EXPERIMENT 3
ELECTROCHEMISTRY

You will probably find this easier by starting to read about halfway through at “Experimental
Procedure”, and then returning to this long introduction.

INTRODUCTION:

In the redox reaction Cu(s) + 2 Agt — Cu2+ + 2 Ag(s) the two half-reactions can actually be
separated by placing the reactants in different compartments. Each compartment, called a half-cell,
contains a metal electrode in contact with a solution containing its corresponding metal ion, as
shown in the figure below.

Black Lead

Copper Silver
Electrode Electrode
Salt Bridge
1 M Copper Sulfate 1 M Silver nitrate
Solution Solution

Standard Potentials

In the electrochemical cell under discussion, oxidation, Cu(s) — Cu2+ + 2e-, occurs at the
copper electrode (anode) and reduction, 2 Agt + 2e¢- — 2 Ag(s), occurs at the silver electrode
(cathode). Half-cell potentials are measured relative to a standard reference electrode. The

universal reference electrode, chosen by international agreement, is the standard hydrogen electrode
(SHE), which is shown in the diagram below.

The half reaction at the SHE,
2 HT + 2¢- — Hy(g)

is written as a reduction. An arbitrary assignment of zero electrode potential (0.00 V) is given to
the SHE . If the reverse reaction were written, its standard oxidation potential would also be zero.
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wire to meter ——

glass tube —»
hydrogen gas
at 1 atm pressure

finely divided platinum | g| I

on a platinum electrode 1 M HCI solution

A Standard Hydrogen Electrode

The single-electrode potential value is dependent on the concentration of the ions in solution
and on the temperature. Standard reduction potentials (E°) are reported for 1 M concentration and
298 K (25°C), as in the examples below, or in Appendix E of Oxtoby.

Table 1.

A3+ + 3¢~ — Al(s) E° = -1.66V
Zn?* + 2e — Zn(s) E° = -0.76 V
Fe2+ + 2" — Fe(s) E° = -041V
Pb2* + 2e”— Ph(s) E° = -0.13V
2 H* + 2¢" = Ho(g) E° = 000V
Cu2* + 2¢ — Cu(s) E° = 034V

Agt+ e — Ag(s) E° = 080V

A useful way of thinking about these E° values is to remember that the more positive the E°
value, the more that reaction goes to the right.

Part I. Determination of Standard Half-Cell Potentials

The standard half-cell potentials of Zn/Zn2+, Pb/Pb2+, and Ag/Ag* will be determined using
a copper electrode as a reference. This experimental setup involves cells under near standard
conditions (1.0 M, 25°C,1 atm) so the standard potentials are directly measured.

In order to interpret our results, it is necessary to understand electrical conventions and how
a voltmeter displays the potential it measures. From Ohm's law we know that V = I:R. The
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voltmeter displays the difference of the potential at the positive pole minus the potential
at the negative pole. Electrons flow from the negative pole of the battery to the positive pole.
This means that if the voltage reading on the voltmeter is positive, electrons flow through the black
lead into the meter, and out the red lead of the meter. This fact is important to correctly evaluate at
which electrode half-cell reduction is occurring.

Because we are using the copper half-cell as the reference, it is connected to the common
(negative) terminal of the multimeter. For the copper electrode 0.34 half-cell potential to be taken as
the reference value for these experiments, the overall reaction must be written so that Cu(s) appears
as the reactant. For example, for the cell Cu/Cu2+//Zn2+/Zn, the standard reduction potentials are:

Cu2+(aq)+ 2e- — Cu(s) E°(Cu) =+0.34
Zn2+(aq) + 2e” — 7Zn(s) E°(Zn) = -0.76

And the overall reaction is:
Zn2+(aq) + Cu(s)— Zn(s) + Cu2+(aq) AE°(Cu/Zn) = E°(Zn) - E°(Cu) =-1.10

We can see that the reaction above will occur spontaneously in the direction opposite to the one
which it was written. Experimentally we could determine AE°(Cu/Zn) by measuring a potential of -
1.10 with a voltmeter. From this measurement we can calculate the half-cell potential for E°(Zn) by
substituting for AE in the equation:

X =AE +0.34
X=-1.10+0.34=-0.76
Part II. Concentration Effects and the Nernst Equation

Oxtoby, (section 12-4) derives the Nernst equation :

ST

where R = 8.314 ] mol -1 K-1, T'is the absolute temperature, n is the number of electrons in the
overall reaction, F = 96,487 J V-1 (mol ") -1, and Q is the reaction quotient. For the reaction

Zn(s) + Cu2+(aq) — Zn2+(aq) + Cu(s)

the Nernst equation gives:

)

Replacing the In term with 2.303 log and substituting values for R, T=25°C, and F gives:

0o 0.059 [Zn?*]
noCcut]
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Redox potentials also arise between two different oxidized states of the same ions such as
ferrous and ferric ions or cerous and ceric ions. These ion pairs react as follows:

Fe™ + Ce"™ — Fe’ + Ce™ .
The first half-reaction is: Fe® — Fe™ +e ;
and the second half-reaction is: Ce* +e” — Ce™* .

The second part of this lab will apply the Nernst equation to these half-reactions to look at
the effects of ion concentration. The Nernst equation applies to half-cells in exactly the same way as
it does to complete electrochemical cells.

The reaction above has two important features. First, like most inorganic redox reactions it
is fast. Second, it has a huge equilibrium constant of 1.7 X 10'*. Reactions with large equilibrium
constants are nearly irreversible because once the products are formed, very little of the reactants are
ever seen again. The large equilibrium constant makes it possible change the ratio of the oxidized
and reduced states of one species without the other species affecting the electrochemical potential as
measured against a reference electrode. In this experiment a homemade silver-silver chloride
reference electrode will be used.

To a solution of a known amount of ferrous, Fe’" ions, we will add ceric,Ce*" ions. While
the Fe®" is in excess, so much of the Ce** will be converted to cerousCe’" ions that it is
inconvenient to determine the amount of Ce*" in the solution. However the number of ferric, Fe'* ,
ions created will be equal to the number of Ce’ . Prior to the equivalence point enough ferrous,
Fe® | jons are present that the Fe’* /Fe™ ratio can be easily calculated. Prior to the equivalence
point the easiest form of the Nernst equation to use is the following:

o 0.059Vv [Fez+]
Ehc = Epe3+_>pez+ - 1 089 [Fe3+]

Lets look at how to determine the concentrations of [Fe’*] and [Fe’*]. The oxidation reduction
reaction shows that for every Fe’* ion created a Ce™ is created.

[Fe™]=[Ce™"].
Since the equilibrium constant is large for this reaction, before the equivalence point all of the Ce™**

is converted to Ce’" so that:

[Ce''] =[Ce™].

If x is the volume of Ce*" titrated, and C is the original concentration of the Ce** titrant, then x C is
the number of moles of Ce** delivered to the solution. Before the equivalence point all of the Ce**
is converted to Ce’* creating and equal amount of Fe’* . That is :

Fe’* =Ce’*=xC

All of the ions are present in the same solution so to calculate the ratio of their concentrations the
volume of the solution can be ignored. Let F = the number of moles of ferrous ions present at the
start of the titration. Since the total amount of iron present can not change then:

F = Fe** + Fe** or
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Fe’* =F - Fe**

Substitution for Fe’* gives:

Fe** =F -x C.
The Nernst equation in terms of F, x, and C with n = 1 becomes
Y F-xC
E. =E . .. -0.059]log . .

After the equivalence point all of the Fe** has been converted to Fe™* and no more Ce**
can be created.. With almost no Fe”" present it now becomes inconvenient to determine its value.
However the Ce™ present will equal the original amount of Fe** present and the concentration of
Ce*" will increase directly as more Ce** ions are added to the solution. So after the equivalence
point the Ce** /Ce™ ratio is easy to determine and following form of the Nernst equation is easy to
apply.

R 0.059v [Ce’*]
Ehc = Ece4*—>ce3* - 1 OgIO [C€4+]

During this phase of the titration :
F = Fe’* = Ce’*.

The total amount of cerium added continues to equal x C, which must equal the sum of Ce’* and
Ce*" . In other words:

xC=F+ Ce*
or
Ce**= xC-F.

The Nernst equation after the equivalence point is:

E,. = E’ce*~ce -0.059 log
xC-F

For the titration curve used in this discussion and for the experiment to be performed during the
laboratory

F =0.05 millimol.,
C=10.0 mM, and
x =0to 5 ml

It is important to remember during this experiment that E, ;. cannot be measured. What is
measured is the AE between E, - E,, ¢, - Standard potential values for the theoretical plot were
obtained by subtracting the standard potential for the silver - silver chloride half reaction from the
standard potentials for the ferric - ferrous and ceric - cerus half reactions. These values are given
below in Table II.
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Table 11

Half - Reaction Standard Potential (Volts)
Ce* +e =Ce™ 1.44 (in 1 M H,SO, )
Fe’" +e =Fe* 0.771
AgCl +e¢ = Ag +Cl” 0.228 (1 M KClI)

From Analytical Chemistry ,Christian. Gary .D. Wiley 5th Ed.

Potentials vs Ag/AgCl Reference (Volts)
E’cet*—ce 1.44-0.228 = 1.21

E° . .. 0.771 - 0.228 = 0.54

Fe™" —Fe~

Measuring the electrical potential during the addition of ceric ions to a solution of ferrous ions is a
potentiometric titration. A theoretical titration curve (solid line) using the two Nernst equations
developed above before and after the equivalence point is shown below with data from an actual

titration (circles).
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The differences between the theoretical curve and the experimental data are because the
values obtained from the assembled reference electrode differ from the literature values. Also, the
theoretical values are based on assumptions that only cerium and iron react in the solution and that
the reference electrode has an instantaneous and constant response. However, cerium ions can
complex with other ions such as sulfate in the solution.

The form of the Nernst equation can still give a good description of the concentration
effects on the electrode potential. Look again at the two Nernst equations used to calculate the
electrical potential of the solution
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0.059v [Fe®]

E, = E;g3+—>1:e2+ - 1 080 [Fe3+]
0 0.059v [Ce™]
E, = ECe4+—>Ce3+ - 1 08¢ [Ce4+]
Fe™] [Ce™] : :
If we let log,,— .- =xI1,log,,—— - =x2, yl = E,_ before the equivalence point and
[Fe™"] [Ce™ ]
y2 = E,. after the equivalence point, we can write the following two linear equations:
yl =bl + mlx1
y2 = b2 + m2x2.
Where bl and b2 are substituted for E, i .. and E_.._ ;. ,and ml and m2 are substituted for
0.059v Fe®* Ce™*
- . By plotting E,. vs loglOEFeM]] before the equivalence point and E,. vs 10g10H
e e

after the equivalence point and using linear regression to determine the values for b1, m1, b2, and
m?2 the experimental data can be fitted to a titration curve that takes on the form of the Nernst
equation with adjusted parameters. Below are linear plots before and after the equivalence point
using the data from the previous plot.

log [Red]/[0Ox] before equivalance pt.

0.45 + \

0.4 + ~

Potential ¥vs AgfAgCl Ref
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log[Fe2+]/[Fe3+]

The upper line represents what the log plot would look like using the exact parameters of the Nernst
equation. The lower plot shows how actual data points for the titration would lie with a line fitted
through them using the least squares method of linear regression. Ferric ions increase as the line
moves from right to left. Where the lines cross zero along the horizontal axis the concentrations
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of the ferrous and ferric ions are equal. As the equivalence point is reached the electrode becomes
unstable and the data deviates from linearity. m1 equals --0.044V versus -0.059V for the Nernst
equation; and b1 equals 0.51V versus 0.54V for the Nernst equation.

log [Red]/[Ox] after equivalance pt.
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| o~
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g
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0.8 1 t 1

log[Ce3+]/[Ce4+]

Again the upper plot represents the exact Nernst equation while the lower plot represents actual data
along a line fitted by linear regression Ceric ions increase as the line moves from right to left.
As the data moves well past the equivalence point it becomes more linear. This titration was only
carried out until twice the number of equivalents of ceric ions were added to those of the ferrous
ions originally present. At that point half of the cerium was in the ceric form and half in the cerus
form and the titration stopped at zero along the horizontal axis. m2 was -0.121V vs -.059V (quite a
difference), and b2 was 1.11V vs 1.21V as predicted by the Nernst equation.

By calculating the electrical potentials (y1 and y2) from the equations:
[Fe’"]
[Fe™]
Ce* ]

[Ce ]

y1(before equivalence pt.) = bl + mllog,,

y2(after equivalence pt.) = b2 + m2log,
the data can be fitted quite well to the Nernst equation with adjusted parameters. In the next graph

the experimental data points are represented as circles that follow the solid line representing the
adjusted Nernst plot. The actual Nernst plot is also shown.
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Titration of 0.05 Millimoles of Fe2+
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Experimental Procedure
Equipment to check out from the stockroom

Fluke Multimeter with alligator clamps and wire leads.
stir bar

10 ml burette
10 ml pipette

Materials found in the lab

1 M Metal ion solutions in dropper bottles (CuSOg4, AgNO3, PbNO3, ZnSO4)
Labeled wires (Ag, Cu, Pb, Zn)

Platinum wire
0.005 M Fe** Solution

0.01 M Ce* Solution
Saturated KClI
0.1 M AgNO3 Solution

test tubes for holding metal ion solutions
salt bridges (tygon tubing filled with 1% Agar dissolved in 1 M KNOj3 solution)

electrodes (syringes with porous tips)
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Waste disposal

The metals you will be using are present in toxic concentrations, harmful to the
environment. Deposit each solution into it's proper waste container. There is a separate
waste container for each solution containing a metal. The Potassium Nitrate and unused
0.005 M Fe** may go down the drain. Do not mix the solutions.

Part 1.

1. Plug the wire leads into the multimeter. The red lead plugs into the V2 hole and the black
lead plugs into the COMM hole.

2. Attach the alligator clips to the leads if they are not already attached.
Obtain a lead, zinc, copper, and silver wire.
Obtain a salt bridge containing the agar/KNO, gel.

Obtain four test tubes with a marker label them: Ag, Cu, Pb, Zn.

L

. Using the plastic pipettes supplied fill each test tube 4/5 full with the salt solution of the
appropriate metal.

7. Turn on the multimeter to read volts - DC.

8. Attach the alligator clip to the black multimeter lead to the copper wire. Attach the
alligator clip to the red multimeter lead to the silver wire.

9. Holding the copper wire by the alligator clip, dip the wire into the copper salt solution in
the test tube labeled Cu.

10. Holding the silver wire by the alligator clip, dip that wire into the silver salt solution in
the straw labeled Ag.

11. Read and record the potential on the multimeter. (It should read 0.000 V)

12. Place one end of the salt bridge into the test tube labeled Cu and the other end into the
test tube labled Ag.

13. Now read and record the potential on the multimeter.

14. Leaving the copper wire in place remove the silver wire from the solution and release it
from the alligator clip.

15. In sequence pick up the lead then zinc wires with the red alligator clip and measure and
record the potential differences with respect to the copper electrode when these wires are
dipped into the salt solutions of their metals and the test tubes are linked with the salt bridge.

From the potential differences obtained with the Cu2+/Cu half-cell and the rest of the half-cells,
predict and then measure the potential differences for the following reactions:
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Pb(s) + 2 Agt(aq) — Pb>T(aq) + 2 Ag(s) AE°(Pb/Ag) =
Zn(s) + 2 Ag'(aq) — Zn>T(aq) + 2 Ag(s) AE°(Zn/Ag) =

Zn(s) + Pb2+(aq) — Zn2+(aq) + Pb(s) AE°(Zn/Pb) =

Part I1

During this second part of the lab you are to titrate 0.05 millimoles of Fe** with a solution
of 10.0 mM Ce** ions while measuring the electrical potential with a multimeter and
Ag/AgCl reference electrode. Then use Mathematica to find the appropriate parameters and present
your data in graphical form.

1. Obtain approximately 30 ml 10.0 mM Ce** in a 100 ml beaker. Rinse out the 10 ml
burette with several small portions of the 10.0 mM Ce** solution emptying the waste in to a small
beaker you decide to set aside strictly for cerium waste. Be careful handling this solution as it
contains sulfuric acid. Next close the stop cock and fill the burette past the O line at the top. Place
the burette on a burette holder and ring stand. Let the solution run out of the burette slowly into the
beaker used to fill it and stop it when it reaches the O line.

2. Obtain 20 - 30 ml of 5.00 mM Fe** solution in a 50 ml beaker. Accurately pipette 10
ml of this solution into a 250 ml beaker and add 100 ml of distilled water. Add a stir bar to the
beaker and place it on a stir plate under the burette. Start the solution stirring at a moderate speed.

3. Obtain a syringe with a porous vicor tip attached to the tip. Fill the syringe with the
saturated potassium chloride (KCI) solution using a plastic pipette and ensuring that the vicor tip is
in contact with the internal KCl solution. Add a drop of silver nitrate using a plastic pipette. Insert
a silver wire into the syringe and wrap a piece of platinum wire around it as shown in the diagram
below. Place the syringe in a clamp and insert it into the solution to be titrated. Attach the alligator
leads from the multimeter to the platinum wire (red lead) and silver wire (black lead) and turn on the
multimeter to read DC Volts.
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burette containing
4 cerium solution

platinum wir.
to red (pos) lead < silver wire to

black (neg) lead

Sl e 10 mlof iron unknown
reference electrode - with ~100 ml water
with porous plug ~ in a 250 ml beaker

stir bar -
[afiliie-"

moderate rate

[ D - stir plate at

4. Add cerium solution to the beaker below in 1 ml portions and recording the volume
added. Wait precisely 1 minute after each addition and then read and record the potential. The
following volumes are suggested for obtaining data that will track the electrode response well when
it is most susceptible to change. [ 1 2 3 3.54 42 44 4.6 48 5 52 54 56 586 657 89
10].

5. When finished place the contents of the electrode in the silver waste container. Rinse out
the burette into the beaker you set aside for waste. Empty this waste beaker and the titrated
solution into the general waste container reserved for cerium. Excess 5.00 mM Fe** that wasn’t
used can go down the drain.

Return the electrode to the beaker it came from and return the other items to the stockroom.
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Calculations and Results
Part 1.

1. (a) Calculate the standard reduction potentials for each half-cell vs the SHE from the
data you collected using the Cu?*/Cu half-cell, given that the E° is 0.34 V for

Cu2+ + 2¢-— Cu(s)

Note that E° for a half-reaction is not dependent on the coefficients, provided, of course, that
the reaction is balanced, i.e., E° for Ag* + e~ — Ag(s) is the same as E° for
2 Agt + 2e— 2Ag(s)

(b) Compare your values with those in Appendix E of Oxtoby. Determine your
experimental accuracy for each (deviation of your average value from the true value).

Summarize the results of (a) and (b) in a table.

2. (@) Tabulate the results of the whole cell potential differences that were measured along
with their predicted values using the Cu2+/Cu as a reference and the percent error.

% error = 100% | predicted — exp erimental |

predicted
Part I1
1. Use Mathematica to apply linear regression to a plot of the measured potential E vs
log F-axc before the equivalence point and a separate plot of E vs log after the

xC-F

equivalence point. Determine the slope (m1 and m2) values and intercept (b1 and b2) values for the
best fit lines from these two plots.

2. On a graph plot the individual data points of E vs xC.
F-xC

3. On the same graph, plot bl+ml log vs xC for all volumes x titrated before the

endpoint, and plot b2 + m2 log F

7 Vs xC for all volumes x titrated after the endpoint. Plot this
X

data as solid lines.

4. Finally on the same graph plot the actual Nernst equations:

E’ .. .. -0.059log

o Fe vs xC for all volumes titrated before the equivalence point and

E’cet—ce> -0.059 log

-7 'S xC for all volumes titrated after the equivalence point See Table
x —_—

IT above for the standard potentials. Also plot this data as solid lines. Indicate clearly what
information represents actual data, the adjusted Nernst equation and the actual Nernst equation.
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5. For each mole of Fe'* created a mole of Ce** is created. Therefore at all times:

(1) [Fe™*] = [Ce™]

At the equivalence point the total number of moles of Fe equals the total number of moles of Ce.
Therefore at the equivalence point:

2) [Fe** ] + [Fe™" ] = [Ce™ ] + [Ce™'].

Subtracting equation (1) from equation (2) we see that at the equivalence point:

3) [Fe** ] = [Ce™].

At all times the Nernst half cell equations apply:
0.059V [Fe™]

4 E,.= E;e3+ L Fe?* 1 08¢ [Fe’*]
. 0.059v [Ce?*]
(5) E=E s oo~ 1 0819 [Ce™ ]

Add equations (4) and (5) above. Then, using the equalities from equations (1) and (3), substitute
all [Ce] terms for [Fe] terms in the expression. Solve the resulting equation for E, . at the
equivalence point. Using the values from Table II predict what the potential should be at the
equivalence point if no adjustments to the Nernst equation were necessary.
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