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Although use of the Nernst equation to illustrate the
dependence of cell potential on half-cell concentrations is
routinely covered in first-year college chemistry and high
school AP chemistry classes, the temperature dependence
of cell voltages is rarely encountered outside of the un-
dergraduate physical chemistry laboratory. Even there,
its coverage is somewhat limited because of the cost and
sophistication of the instrumentation required. This ar-
ticle describes a relatively simple method for preparing
voltaic cells, and through their temperature coefficient,
∂E°/∂T, it explores relationships between ∆G°, ∆H° and
∆S° for the cell reactions involved. Calculated values of
the three parameters are compared to values estimated
using standard thermodynamic data available in the lit-
erature.

The experiments effectively demonstrate that the
electromotive force produced by exothermic redox reac-
tions varies inversely with the temperature and uses the
cell temperature coefficient, ∂E/∂T, to calculate the en-
thalpy and entropy changes for cell reactions through the
familiar thermodynamic equations

∆G° = {nFE° (1)

∆G°=∆H° – T∆S° (2)

Since from eqs 1 and 2

{ ∂∆G°/∂T = nF(∂E°/∂T) = ∆S°

substitution for ∆G° and ∆S° in the Gibbs–Helmholtz
equation

∆H° = ∆G° + T∆S°

gives

∆H° = {nF[E° – T(∂E°/∂T)] (3)

Also, by substituting E° = (∂E°/∂T)T + b into eq 3, one gets

∆H° = {nFb (4)

where b is the y-intercept of the voltage vs. temperature
plot. The measurement of emf values at various tempera-
tures therefore provides a very convenient way of obtain-
ing thermodynamic values for chemical reactions. The
relationship between enthalpy and entropy changes for
the cell reactions may also be arrived at graphically

through plots of the free energy (∆G° = {nFE°) vs. tem-
perature and their values obtained directly from the in-
tercept and the negative of the slope of the plot.

The equipment and materials used in the experiments
we describe are less sophisticated than those used in simi-
lar experiments reported by Hill, Moss, and Strong (1–3)
for the calculation of heats of reaction, and the results
obtained are consequently slightly less accurate. The ex-
periments described, however, do enable the enthalpy,
entropy, and free energy changes accompanying both ho-
mogeneous and heterogeneous redox reactions to be cal-
culated with an acceptable degree of accuracy for advanced
high-school or first-year college chemistry students. The
simplicity of the methods described also make the experi-
ments more readily available for study in routine labora-
tory instruction.

Part I: Heterogeneous Equilibrium

A simple Cu/Cu2+– Zn/Zn2+ cell was employed in the
experiment. We are not aware of anyone previously deter-
mining this cell’s heat of reaction using the procedure
described in this article. The cell notation is:

Zn(s) u ZnSO4 (1.0 M) i CuSO4( 1.0 M) u Cu(s)

Figure 1. Diagram of Cell Arrangement.
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A Kelvin 200 battery operated voltmeter accurate to
one millivolt was used for potential measurements. The
cell design for the Cu/Cu2+–Zn/Zn2+ cell is illustrated in
Figure 1. An open liquid junction was employed, elimi-
nating the problems associated with porous cups and agar
salt bridges. The use of Beral pipets to construct electro-
chemical cells was adapted from the method reported by
H. P. Williams (4).

The Zn electrode was prepared by cutting a 12 cm × 3
mm strip of zinc from larger zinc strips obtained from
Cenco (catalog number 79306). The thickness was esti-
mated to be about 1/50 inch. It is not desirable to use a
thickness of 1/100 inch, since the strip becomes brittle
and breaks easily when amalgamated with mercury. The
lower 5 cm of the Zn strip was immersed in 30% sulfuric
acid just long enough to clean the surface. After rinsing
with distilled water, it was amalgamated by placing it in
a saturated solution of mercurous nitrate for ten minutes.
The zinc was then rinsed with distilled water and with 1
M zinc sulfate (3). The amalgamated zinc prevents the
zinc from deteriorating rapidly. The Zn/Zn2+ couple was
constructed by making an incision at the top of the bulb
of a Beral-type pipet and inserting the amalgamated zinc
through the slit made in the pipet. The pipet tip was
stretched and cut to give a small opening (5). Caulk was
used instead of glue to seal the zinc strip, since the caulk
not only seals the electrode rapidly but can also be easily
removed. After the caulk had dried, the bulb of the pipet
was squeezed to draw up enough 1.0 M zinc sulfate to
cover the amalgamated part of the zinc strip.

The Cu/Cu2+ half-cell was prepared by cutting a strip
of copper with the same dimensions as the zinc. After seal-
ing the copper in the pipet, the bulb of the pipet was
squeezed to draw up enough 1.0 M copper(II) sulfate to
cover the lower 5 cm of the copper strip.

Immediately after preparation, the Zn/Zn2+ and Cu/
Cu2+ couples were placed opposite each other in a 10-cm
high U-tube, which was 3/4 filled with 1.0 M sodium ni-
trate. When the lower 10-cm portions of the two pipets
were inserted in the U-tube, their tips were about 2 cm
apart and slightly bent towards each other.

Temperature Dependence of Cell Voltage and Calculation
of Thermodynamic Values

The U-tube containing the half-cells was placed in a
thermostated water bath, initially at 35 °C, and the po-
tential measured at intervals of 5 °C down to 10 °C. To
check on the reproducibility of the data, the bath tem-
perature was then raised to 35 °C and finally lowered
again to 15 °C with further periodic measurement of the
cell voltage. The data obtained, which show an excellent
linear dependence of cell potential on temperature, are
summarized in Table 1. Heats of reaction may be calcu-
lated using eq 3, where the temperature coefficient of the
cell emf, ∂E°/∂T, is the slope of the voltage–temperature
plot and the standard cell potential, E°298, is the value of
the voltage on the y-axis that corresponds to 298 K on the
x-axis on the best straight line obtained from linear re-
gression of the E° vs. temperature (K) data. Alternatively,
∆H° may be obtained more directly from eq 4 using the y-
intercept of the voltage–temperature plot.

For the initial data set of descending temperatures

∆H° = {nF[E°298 – T(∂E°/∂T)]

∆H° = { (2 mol of e{) (96,500 C/mol of e{) [1.1027 V –
298 K({ 0.000151 V/K)] = { 2.22 × 105 J

or

∆H° = { nFb = { (2) (96500) (1.1478) = { 2.22 × 105 J

Corresponding values of ∆H° calculated from ∂E°/∂T and
E°298, obtained from subsequent ascending and descend-
ing temperature data, are {227 and {221 kJ, respectively.
The mean calculated value is {223 kJ. A value of ∆H° =
{219 kJ is estimated for the reaction

Zn(s) + Cu2+(aq) → Zn2+(aq) + Cu(s)

using standard state ∆Hf° values (6) for Cu2+(aq) and
Zn2+(aq). In view of the simplicity of the method involved,
we feel the error of less than 2% in our determination
compared to the literature value is very good. No spe-
cial attempt was made to allow the cell to equilibrate at
any temperature for more than a few minutes, and no
consideration is given to changes in liquid junction po-
tential with temperature. The integrity of the electrodes
was maintained over at least three cycles of tempera-
ture variation, though experiments starting at the low
temperatures appeared somewhat less reproducible and
required a short incubation period. There was also evi-
dence of some electrode deterioration taking place at the
lowest temperatures. Notwithstanding these limitations,
the reproducibility of the data obtained is good, and the
simplicity of the experimental method offers definite ad-
vantages for routine instruction.

The data in Table 2 were also used to calculate a re-
action free energy of {212 kJ (∆G° = {nE°F) and a reaction
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entropy of 0.0369 kJ/K [∆S° = (∆H° – ∆G°)/T, or ∆S = nFm,
where m = slope of the voltage vs. temperature plot].

Graphical treatment of the combined 12 data points
in Table 1 as a plot of ∆G (= {nFE°) vs. temperature, giv-
ing equal weighting to all 12 points, affords values of {224.1
± 0.3 kJ for ∆H° and {38.7 ± 11.4 J/K for ∆S°, from inter-
cept and slope, respectively.

Calorimetric Determination of ∆H°
Since it is generally satisfying and instructive for stu-

dents to see that the value of ∆H° obtained potentiometri-
cally is in agreement with the value obtained calorimetri-
cally, a simple calorimetric determination of ∆H° was also
carried out. Excess zinc dust was added to 100 mL of 0.10
M copper(II) sulfate in a Styrofoam cup. The resulting in-
crease in temperature of the solution was 5.20 °C. Assum-
ing the density and the specific heat of the solution to be
1.00 g/mL and 4.184 J/g°C, respectively, the heat liber-
ated was 2.18 kJ and the corresponding heat of reaction
was {218 kJ/mol, in good agreement with the potentio-
metric value. The experimentally determined values of
∆H°, ∆G°, and ∆S° are compared in Table 3 to values esti-
mated from literature data.

Part II. Homogeneous Equilibrium

The cerium(IV)–iron(II) reaction

 Fe2+(aq) + Ce4+(aq) = Fe3+(aq) + Ce3+(aq)

was chosen for the homogeneous cell reaction. The cell
notation for the experimental conditions employed is:

Pt u Fe2+(0.10 M),Fe3+(0.025 M),H2SO4(1.0 M) i
H2SO4(1.0 M),Ce4+(0.10 M),Ce3+(0.025 M) u Pt

The salts FeSO4, Fe2(SO4)3, Ce(SO4)2, and CeCl3 were
used as the source of the ions in the Fe2+/Fe3+–Ce4+/Ce3+

cell. CeCl3 was used because Ce2(SO4)3 was unavailable.
The electrochemical cell used in Part II was con-

structed as in Part I, except that platinum wire was used
in place of the copper and zinc strips. A straight pin was
used to make a tiny hole at the top of the bulb of the Beral
pipet. An appropriate length of platinum wire (about 26
gauge B&S) was inserted and sealed with caulk. The bulb
of the pipet was squeezed to draw up enough of the solu-
tion containing 0.10 M iron(II) sulfate and 0.025 M
iron(III) sulfate to cover the lower 5 cm of the platinum
wire. The bulb of the other pipet with platinum wire in-
serted was similarly squeezed to draw up enough of the
0.10 M Ce(IV)/0.025 M Ce(III) solution to cover the lower
5 cm of the platinum. The two half-cells were placed in a
U-tube 3/4 filled with 1.0 M H2SO4. The U-tube was placed
in a water bath at 35 °C, and the voltage was measured.
Similar measurements were made at 5° temperature in-
tervals down to 15 °C. The bath temperature was then
slowly raised to 35 °C with voltage measurements again
being taken at 5° intervals. The data obtained are shown
in Table 3. Good linear dependence of measured cell emf
on temperature was found in both cases, although a slower
voltage response was apparent when starting at the lower
temperatures. The data in Table 3 lead to mean values
for the thermodynamic parameters ∆H = {95.2 kJ, ∆G =
{70.4 kJ, and ∆S = {83.2 J/K, as summarized in Table 4.

The plot of ∆G( = {nFE) vs. T(K), using the combined
data in Table 3, yields ∆H = {95.2 ± 0.3 kJ and ∆S =
{83.0 ± 15.0 J/K. Corresponding values of ∆H° and ∆G°
estimated from standard-state data (6) are {118 kJ and
{93.7 kJ, respectively. The data are compared in Table 4.
Although differences between our values and those cal-
culated for standard states are expected, these differences
do not appear to be solely attributable to the nonstand-
ard state concentrations in our cell. Significant differences
also exist between our measured cell potential at 25 °C,
0.728 V, and a calculated value of 0.831 V obtained through
the Nernst equation. Using cyclic voltammetry we deter-
mined E1/2 for the Ce4+/Ce3+ in 1.0 M H2SO4 at a Pt work-
ing electrode to be 1.45 V, in good agreement with the
value of 1.44 V cited in the literature for both 1.0 M H2SO4
(7) and 0.5 M H2SO4 (8). Lange’s handbook (8) gives a
value of 0.67 V for Fe3+/Fe2+ in 0.5 M H2SO4 and Hill et al.
cite 0.68 V for Fe3+/Fe2+ in 1.0 M H2SO4 (2). Combining
the value of 0.68 V for the Fe3+/Fe2+ couple with 1.44 V for
Ce4+/Ce3+ leads to E°cell = 0.76 V. Although application of
the Nernst equation to our experimental conditions yields
a value of 0.831 V, the assumption that activity coeffi-
cients will be equal to one for the highly charged cations,
at the high ionic strengths operating in our cell, appears
inappropriate and makes accurate concentration depen-
dence of cell voltage difficult to assess. The complex ionic
interactions existing in the mixed Cl{ and SO4

2{ medium
of our cell, as well as possible temperature-dependent
changes both in the nature of complex species at equilib-
rium in solution and in junction potentials, may also be
partly responsible for the discrepancy between the litera-
ture and measured values of the cell potentials and ther-
modynamic parameters. Moss and Hall (2), using more
sophisticated instrumentation and double the concentra-
tions employed by us, obtained an experimental value of
0.843 V, in closer agreement with the calculated value.
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Finally, because of the expense of routinely using Pt
wire in a classroom situation, we repeated our experiment
using Chromel A wire (B&S 24 gauge). Although repro-
ducible data were obtained with a correlation coefficient
of close to unity, illustrating the inverse temperature de-
pendence of the cell voltage, it yielded a different value
for the cell temperature coefficient, {(0.00147±0.00007) V/
K, and the measured standard cell emf was some 0.14 V
lower than obtained with Pt. Some Cr2+ was probably gen-
erated in the 1M H2SO4 solution and interfered with the
cell reaction. Although the average value of {99.2 kJ, cal-
culated for ∆H° was in surprisingly good agreement with
that obtained using the platinum wire, such agreement
appears fortuitous. Use of Chromel A wire does, however,
afford an inexpensive way of demonstrating the inverse
temperature dependence of the Ce4+/Ce3+–Fe2+/Fe3+ cell
emf, in accord with Le Chatelier’s principle.

In summary, the experiments described afford a
simple and inexpensive method of demonstrating that the
electromotive force of exothermic redox reactions varies
inversely with temperature. The finding can be rational-
ized qualitatively through Le Chatelier’s principle and
discussed in terms of increasing temperature lowering the
driving force of the redox change. The variation in mea-
sured cell potential with temperature may be used to cal-
culate ∆H°, ∆G°, and ∆S° for the cell reactions and the
data compared with values calculated using available
thermodynamic data. The experiments utilize inexpen-
sive and readily available materials. If desired, they can
be formulated as a miniproject, with students involved in
all stages of the experiment from cell construction to data
collection and thermodynamic data calculation. Since the
goals of this paper can be satisfactorily achieved using
either the Zn/Zn2+–Cu2+/Cu or the Ce4+/Ce3+–Fe2+/Fe3+ cell,
in light of the chemical safety problems associated with
mercury salts, we feel that the latter cell is probably more
appropriate for use in the high school environment (11).

Hazards

Mercury and all its compounds are toxic. Prolonged
exposure to even low concentrations should be avoided,
since chronic and toxic effects can result from inhalation,
ingestion, or skin contact. The dust from salts of mercury is
also poisonous and can irritate the eye and skin (9). Sulfu-
ric acid is severely corrosive to eyes, skin, and other tissue.

Disposal

Mercury and cerium compounds should be converted
to their insoluble sulfide salts and disposed of in a land-
fill designed for toxic chemicals. The Zn/Hg electrodes
should also be disposed of in suitable solid-waste disposal
sites. Detailed disposal procedures are provided in stan-
dard reference sources (9, 10). Prior to disposal, the amal-
gamated zinc electrodes may be stored for reuse by se-
curely sealing them in a plastic bottle.

Note

1. Retired.
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