x=
0.10 M —0.0028 M = 55M-0.0028 M = x=0.0028 M
E 0.10M 55M

Notice that water is amphoteric and can act as either as acid or a base. The experimental K}, is

+ - -2.55.2
_[BHIOH] _ _(077)  _ g5.q0° (EQ 3.6)

[B] (0.10— 0.0028)

K,

Within what pH range can you prudently neglect the molarities of the ions in deionized water when
added to dissociation products?

A more precise way of measuring K, for a weak acid is to prepare a solution containing equal
molarities of the weak acid and a salt of its conjugate base. Under this maximum buffer capacity
condition the pH = pK,, or [H;0"] = K,,. Make certain that you know why this is so.

Percent Dissociation

The percentage dissociation is a measure of the molarity of one conjugate species in the equilib-
rium mixture compared to the initial molarity of the other conjugate species. It is a measurement of
the extent of ionization. The greater the % dissociation the more ionized the acid or base.

For a weak base the percent dissociation can be calculate in the following manner. The data are
from the example above.

-2.55

+ —
(BH | _ o] % 100%=2.82% (EQ3.)

[ initial [ initial

10

% dissociation = x 100% =

Procedure

Part 1
1. Measure the pH of each of the following:

a. tap water
b. deionized water

c. “Outgassed” deionized water
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d. The outgassed water after you have bubbled your breath through this water for 20-30
seconds.

\ 1, To outgas a sample of deionized water, gently boil it in an Erlenmeyer
- - flask for at least 10 minutes. Cool and stopper the flask to prevent con-
tact with the lab’s atmosphere.

Answer the procedure questions to questions to explain your observations for a-d.

Part 2

1. Obtain about 10 mL of 6 M acetic acid. Dilute exactly 5 mL of the 6 M solution to 25 mL in a
graduated cylinder. Repeat the dilution by diluting 5 mL of the second solution to 25 mL.
Repeat this procedure until [HC,H;0,] = 7x107 M.

2. Measure the pH of each solution starting with the most dilute, [HC,H;0,] ~ 7x107 M, to the
most concentrated, 6 M.

3. Calculate the % dissociation for each solution. Prepare a graph of %D vs. [HC,H;0,] and com-
pare it to the Figure 3.1 on page 30. Explain the trend observed. Generate a linear graph by
choosing an appropriate function. Calculate K, from the graph. Find the percent error.

4. Manually calculate the X, for acetic acid. Determine an average K, standard deviation, and per-
cent error. Analyze both K, values, which is the more accurate way of determining X,?

FIGURE 3.1
Acid Dissociation Changes with Dilution
Percent Dissociation vs. Acetic Acid Concentration (M)
5.0
__-4.2% dissociation
40!
=
5|
g |
S 30 |
g
i \
E 20 4
S
= \ 0.42% dissociation
1.0 ) S \\
% ] N
0
0 0.2 0.4 0.6 0.8 1.0
Concentration of CH,COOH (M)
Calculations

Be sure to look up the theoretical pK, values for acetic acid, and the acids and bases in the post lab
questions in the CRC Handbook.
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Procedure Questions

Part 1

1. What is the pH of the tap water? Was this value what you expected? Why or why not? What
ions contribute to the pH?

2. What is the pH of the deionized water? Was this value what you expected why or why not?

3. What is the pH of the outgassed water? Why did the pH change?

4. What is the pH of the outgassed water that you bubbled into for 20-30 seconds? Why did the pH
change? Write a balanced chemical equation to support your answer.
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Post Lab Questions

1. The experimental pH of a 0.25 M solution of acetic acid, HC,H;0,, is 2.65.

a. Is the solution acidic, basic, or neutral?

b. Write the balanced net ionic equilibrium reaction. Identify the acid, base, conjugate acid,
and conjugate base. Write the equilibrium expression K, for the reaction.

c. The theoretical pK, of acetic acid from the CRC Handbook is 4.756. Calculate the theo-
retical K.

d. What is the theoretical pK,?

2. The experimental pH of a 0.25 M NaC,H;0, solution is 9.14.

Is the solution acidic, basic, or neutral?

b. Write the balanced net ionic equilibrium reaction. Identify the acid, base, conjugate acid,
and conjugate base. Write the equilibrium expression K, for the reaction.

c. Why don’t you include the sodium ion in the net ionic equation?

d. The theoretical pK, of sodium acetate is 9.244. Calculate the theoretical K.

e. What is the theoretical pK,?
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3. What do you notice about the theoretical pK, and pK, for acetic acid and sodium acetate?

4. Write the overall reaction if the net ionic equilibrium reactions 1b and 2b are combined. What is
the numerical value of new equilibrium constant for the overall reaction?

5. The experimental pH of a 0.25 M solution of ammonia, NH;, is 11.33.
a. Is the solution acidic, basic, or neutral?

b. Write the balanced net ionic equilibrium reaction. Identify the acid, base, conjugate acid,
and conjugate base. Write the equilibrium expression K for the reaction.

c. Look up the theoretical pK, from the CRC Handbook
d. Calculate the theoretical pKy and K.

6. The experimental pH of a 0.25 M solution of ammonium chloride, NH,ClI, is 4.89.
a. Is the solution acidic, basic, or neutral?

b. Write the balanced net ionic equilibrium reaction. Identify the acid, base, conjugate acid,
and conjugate base. Write the equilibrium expression K, for the reaction.

c. Why don’t you include the chloride ion in the net ionic equation?

d. Look up the theoretical pK, from the CRC Handbook
e. Calculate the theoretical K.
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7. The experimental pH of a 0.25 M solution of phosphoric acid, H;PO,, is 1.48.
a. Is the solution acidic, basic, or neutral?

b. Write the balanced net ionic equilibrium reaction. Identify the acid, base, conjugate acid,
and conjugate base. Write the equilibrium expression K, for the reaction.

c. Look up the theoretical pK, from the CRC Handbook
8. The experimental pH of a 0.25 M solution of potassium dihydrogen phosphate, KH,PO,, is 3.99.
a. Is the solution acidic, basic, or neutral?

b. Write the balanced net ionic equilibrium reaction. Identify the acid, base, conjugate acid,
and conjugate base. Write the equilibrium expression K, for the reaction.

c. Look up the theoretical pK, from the CRC Handbook .
9. The experimental pH of a 0.25 M solution of potassium hydorgen phosphate, K,HPO,, is 10.25.
a. Is the solution acidic, basic, or neutral?

b. Write the balanced net ionic equilibrium reaction. Identify the acid, base, conjugate acid,
and conjugate base. Write the equilibrium expression K, for the reaction.

c. Look up the theoretical pK, from the CRC Handbook
10. The experimental pH of a 0.25 M solution of potassium phosphate, K;PO,, is 12.86.
a. Is the solution acidic, basic, or neutral?

b. Write the balanced net ionic equilibrium reaction. Identify the acid, base, conjugate acid,
and conjugate base. Write the equilibrium expression K, for the reaction.

c. Look up the theoretical pK, from the CRC Handbook

11. Why does pH become more (very) basic as each hydrogen ion is removed?
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12. The experimental pH of a 0.25 M solution of boric acid, H;BOj;, is 4.98.
a. Is the solution acidic, basic, or neutral?

b. Write the balanced net ionic equilibrium reaction. Identify the acid, base, conjugate acid,
and conjugate base.

c. Calculate the [H;0"].

d. Calculate the pOH.

e. Calculate the [OH].

f. Using the net ionic equilibrium reaction complete an ICE table to show the concentra-
tions of all species at equilibrium.

g. Calculate the experimental K, and pK,.

h. Calculate the percent dissociation.

i. From CRC Handbook theoretical pK, calculate K,

j.  What is the percent error of K,?
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13. The experimental pH of a 0.25 M solution of methylamine, CH;NH,, solution is 11.95.
a. Is the solution acidic, basic, or neutral?

b. Write the balanced net ionic equilibrium reaction. Identify the acid, base, conjugate acid,
and conjugate base.

c. Calculate the [H;0"].

d. Calculate the pOH.

e. Calculate the [OH].

f. Using th