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Electrochemical reduction/oxidation (redox) reactions have
been observed to drive stable isotope fractionation in many
metal systems, where the lighter isotopes of a metal are typically
partitioned into the reduced chemical species. While physical
processes such as diffusive mass transport lead to small isotope
fractionations, charge transfer processes can lead to isotope
fractionations up to ten times larger and twice that predicted
by equilibrium stable isotope theory. Control over physical
and chemical variables during electrochemical experiments,
such as overpotential and temperature, allow for the isotopic
composition of deposited metals to be fine tuned to a specific
value.

Introduction
Redox reactions drive many chemical transformations in the environment,
and are vital in biological cycles for energy production. Many elements are
redox sensitive, with multiple accessible oxidation states stable in a variety of
environments. The transition metal elements are of particular interest, as some of
the largest stable isotope fractionations seen in these metal systems are associated
with redox transformations. Therefore, stable isotope signatures may be used
for a wide range of applications, from studying the transport and deposition of
metals in the environment for the purposes of monitoring and remediation of
contaminants, to reconstructing the chemistry of our planet in the past. In order
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to do this, an understanding of what drives stable isotope fractionation during a
redox reaction is needed.
The history behind the discovery of deuterium is a good starting point,
as it was after its discovery by Harold Urey (1) that the first electrolytically
produced sample of heavy water was reported by Gilbert N. Lewis and Ronald
T. MacDonald (2) who concentrated 20 liters of normal abundance water down
to 0.5 ml of 66% deuterium through electrolysis. The electrochemical separation
of stable isotopes subsequently became one of the earliest industrialized forms of
stable isotope purification, with pure deuterium being produced using electrolytic
cells in cascade reactors (3–5). The fractionation factor of industrial electrolytic
cells varied as a function of the cell geometry and physical parameters, such as
temperature and overpotential used, from αliquid-vapor = 3 to 13 (4, 5) (where α
= D/Hliquid/D/Hvapor). The electrochemical separation of 6Li and 7Li was later
developed showing smaller fractionation factors of approximately αaqueous-metal
= 1.020-1.079, where α = 7Li/6Liaqueous/7Li/6Limetal (6, 7). The accepted theory
to explain these fractionations was that they were due to a difference in the
equilibrium potential for the reduction of one isotopologue species over another,
leading to a ‘kinetic isotope effect’ far from equilibrium (5). Quantum-mechanical
tunneling may also play a role in the case of hydrogen fractionations (8),
altering the reaction coordinate for isotopologue species. Interest in separating
lithium isotopes for the nuclear fuel industry has sparked recent interest in using
electrochemical methods for the task (9–13). Recent experiments by Kavner
and co-workers (14–19) have developed our understanding of the physical and
chemical controls upon isotope fractionation during electrochemical experiments
and form the basis for discussion in this chapter.
Figure 1 illustrates the electric double layer at an electrode surface and the
physical and chemical processes that may contribute to the fractionation of stable
isotopes during an electrochemical reaction. These include equilibria between
different chemical species in solution or at the surface of the electrode, diffusion
of reactant to the electrode surface, and finally the charge transfer kinetics at the
electrode surface. Stable isotope ratios are reported here in a delta notation (Figure
1), with units of permil (‰) expressing the difference in isotopic ratio of a sample
to a standard:

where X/YM is often reported as the ratio of a heavy isotope over a light isotope,
(e.g., 56/54Fe, 66/64Zn and 7/6Li) therefore, positive and negative δX/YM indicate a
sample which contains more of the heavy and light isotope of an element relative to
a standard, respectively. The capital delta notation reflects the isotopic difference
(in permil) between two substances, A and B.
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Figure 1. Schematic of the electric double layer adjacent to the surface of an
electrode. The processes that may contribute to the overall isotopic signature in
the plated (substance A) metal are labeled next to the arrows (19). Substance
B = surface adsorbed reactant species; C = diffusing reactant species; D =
secondary bulk solution species.
Combining Marcus Theory with Equilibrium Stable Isotope Theory
In a series of papers investigating iron and zinc stable isotope fractionation
during electrodeposition Kavner et al. (14, 15) derived an equation which
combined equilibrium stable isotope theory (20–22) with Marcus’s statistical
mechanic description of charge transfer processes at an electrode (23):

where isotopic fractionation (ln αmetal-aqueous) depends on the charge transfer rate (k)
for metal deposition (lightMz+(aq) + ze- = lightM(s)), collision frequency (v), activation
free energy (ΔG*), Boltzmann’s constant (kB), temperature (T), mass in motion
(m), equilibrium fractionation factor (αeq), partition function ratio of abundant
isotopologues of product and reactant (QP/QR), number of electrons (z), charge
of an electron (e), and Marcus reorganization energy (λ) (9). The primed symbols
are for the corresponding heavy isotopologue charge transfer reaction (heavyMz+(aq)
+ ze- = heavyM(s)).
Equation 2 makes a number of testable predictions about how stable isotopes
are fractionated during a charge transfer reaction:
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Fractionation is linearly dependent upon applied voltage (overpotential =
η = E-E0) or, in other words, the driving force or extent of disequilibrium.
The magnitude and slope of the fractionation scales with the equilibrium
fractionation factor between product and reactant divided by the Marcus
reorganization energy.
Fractionation decreases with increasing temperature, primarily controlled
by the change in magnitude of the equilibrium fractionation factor, which
scales proportionally with 1/T2 under most circumstances (24), but not in
all cases (25).

To test these predictions, electrochemical experiments were conducted where
a number of the variables of interest could be controlled including the solution
chemistry, temperature, and applied overpotential. Other properties such as
the effect of mass transport of reactant to the electrode surface were tested by
the use of planar electrodes in unstirred solutions compared with controlled
hydrodynamic conditions using a rotating disc electrode. Here we present and
summarize the results of previous electrochemical experiments (see following
section) and the results of new experiments where copper is electroplated on
rotating disc electrodes as a function of temperature, overpotential and electrode
rotation rate.

Prior Experimental Results
Results from previously published electrodeposition experiments where metal
was deposited on planar electrodes are shown in Figure 2, which plots results for
Δ66/64Znmetal-aqueous and Δ56/54Femetal-aqueous on the left hand axis and Δ7/6Limetal-solution
on the right hand axis versus the applied overpotential. The following observations
and interpretations can be made:
•

•

In all cases the lighter isotope is preferentially partitioned into the
deposited metal, with much larger fractionation factors seen for lithium
compared to iron and zinc.
The observed electrochemical fractionations for iron and zinc
are much larger than calculated equilibrium fractionation factors
(Δ56/54Femetal-aqueous = -0.9 ‰ (26) and Δ66/64Znmetal-aqueous = -2.5 ‰ (27)
at 25oC), especially at lower deposition rates near zero overpotential
(Fig. 2). For lithium, fractionation approaches its equilibrium value
(Δ7/6Limetal-solvated = -29.6 ‰ at room temperature (28)) near zero
overpotential where fractionation should be controlled by equilibrium
processes (Fig. 2). Equilibrium stable isotope theory predicts that
fractionation should scale roughly with the difference in mass over the
product of the mass of the two isotopes (Δm/m2, (24)). Therefore it
makes sense that the fractionation in lithium deposits is larger on an
absolute scale than the Fe and Zn fractionations. However, when the
results shown in Figure 2 are normalized to this ratio (Δm/m2), the
lithium fractionations, which do not exceed the predicted equilibrium
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Figure 2. Stable isotope composition of various metals electrodeposited on
planar electrodes including Zn (diamonds) (15, 19), Fe (circles) (14, 19) and Li
(triangles) (17). Hollow symbols indicate experiments that were not temperature
controlled. Filled symbols are temperature controlled experiments.

•

•

•

value (28), show smaller mass-relative electrochemical effects than do
zinc and iron, which do exceed their equilibrium values.
When examining the iron and zinc results side by side (Fig. 2) larger
fractionations are seen in zinc metal deposits. This result is partly
explained by the solvation structure of the metals in solution, as
calculated equilibrium fractionation factors for the hexaquo-iron and
-zinc complexes (predominant forms of aqueous iron and zinc) relative
to metal are Δ56/54Femetal-aqueous = -0.9 ‰ (26) and Δ66/64Znmetal-aqueous
= -2.5 ‰ (27) at 25oC. Other discrepancies between experiments arise
from different experimental designs.
Fractionations were different in stagnant solutions (hollow markers, Fig.
2) compared to stirred solutions (solid markers, Fig. 2). Comparing
trends in the zinc data (diamonds, Fig. 2) between the hollow (15)
and solid marker samples (19), where the same solution chemistry was
used, shows an almost 1.5 ‰ difference in the isotopic composition of
samples. Temperature cannot account for this large discrepancy between
the experiments and so this indicates that the stirring of solutions may
have a large effect on the observed fractionation.
Temperature trends in the solid marker data sets (Fig. 2) are unusual, with
fractionation increasing with increasing temperature in both the iron and
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zinc experiments, while equilibrium stable isotope theory predicts that
fractionation should decrease at higher temperatures as 1/T2 (24).
The trend in fractionation versus overpotential for iron samples
(circles, Fig. 2) changes depending on experimental conditions, with
fractionation increasing at increasing applied overpotential in stagnant
experiments (14) and decreasing with increasing applied overpotential
in stirred experiments (19). The solution chemistry may partly explain
the differences in the case of iron, as the pH of solutions in stagnant
experiments was lower (pH < 1) compared to stirred experiments (pH
~ 2.5) and this affected the iron deposition efficiency relative to H2(g)
production at the cathode.

Experimental Methods
Sample Solution Preparation
A 1 L stock solution of 0.7 M copper sulfate was prepared from a CuSO4.5H2O
salt (pH = 3.05). Fresh 50 mL aliquots were taken from this stock for every second
to fourth experiment (stock solution compositions before and after samples runs
were monitored to ensure there was no Rayleigh-type evolution of the reservoirs).

Electrodeposition Experiments
Electrochemical parameters were controlled by an Autolab potentiostat
(PGSTAT30) using a platinum rotating disc working electrode (3 mm diameter),
a platinum counter electrode, and a Ag/AgCl double junction reference electrode
(filled with 3 m KCl). The electrodes were immersed in ~50 mL of degassed
sample solution and the temperature of this solution was controlled by an
external water bath. The equilibrium potential (E0) of sample solutions in the
electrochemical cell were experimentally determined using cyclic voltammetry
with variable sweep rates. A series of electrodeposition experiments were
performed as a function of: applied overpotential (E-E0); time (one Coulomb
of charge being delivered in all cases, regardless of the rate of reduction which
varied with overpotential); temperature; and electrode rotation rate, summarized
in Table 1.
Samples of electroplated copper were dissolved in warm 2% (w/v) HNO3 in
Teflon cups. The samples were then evaporated to dryness and diluted with 4 mL of
2% HNO3. Before isotopic analysis (see below) the samples were diluted to a final
concentration of 20 ppm copper. Dilutions were measured for Cu concentrations
to provide an estimate of the total amount of metal electroplated. A comparison
between this value and the total amount of charge passed provides a lower bound
estimate of the efficiency of the plating reaction and in all cases was ~108 % ± 7%
(2σ); therefore efficiencies are taken as 100% in all cases.
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Table 1. Summary of electrochemical experiments and MC-ICP-MS results
Sample

Temp.
(oC)

η (V)a

Cu01

0

-0.2

5000

-0.98

-2.17 ± 0.02

Cu02

0

-0.2

10000

-0.91

-2.31 ± 0.02

Cu03

0

-0.3

5000

-1.92

-2.27 ± 0.02

Cu04

0

-0.3

10000

-1.90

-2.22 ± 0.02

Cu05

0

-0.5

2500

-4.25

-2.02 ± 0.02

Cu06

0

-0.5

5000

-4.24

-2.11 ± 0.02

Cu07

0

-0.5

7500

-4.31

-2.10 ± 0.02

Cu08

0

-0.5

10000

-4.36

-2.13 ± 0.02

Cu09

25

-0.1

5000

-1.57

-2.83 ± 0.02

Cu10

25

-0.1

10000

-1.64

-2.74 ± 0.02

Cu11

25

-0.15

5000

-2.75

-2.62 ± 0.02

Cu12

25

-0.15

10000

-2.39

-2.33 ± 0.02

Cu13

25

-0.2

5000

-4.03

-2.28 ± 0.02

Cu14

25

-0.2

10000

-3.05

-2.09 ± 0.02

Cu15

25

-0.3

5000

-5.32

-1.84 ± 0.02

Cu16

25

-0.3

10000

-1.69

-2.48 ± 0.02

Cu17

25

-0.5

2500

-9.25

-1.70 ± 0.02

Cu18

25

-0.5

5000

-9.34

-1.76 ± 0.02

Cu19

25

-0.5

7500

-9.61

-1.84 ± 0.02

Cu20

25

-0.5

10000

-9.51

-1.84 ± 0.02

Cu21

25

-1.0

2500

-21.23

-1.34 ± 0.02

Cu22

25

-1.0

5000

-20.79

-1.54 ± 0.02

Cu23

25

-1.0

7500

-20.79

-1.61 ± 0.02

Cu24

25

-1.0

10000

-20.79

-1.68 ± 0.02

Cu25

50

-0.2

5000

-6.49

-2.40 ± 0.02

Cu26

50

-0.2

10000

-6.57

-2.41 ± 0.02

Cu27

50

-0.3

5000

-10.30

-2.45 ± 0.02

Cu28

50

-0.3

10000

-9.99

-2.29 ± 0.02

Cu29

50

-0.5

2500

-16.92

-1.90 ± 0.02

Cu30

50

-0.5

5000

-18.15

-2.22 ± 0.02

Stir Rate
(rpm)

Average
Current (mA)

Δ65/63Cu (‰) ± 2σb

Continued on next page.

351
In Aquatic Redox Chemistry; Tratnyek, P., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 2011.

Table 1. (Continued). Summary of electrochemical experiments and
MC-ICP-MS results
Sample

Temp.
(oC)

η (V)a

Cu31

50

-0.5

7500

-17.21

-2.10 ± 0.02

Cu32

50

-0.5

10000

-17.83

-2.33 ± 0.02

Stir Rate
(rpm)

Average
Current (mA)

Δ65/63Cu (‰) ± 2σb
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a

Overpotential, η, (E – E0) relative to measured E0 from CV spectra; b The isotopic
composition of all samples were measured in triplicate with the exception of Cu27 which
was only measured in duplicate.

Isotope Analysis
Isotopic analyses were performed using a Thermo-Finnigan Neptune
Multi-collector Inductively Coupled Plasma Mass Spectrometer. Samples were
introduced via a cyclonic spray chamber. Samples and standards were diluted to a
Cu concentration of 20 ppm and spiked with 20 ppm of an in-house Zn standard.
Samples were run alternately with a NIST SRM 682 Zn standard, also spiked
with Cu, which has previously been compared to JMC 3–0749L Zn (29). Signal
intensity on 60Ni, 63Cu, 64Zn, 65Cu, 66Zn and 68Zn were monitored on cups L3,
L2, L1, C, H1, and H2, respectively. Samples and standards were run alternately
for three minutes each, with 3 minutes rinsing in between. Monitoring of the
measured Zn isotope ratio in samples showed that there was no significant mass
bias due to matrix effects in copper samples compared to standards. Samples
were therefore corrected for instrumental mass bias using only sample-standard
bracketing. Table 1 summarizes the isotopic composition of samples relative to
stock solutions. In all experiments the isotopic composition of the stock solution
was unchanged within experimental error before and after an electroplating
experiment. This establishes a constant isotope reservoir, with no effects from
Rayleigh-type compositional evolution.

Results and Discussion
To better understand the trends described in the previous experiments (Figure
2), the experiments presented here were designed with control over several
different parameters including the rate at which solution was advected over the
electrode (controlled by using a rotating disc electrode), solution chemistry, the
applied overpotential and temperature. Figure 3 presents the isotopic composition
of copper metal samples as a function of the temperature (Fig. 3A) and electrode
rotation rate (Fig. 3B). The calculated equilibrium fractionation between a
copper hexaaquo complex and metallic copper (RPFR estimated from frequency
calculations for the optimized aqueous complex and a literature report of the
vibrational density of states for metallic copper (30)) is also plotted (dashed
line, Fig. 3). The following sections discuss the trends observed in terms of the
physical and chemical variables examined in the experiments.
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Figure 3A plots the stable isotope composition of copper metal samples
from this study as a function of temperature. There is a decrease in the sample
fractionation with increasing temperature from 0 to 25oC of ~0.5 ‰, as predicted
by the plotted equilibrium fractionation (dashed line, Fig. 3), and the predictions
of Equation 2. However, an increase in fractionation is observed at 50oC and may
indicate a change in the electrodepostion mechanism or surface chemistry at the
electrode.

Figure 3. Stable isotope composition of electrodeposited copper as a function of
A) temperature; B) RDE rotation rate. Dashed line = calculated equilibrium.
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Effect of Mass Transport
Figure 3B plots the stable isotope composition of copper metal samples
from this study as a function of the electrode rotation rate at 25oC. At higher
overpotentials the same trend is observed of increasing fractionation with
increasing rotation rate, and the same trends were observed at higher and lower
temperatures and in another study of iron (18). Calculation of the magnitude of
fractionation due to diffusion across the mass-transport boundary layer (diffuse
layer, Fig. 1) at the electrode surface indicate that diffusive limitations would
lead to much smaller fractionations for iron and zinc (e.g. Δ66/64Zndiffusion = -0.27
‰ (19, 31, 32)), and copper with a similar solution chemistry and diffusion
coefficient is likely to exhibit a similar small diffusive fractionation. This
explains some of the trends observed with temperature and rotation rate. Under
diffusive control the fractionation in metal samples will be attenuated by the
smaller fractionation associated with diffusion to the reactive interface. As
temperature increases and rotation rate increases fractionation will also increase
because diffusion occurs more quickly at higher temperatures and the width of
the diffusive sublayer decreases at higher rotation rates, so that diffusion no
longer attenuates the large electrochemical isotope effects as much. This effect
can be quantified by plotting isotope fractionation against the ratio of observed
current at the cathode versus a calculated diffusion limiting current (Figure 4)
given by the Levich equation (32). Figure 4 shows that the data falls along a
trend of increasing fractionation with decreasing current ratio (i.e. as reaction
kinetics dominate over diffusion limitations fractionation increases) and resolves
the temperature and rotation rate effects observed.
Effect of Electrochemical Variables
Amount Plated
In the copper deposition experiments presented here one Coulomb of metal
was plated in all cases. However, it was shown in previous studies (9, 10,
14) that varying the amount of charge delivered from 5 (0.5 minute) to 50 (5
minutes) Coulombs with all other variables fixed, led to no change in the observed
fractionation in metal within the experimental error.

Overpotential
Figure 3 plots data collected at different applied overpotentials as different
symbols, showing a general trend towards smaller fractionations in the copper
metal with increasing overpotential. The same trends were seen in previous
experiments (Fig. 2 (15, 17, 19)) with the exception of one study (hollow circular
symbols, Fig. 2 (14)). Figure 3 clearly illustrates that at low overpotentials the
fractionation in samples is larger than predicted by equilibrium stable isotope
theory (dashed line, Fig. 3), and is therefore suggestive of a kinetic isotope
effect. However, with increasing overpotential (i.e., increasing disequilibrium)
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the fractionation in samples decreases below this equilibrium fractionation line.
As discussed in the introduction, Equation 2 predicts that fractionation scales
linearly with the applied overpotential, however, closer inspection of the trends in
the data do not show a perfectly linear dependence. This may be partly explained
by concurrent isotope effects, such as diffusive limitations of reactant to the
electrode interface where reaction occurs. Diffusive limitations may also explain
the smaller fractionations observed further from equilibrium at higher applied
overpotentials.

Figure 4. Stable isotope composition of electrodeposited copper as a function
of the current ratio of observed to calculated diffusion limiting current. Dashed
lines represent calculated equilibrium fractionation at different temperatures.

Conclusions
Large fractionation of metal stable isotopes are observed during redox
reactions. These fractionations are not controlled by a single process, but instead
result from the interaction between several different processes, each of which
can fractionate isotopes on their own and/or moderate the fractionations caused
by other processes. Under experimental conditions, three chemical and physical
processes dominate these stable isotope fractionations:
1) Equilibrium isotope effects between different chemical species, leading
to smaller fractionations at higher temperatures, scaling as 1/T2 under
most circumstances.
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2) Electrochemical kinetic isotope effects, where differences in the
activation energy for charge transfer lead to large isotope effects.
3) Diffusive isotope effects, which are small in comparison to these other
effects and which increase at higher temperatures.
The relative difference in magnitude of these effects can be used to predict
and produce isotopic products of metals of specifically tuned composition by
controlling the mass transport, temperature and reaction kinetics of a given
system. Understanding the interaction between these processes also provides a
framework for interpreting isotopic signals in nature, where the magnitude of
fractionation may be used to distinguish between kinetic and equilibrium effects,
or to determine under what natural conditions reactions become diffusion limited.
Many of the chapters in this volume discuss various pathways involving redox
transformations of iron. Chapters 8 (33) and 9 (34) discuss reactions of iron
with reactive oxygen species in aquatic systems, chapter 14 (35) discusses how
complexation of iron to organic ligands mediates redox reactions between the
Fe(II)-Fe(III) couple, chapters 13 (36) and 15 (37) discuss sorption of iron to
FeS adlayers and ferric oxide minerals followed by redox activity, chapter 17
(38) looks at how the structural properties of clays change with the oxidation and
reduction of iron within the structure, and chapter 18 (39) looks at the reactivity
of zero valent iron in the environment and its importance in reactive-transport
models. All of these processes may induce their own unique isotopic signature in
the separate redox phases of iron which potentially could be used to study these
reaction pathways. Many other redox active metals have their own suite of stable
isotopes whose ratios will be affected by their redox cycle.
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