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Summary

This thesis work is the continuation and final part of a joint project between
the Department of Materials Technology, NTNU and Norsk Hydro Research
Center in Porsgrunn, looking at the possibility of using fuel cells for production
of hydrogen chloride and electric power. The experimental work encompass an
evaluation of three hydrogen - chlorine fuel cell design concepts, development
and implementation of a mathematical fuel cell model and a kinetic study of
the chlorine reduction reaction.

The evaluated fuel cell designs consisted of a) a conventional PEM fuel cell
applying a Nafion membrane, b) a composite system applying an aqueous HCl
electrolyte and Nafion membrane and c) a phosphoric acid doped PBI mem-
brane fuel cell operating at intermediate temperatures of 150 - 175 ◦C. From
the evaluation it was found that the chlorine reduction kinetics are much faster
than the corresponding oxygen reduction reaction, leading to low activation
losses on the fuel cell cathode. However, the nature of the reactant, chlorine,
and the product, HCl, places strict demands on the corrosion resistance of the
construction materials and drastically increases the difficulties related to water
management in the cells. Due to these effects, none of the investigated sys-
tems were able to demonstrate stable operation under the conditions used in
this study. The PBI cell showed best potential and seems to be the system
in which the humidification and corrosion difficulties easiest can be remedied.
The first design criteria for such a system should be the minimisation of the
existence of liquid water, ideally a hydrogen - chlorine fuel cell system should
operate in totally water free environment and consist of a high temperature
proton conductor.

A two dimensional, isothermal mathematical model of a hydrogen - chlorine
single fuel cell with an aqueous HCl electrolyte is presented. The model fo-
cuses on the electrode reactions in the chlorine cathode and also includes the
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mass and momentum balances for the electrolyte and cathode gas diffusion
layer. There is good agreement between the model predictions and experimen-
tal results. Distributions of physical parameters such as reactant and product
concentrations, solution and solid phase potentials and local current densities
and overpotentials as a function of cell voltage are presented. Effects of varying
the initial electrolyte concentration and operating pressure are analysed. It was
found that an electrolyte inlet concentration of 6 mol dm−3 gave the best cell
performance and that an increase of operating pressure gave a steady increase
of the fuel cell performance.

The rate and mechanism of the electroreduction of chlorine on electrochemi-
cally oxidised Pt and Ru electrodes has been investigated relative to the state
of oxide formation. Current/potential curves for the reduction process in 1 mol
dm−3 HCl solution saturated with Cl2 have been obtained for electrode surfaces
in various states of preoxidation with the use of the rotating disc electrode tech-
nique (RDE). In the case of chlorine reduction on platinum, the results indicate
that adsorption of chlorine molecules with a subsequent rate determining elec-
trochemical adsorption step is the dominant mechanism. The exchange current
density seems to decrease linearly with the logarithm of the amount of surface
oxide.

Chlorine reduction on ruthenium is best described by a Heyrovsky-Volmer
mechanism with the first charge transfer reaction as the rate determining step.
The Krishtalik mechanism incorporating adsorbed O•Cl+ intermediates is also
able to describe the reaction successfully. The reaction order is constant for all
oxide coverages while the exchange current density apparently moves through a
maximum at intermediate oxide coverages (∼100 mC cm−2). The results show
that the electrocatalysis of the cathodic reduction of chlorine is very sensitive
to the state of the oxidation of the electrode surface.

The rate and mechanism of the electroreduction of chlorine on electrooxidised
ruthenium has further been investigated with focus on the effect of solution pH.
Current/potential curves for the reduction process in solutions with constant
chloride concentration of 1.0 mol dm−3 and varying H+ concentration have
been obtained with the use of the rotating disk electrode technique (RDE). It
was found that the chlorine reduction rate is highly inhibited in solutions with
high H+ concentrations and that it can be satisfactorily described by the Eren-
burgh mechanism, previously suggested for the chlorine evolution on RuO2 and
ruthenium titanium oxides (RTO). The expression of the kinetic current as a
function of chlorine and H+ concentration was obtained by solving the elemen-
tary rate equations of the kinetic mechanism. The kinetic constants obtained
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from the correlation of the kinetic current expression to the experimental data
were used to simulate the dependence of the surface coverages and elementary
reaction rates on overpotential.
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dcat Electrode catalyst loading mg cm−2

E Electrode potential V

Erev Theoretical open circuit potential
at the given conditions V

E0 Theoretical open circuit potential
at standard conditions V

F Faraday’s constant 96485.309 C mol−1

f F/(RT )
f Frequency s−1

ΔG‡
a Activation energy for anodic reaction kJ mol−1

ΔG‡
c Activation energy for cathodic reaction kJ mol−1
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Hi Henry’s law constant for species i mol cm−3atm
I Total current density of single cell A cm−2

i Local current density A cm−2

id Diffusion controlled current density A cm−2

ik Kinetically controlled current density A cm−2

k Potential-dependent rate constant mol s−1 cm−2

kn Rate constant for n-th step in a
multistep reaction mechanism mol s−1 cm−2

Li Length of layer i cm
Mi Symbol for the chemical formula of species i
mi Reaction order of species i

Ni Molar flux of species i mol cm−2 s−1

n Number of electrons transferred
p Reaction order
pi Partial pressure of species i bar

pv
i Vapour pressure of species i bar

Qox Quantity of charge to reduce surface oxide mC cm−2, μC cm−2

R Ideal gas constant, 8.31451 J K−1 mol−1

Rcell Total cell resistance Ω
Re

i Electrochemical reaction rate per unit volume
species i mol cm−3 s−1

Rp
i Mass transfer rate over phase boundary

species i mol cm−3 s−1

si Stoichiometric coefficient of species i

T Absolute temperature K
t Time s

U Electrical potential of an electronically
conductive solid phase V

Ucell Cell voltage V
ui Free stream mobility, species i mol cm2 J−1 s−1

u
′
i Effective mobility, species i mol cm2 J−1 s−1

Vcat Specific catalyst volume cm−1

v Volume average velocity cm s−1

vn Reaction rate of step n

in a multistep reaction mechanism
zi Charge number, species i
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Greek Letters

αa Anodic transfer coefficient
αc Cathodic transfer coefficient
δ Thickness of electrolyte film cm
ε Porousity
Φ Solution phase potential V
γ Anodic transfer coefficient for second step

in a multistep reaction mechanism
η Electrode overvoltage V
κ Effective electrical conductivity S cm−1

ν Kinematic viscosity cm2 s−1

θi Surface coverage of species i

ω Rotation rate rpm
ξ Dimensionless spatial coordinate

Superscripts

e Electrochemical reaction
g Gas phase
l Liquid phase
p Mass transport across phase boundary
v Vapour pressure
0 Reference condition

Subscripts

(ads) Adsorbed specie
AN Anode
CCL Cathode catalyst layer
c Cathode
cat Catalyst (RuO2)
DIFF Cathode diffusion layer
i Species i
j Species j
MEM Membrane
m Membrane
SEP Separator
(l) Liquid phase
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Abbreviations

AFC Alkaline Fuel Cell
ClER Chlorine Electrode Reaction
ClRR Chlorine Reduction Reaction
DEMS Differential Electrochemical Mass Spectroscopy
DSA Dimensionally Stable Anode
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FTIR Fourier Transform Infrared Spectroscopy
HCAFC HydroChloric Acid Fuel Cell
HER Hydrogen Evolution Reaction
MEA Membrane Electrode Assembly
NEMCA Non-Faradaic Electrochemical Modification

of Catalytic Activity
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ORR Oxygen Reduction Reaction
PAFC Phosphoric Acid Fuel Cell
PBI Polybenzimidazole
PEEK Poly Ether Ether Ketone
PEFC Polymer Electrolyte Fuel Cell
PEMFC Polymer Electrolyte Membrane Fuel Cell
PEM Proton Exchange Membrane
PFSA PerFluorSulphonic Acid
PPS PolyPhenylSulphone
PTFE PolyTetraFluorEthylene
RDE Rotating Disk Electrode
RTO Ruthenium Titanium Oxide
SEM Scanning Electron Microscope
SOFC Solid Oxide Fuel Cell



Chapter 1

Introduction

1.1 Background

Energy is one of the most important commodities of the modern society and
the industrialised world is totally dependent on the access of cost effective en-
ergy, usually in the form of fossil fuels. The modern society’s activity and
subsequent energy use have a substantial impact on the global environment as
comprehensively documented in reports from i.a. the Intergovernmental Panel
on Climate Change (IPCC) and the World Watch Institute. The main con-
tribution to the global environmental impact is the burning of fossil fuels, but
also deforestation and regulation of waterways does impact, although on a more
local scale. In addition to having an impact on the environment, fossiled fuels,
the largest energy source of today, also has the shortcoming of being available
in limited reserves, being reduced by environmental intrusion, geopolitical in-
stabilities and competing energy technologies [1]. Thus a transition from fossil
fuels to renewable energy sources is both required and inevitable. To alleviate
the move from concentrated, reliable energy sources to the more diffuse and
irregular availability and scattered occurrence of renewable energy, an energy
efficiency increase and a decrease in energy usage is vital.

Hydrogen has repeatedly been suggested as the ultimate energy carrier of the
future, being relatively easy to produce from all energy sources and, although
with some difficulties, storable. One technology able to efficiently convert hy-
drogen to electric energy when needed is fuel cells. The interest for developing
fuel cell technology is partly motivated by efficiency considerations. The fact

1
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that chemical energy can be transformed directly into electrical energy with-
out going via combustion and mechanical steps, makes the fuel cell potentially
more efficient than practical combustion processes. Furthermore, emissions of
local pollutants are minimized by the use of fuel cells vs internal combustion
engines. Fuel cells and fuel cell technology can also be utilized in modifications
of existing industrial processes to reduce the total power consumption of the
process or to produce net high value electric energy.

1.1.1 Fuel cells, a brief history

The fuel cell effect was first reported in January 1839 by Christian Friedrich
Scönbein in the paper ”On the Voltaic Polarization of certain Solid and Fluid
Substances” and by Sir William Robert Grove in February 1839 ”On Voltaic
Series and the Combination of Gases by Platinum” . Grove later constructed a
series of fuel cells, referred to as the ”Gaseous Voltaic Battery”and described in
several papers in the period 1842-1845 [2]. The 1950s and 1960s saw a renewed
technological interest in fuel cells and most of the concepts used today were
developed in this period. The alkaline fuel cell (AFC) was invented by Fran-
cis T. Bacon in 1932, used in the Apollo space program and later in NASAs
Space Shuttle. The polymer electrolyte fuel cell (PEFC), also known as the
proton exchange membrane fuel cell or the polymer electrolyte membrane fuel
cell (PEMFC), was invented in 1957 by Willard T. Grubb and further devel-
oped in the 1960s by General Electric for space applications [3]. It was used in
the Gemini Earth-orbiting missions, but was not used in the Apollo program
due to stability problems with the membrane. Later, PerFluorSulphonic Acid
(PFSA) membranes, which Nafion� is an example of, were developed, mak-
ing PEFC more competitive. In the late 1950s, researchers at Westinghouse
Electric Cooperation (now Siemens Westinghouse) began experimenting with
zirconia compounds and developed the Solid Oxide Fuel Cell (SOFC) [4]. The
Phosphoric Acid Fuel Cell (PAFC) was also developed in the late 1960s seeing a
drastic technological development through ”The Moonlight Program” in Japan
during the 1970s, culminating with the construction of a 11 MW PAFC power
plant in the 1980s [3].

1.1.2 Fuel cells as electrochemical reactors

Since the time of Scönbein and Grove the focus of fuel cell development and
use has solely been on efficient energy conversion. Applications such as road
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and maritime transportation, distributed power generation, stand-alone power
systems, combined FC and gas turbine power generation and premium power
for portable electronics have received much attention.

The use of fuel cells or fuel cell technologies in industrial processes however,
has received relatively little interest. Industrial reactors incorporating fuel cells
directly or derivatives of fuel cell technologies would have several advantageous
properties.

Fuel cell integration

The integration of conventional fuel cells or fuel cells operating on other, more
unconventional reactants, can primarily replace combustion processes. Chemi-
cal and electrochemical processes such as plastic production, steam reforming
of natural gas and chlor-alkali electrolysis produce surplus hydrogen which can
be used in fuel cells for power production. The Dow Chemical company and
GM installed a 75 kW PEM fuel cell as a part of the chlor alkali electrolysis
process at the Dow’s chemical plant in Freeport Texas in 2004 and have plans
for increasing the installed efficiency to 35 MW [5].

Electrogenerative chemical reactors

The term ”Electrogenerative processes” was introduced by Langer in 1963 [6,7]
for processes involving partial recovery of the energy of exothermic chemical
reactions as electric power rather than low-grade heat and where the product
from the chemical process is the main objective [8]. Reactions such as par-
tial oxidation, hydrogenation and halogenation have received most attention
as these encompass large, important industrial processes. In addition, removal
of pollutants such as sulphur dioxide, hydrogen sulphide, nitrous oxides and
halogens [9] are environmentally significant reactions which would yield power
while consuming the pollutants. Under some conditions, the use of fuel cell
technologies may give further advantages other than the production of electric
energy. Since the reactants are physically separated by a solid or liquid elec-
trolyte, unwanted side reactions can be reduced to a minimum, leading to the
possibility of a product yield increase and a decrease of the amount of pollu-
tants generated. The ability to control the voltage of the cell can improve the
selectivity of certain reactions and thus contribute to an increase of the yield
of the desired product.
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Energy conserving processes

Fuel cell technologies may be applied to well known electrochemical electroly-
sis processes such as water and brine electrolysis to reduce the overall energy
consumption. Especially the replacement of the hydrogen evolving cathode in
the chlor-alkali membrane electrolysis cell by an oxygen reducing electrode has
received considerable attention of researchers. It has been demonstrated that
oxygen-reducing cathodes can save about 0.9 V out of the 3.1-3.3 V required for
the operation of state of the art membrane chlor-alkali cells [10]. Replacement of
the hydrogen cathode in the water electrolysis process has also been suggested
to reduce the energy consumption for production of high purity oxygen [8].

The NEMCA effect

The non-Faradic electrochemical modification of catalytic activity (NEMCA)
effect designates the possibility of altering the catalytic activity and selectivity
of catalysts deposited on solid electrolytes by electrochemical polarisation. It
has been observed catalytic rates 3 × 105 higher than the steady state transfer
of ions through the electrolyte. Furthermore, the net catalytic rate increase
under polarisation has been measured to be up to 70 times higher than at
open circuit and significant changes in selectivity has been observed [11]. More
than 50 heterogeneous catalytic reactions have been shown to exhibit this effect
[12] and it has been demonstrated on several catalyst materials deposited on
different solid electrolytes [13]. However, although the phenomenon has been
studied for over a decade, further research is needed to fully understand the
technical potential of electrochemical promotion and to establish the basis for
its technological utilization.

1.2 Motivation for the Thesis

An important step in the magnesium electrowinning process is the production
of anhydrous magnesium chloride. Norsk Hydro ASA has developed a pro-
cess in which magnesium chloride is produced from magnesium carbonate and
hydrogen chloride. Today, HCl is produced by combustion of hydrogen and
chlorine in a chlorine incinerator. The chlorine is supplied from the electrol-
ysis of magnesium chloride while the hydrogen is produced by reformation of
hydrocarbons. The combustion reaction is strongly exothermic and occurs at
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temperatures around 2300 ◦C. In addition to being used in the production of
magnesium chloride, parts of the produced HCl gas is also used for the final
drying step of the produced magnesium chloride before it is introduced into
the electrolysis bath. The removal of water is vital for achieving high current
efficiencies in the process.

This thesis work is the continuation and final part of a joint project between the
Department of Materials Technology, NTNU and Norsk Hydro Research Center
in Porsgrunn, looking at the possibility of replacing the combustion of chlorine
and hydrogen with direct production of electric energy using fuel cells. The
use of fuel cells in this process would increase the utilization of the chemical
energy in the produced chlorine and thus contribute to the reduction of the
overall energy consumption of the electrowinning process. In addition to the
production of high value electric energy, the introduction of fuel cells would also
reduce the emissions of chlorinated hydrocarbons due to the physical separation
of the reactant gases by the fuel cell electrolyte.

Only a few papers on hydrogen - chlorine fuel cells are available together with a
handful of registered patents [14–25]. In the available literature, such fuel cells
are proposed used in regenerative energy storage systems, as an energy source
for space applications or for use in the chlor-alkali electrolysis. None of the
published results present any indications of long term stability, technological
difficulties encountered or descriptions of operational experience.

1.3 Problem statement

The main objective of the thesis work was to investigate the possibility of in-
cluding a hydrogen - chlorine fuel cell in the magnesium electrowinning process.
The focus of the work should be on looking at different fuel cell concepts and
evaluate their feasibility as electrochemical reactors for co-production of hy-
drochloric acid and electric power. It is also of interest to study the chlorine
reduction reaction on potential catalyst materials.

1.3.1 Fuel cell water management

Earlier work at the department focused on a standard PEM fuel cell with a
Nafion membrane and found that the water management of the system was
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extremely complex [26,27]. The reduction of water content in the Nafion mem-
brane leads to lower conductivity of the polymer electrolyte and thus either a
drastic reduction in cell performance or a total breakdown of the cell. Evalua-
tions of fuel cell designs with higher water-management robustness was identi-
fied as a key activity.

1.3.2 Electrode kinetics

The chlorine electrode is a well studied reaction, due to the industrial impor-
tance of chlorine production. However, only a handful of published papers deals
with the reduction of chlorine. To optimise the yield from the potential hydro-
gen - chlorine fuel cell it is important to have a good, stable electrocatalyst
for the chlorine reduction. It is therefore of interest to investigate the chlorine
reduction kinetics on different possible catalyst materials such as platinum,
ruthenium and ruthenium oxides.

1.4 Methodology

A fuel cell is a complex system, even when using a laboratory scale single cell
unit. Several operating parameters have to be controlled, such as gas supply
and distribution, gas humidification, temperature control and current/potential
distribution as well as manufacture and assembly techniques for electrodes and
electrocatalysts. This makes fuel cells unsuited for studying the fundamentals
of processes occuring in such systems, since it is a challenging task to perform
FC measurements that are reproducible and stable, and where all operational
parameters are under control simultaneously. Thus, in this work, fuel cell mea-
surements have been used only to qualitatively investigate different fuel cell
designs for operation on hydrogen and chlorine.

Similarly, investigations of fundamental electrode kinetics on nanostructured
electrocatalysts are not straightforward, the complex geometric structure of
these particles makes it difficult to control the distribution of parameters such
as potential, current and reactant concentrations at the surface. Thus, the chlo-
rine reduction measurements were performed on well defined, polished planar
electrodes.
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1.4.1 Fuel cell design evaluation

Not much is known of fuel cells operating on chlorine. To increase the knowl-
edge of the technological challenges facing the design of hydrogen/chlorine fuel
cell systems, three different fuel cell designs were evaluated. Effects of the
highly corrosive and hygroscopic nature of Cl2 and HCl on the cell performance
and stability was monitored. A mathematical model of one of the fuel cell
designs were developed and implemented in a numerical modelling program
(FEMLAB). This model was used as a tool to better understand the processes
occuring in the fuel cell.

1.4.2 Chlorine electrode kinetics

The reduction of chlorine dissolved in hydrochloric acid was investigated using
the Rotating Disk Electrode (RDE) technique. Electrodes of platinum and
ruthenium were used and effects of the surface oxidation state and solution pH
were studied. This method gives excellent control over the mass transport of
reactants and products to and from the electrode surface and facilitates the
determination of kinetic parameters. To interpret the experimental results,
rate equations for several reaction mechanisms were developed and evaluated
by numerical non-linear curve fitting methods.
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1.5 Outline of Thesis

The contents of this thesis is organised as a series of individual chapters built
up as scientific papers. This format is chosen since some of the work already
is published or otherwise planned for publication. This structure inevitably
leads to some repetition of introductory information, but hopefully divides the
work into more apprehensible sections for the reader. Chapters 2-4 deals with
the evaluation of different hydrogen - chlorine fuel cell concepts through exper-
imental work and the development of a mathematical fuel cell model. Since
it was difficult to achieve stable, reproducible experiments with the fuel cells
it was decided to perform a more fundamental study of the chlorine reduction
reaction. This study is treated in chapters 6 and 7.

Chapter 1: Introduction. Gives a brief summary of the history of fuel cells
and the use of fuel cells as electrochemical reactors. The motiva-
tion for the project as well as a problem statement and method-
ology is presented.

Chapter 2: H2 - Cl2 fuel cell for co-generation of electricity and HCl. A
hydrogen - chlorine fuel cell with an aqueous hydrochloric acid
electrolyte is presented. Effects of electrolyte concentration and
temperature on the open circuit voltage and cell performance are
evaluated. Most of the experimental work was performed as a
part of a Masters degree in electrochemical engineering, leading
up to and forming the basis for this thesis work. This chapter
has been published in Journal of Applied Electrochemistry [28]

Chapter 3: Evaluation of fuel cell concepts for hydrogen - chlorine fuel cells.
Three low temperature fuel cell designs have been evaluated
for use as a hydrogen - chlorine fuel cell. A standard Nafion
fuel cell, a composite cell with both Nafion and aqueous hy-
drochloric acid as electrolyte and a phosphoric acid doped PBI-
membrane fuel cell. The characteristics and performances of the
different designs were studied. All designs had problems with
stability and the cause for these difficulties were investigated.
The experiments with and the initial interpretation of the re-
sults from the standard Nafion fuel cell was performed by Espen
Sandnes [26,27].

Chapter 4: Computational model of a hydrogen - chlorine fuel cell. A two
dimensional, isothermal mathematical model of a H2 - Cl2 single



1.5. Outline of Thesis 9

fuel cell with an aqueous HCl electrolyte similar to the compos-
ite fuel cell in chapter 3 is presented. The model focuses on
the electrode reactions in the chlorine cathode and also includes
the mass and momentum balances for the electrolyte and cath-
ode gas diffusion layer. The work was performed at the School
of Chemical Engineering and Advanced Materials at the Uni-
versity of Newcastle, UK under supervision of professor Keith
Scott. Preliminary results were presented at the Electrochem
2003 conference in Southampton, UK, 14-17 September 2003.
This chapter was submitted for publication in Journal of Power
Sources in November 2004.

Chapter 5: Background theory. This chapter gives a brief overview of the
theories for electron transfer at the solid/electrolyte interface, a
summary of the derivation of mechanistic rate equations and the
theory of the rotating disk electrode. All of which is central in
the two following chapters.

Chapter 6: Chlorine reduction on platinum and ruthenium: The effect of
oxide coverage. The kinetics of chlorine reduction in hydrochlo-
ric acid on platinum and ruthenium electrodes was investigated.
The influence of the oxidation state of the electrodes were the
main focus of this work. Rate equations for several reaction
mechanisms were developed and evaluated against the exper-
imental results using numerical non-linear curve fitting. This
chapter has been published in Electrochimica Acta [29]

Chapter 7: Chlorine reduction on electrooxidised ruthenium. This chapter
is a continuation of the work presented in the preceding chapter.
The kinetics of chlorine reduction on electrooxidised ruthenium
were investigated with emphasis on the effect of solution pH.
Most of the experimental work was performed by M.Sc. student
Camilla Karlsen. This chapter has been submitted for publica-
tion in Electrochimica Acta in February 2005.





Chapter 2

H2 - Cl2 Fuel Cell for
co-generation of Electricity
and HCl

M. Thomassen, B. Børresen, G. Hagen, R. Tunold
Department of Materials Technology

Norwegian University of Science and Technology
NO-7491 Trondheim, Norway

Journal of Applied Electrochemistry 33 (2003) 9-13

11



12 Chapter 2. H2 - Cl2 Fuel Cell for co-generation of Electricity and HCl

2.1 Abstract

A H2 - Cl2 fuel cell system with an aqueous electrolyte and gas diffusion elec-
trodes has been investigated, and the effects of electrolyte concentration and
temperature on the open circuit voltage (OCV) and cell performance have been
evaluated. Furthermore, the kinetics and long-term stability of Pt as electro-
catalyst have been studied under various conditions. In addition, the long-term
stability of Rh electrocatalyst has been evaluated. The OCV obtained showed
that the Cl2 reduction is more reversible than O2 reduction. The ohmic drop
was determining the cell performance at high current densities. An output
power of about 0.5 W cm−2 was achieved with this system.

2.2 Introduction

Fuel cells are in general used as generators of electric energy, either for mobile
or stationary applications. The fuel may either be pure hydrogen or a hydro-
gen rich compound like hydrocarbons or ammonia. As an oxidant oxygen is
normally used, either pure or more commonly from air.

In a H2 - Cl2 fuel cell, oxygen is substituted by chlorine as the oxidising agent.
Hence the product from this cell is not water, but hydrogen chloride. This
product is potentially of more value than water and consequently the H2 -
Cl2 fuel cell is as much a chemical reactor as an electric generator and the
competitiveness of such units is dependent on both the prices of electricity,
chlorine and HCl.

Although comparatively less popular than H2 - O2 fuel cells, early reports on
H2 - Cl2 fuel cells from the 1920s are available [14, 15]. Catalysts such as
Pt [16, 18–20], Pt-Ir alloy [21], RuO2 [16, 18, 22] or Pb2Ru2O7 [19], have been
evaluated for Cl2 reduction.

The use of H2 - Cl2 fuel cells for industrial applications has been proposed
for plants having an excess of hydrogen and chlorine readily available. The
chlorine-alkaline industry has a potential for energy savings with the use of H2

- Cl2 fuel cells [23]. The use of H2 - Cl2 fuel cells in industries where chlorine is
produced as a by-product, e.g. in magnesium and sodium electrolysis, can also
be beneficial.

H2 - Cl2 fuel cells have also been suggested as an alternative to H2 - O2 fuel
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cells in space applications [19], and as regenerative systems for storage of electric
energy [16,18,22,24,25].

2.3 Experimental

The experimental fuel cell consisted of a housing made of PEEK (polyetherether-
ketone) and current collectors made of non-porous graphite. The active surface
area of the electrodes was 2.2 cm2. A separator made of PEEK separated the
electrodes, which made it possible to vary the interpolar distance by using sep-
arators with various thicknesses. A schematic illustration of the cell is given in
Figure 2.1.

Figure 2.1: Schematic illustration of experimental cell

The electrolyte with various concentrations of HCl was made from 37 wt% aque-
ous HCl (p.a. MERCK), and pumped from a temperature-controlled reservoir
through the cell housing and the separator by a Masterflex pump via insulated
viton (iso-versinic) tubes. The single electrode potentials were studied in a
cell with a similar design as the experimental fuel cell, but with a longer inter



14 Chapter 2. H2 - Cl2 Fuel Cell for co-generation of Electricity and HCl

electrode distance. One of the gas diffusion electrodes was substituted with a
platinum foil and a Ag/AgCl reference electrode was positioned in close vicin-
ity of the remaining gas diffusion electrode. The magnitude of the ohmic drop
between the gas diffusion electrode and the reference electrode was determined
by electrochemical impedance spectroscopy (EIS) and the measured electrode
potentials were iR compensated.

Commercially available 20% Pt on carbon (Pt/C), 0.5 mg cm−2 Pt gas diffusion
electrodes (STD/DS/V2/ELAT & STD/SS/V2/ELAT) and 30% Rh on carbon
(Rh/C), 1.0 mg cm−2 were obtained from E-TEK Inc. The gases, hydrogen (5.0
AGA) and chlorine (2.7 Gerling Holtz), were fed to the cell without any kind
of pre heating or humidification and exited the cell through a water column to
create a small overpressure inside the cell ( 10 cm H2O). The cathode exit gas
was then led through a KOH solution to remove excess chlorine. The H2 gas
was controlled by a flow controller and the Cl2 gas flow was regulated manually.
Both gases had a flow rate of approx. 5 ml s−1. The cell potential was controlled
by a potentiostat (AUTOLAB PGSTAT 20) connected to a 20 A current booster
(BSTR 10A + Extension module), both from Eco Chemie. Polarisation curves
were obtained by a data acquisition unit (HP 34970A) connected to the current
collectors to minimise the error from resistance in connectors and cables.

Means of preventing Cl2 and H2 recombination was deemed unnecessary for the
present investigations due to the high OCV attained and the low solubility of
H2 in the electrolyte. For an industrial reactor this issue has to be addressed.

2.4 Results and Discussion

2.4.1 Effect of electrolyte concentration

The open circuit voltage as a function of HCl concentration at 20 ◦C for a
hydrochloric acid fuel cell (HCAFC) and theoretical (calculated) values are
presented in Figure 2.2. Activity coefficients for HCl solutions are taken from
Lobo [30]. As can be observed from the figure, the measured and calculated
values for the open circuit voltage are almost identical for HCl concentrations
from 5 mol dm−3 to 0.1 mol dm−3, as apposed to H2 - O2 fuel cells where the
OCP is close to 1.0 V compared with the thermodynamically expected value of
1.23 V.

The low OCP of ordinary H2 - O2 PEM fuel cells is caused by the poor kinetics
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of the oxygen reduction reaction (ORR), resulting in a mixed potential at open
circuit [31,32]. The mixed potential originates from the ORR, which may yield
both water and hydrogen peroxide, and a parasitic anodic component of several
possible origins, typically oxidation of traces of hydrogen in the cathode com-
partment. The absence of such a discrepancy between the thermodynamical
and actual OCP of the HCAFC strongly indicates that the chlorine reduction
reaction (ClRR) has much better kinetics than the ORR (higher exchange cur-
rent density), and thus govern the electrode potential. The high OCV of the
HCAFC facilitates both high energy efficiency and power density in a fuel cell
system.

Figure 2.2: Open circuit voltage against HCl concentration at 20 ◦C
(-) experimental values, (- - -) theoretical values, calculated with data

from [30])

Steady state polarisation curves at 20 ◦C as a function of HCl concentration
are presented in Figure 2.3. A comparison of the achieved power density at
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a given potential as a function of the electrolyte concentration show that the
polarisation curves does not have a linear variation with HCl concentration. The
performance of the HCAFC increases with the electrolyte concentration from
0.01 mol dm−3 HCl to 3 mol dm−3 HCl. A further increase of the concentration
to 5 mol dm−3 has an insignificant effect. The decrease in the slope of the
polarisation curves with increasing concentration at current densities above 0.4-
0.6 A cm−2 indicates that higher electrolyte conductivity in the concentrated
electrolytes (3 and 5 mol dm−3), and thus a lower iR drop, is the primary cause
for the observed performance increase. HCl has its highest conductivity in the
5 - 6 mol dm−3 concentration range [30]. One of the reasons for the non-linear
dependence of concentration on conductivity is that coulombic forces between
the ions in the high concentration solutions retard the ion migration. This
concentration effect is also reported by Shibli and Noel [21].

Figure 2.3: Effect of HCl concentration on HCAFC performance at 20 ◦C. �:
0.01, �: 0.1, �: 1, •: 3, �: 5 mol dm−3
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2.4.2 Effect of temperature

The effects of operating temperature on the overall fuel cell performance, as well
as on the individual electrode reactions are shown in Figure 2.4. An increase
in temperature leads to a decrease in electrode potential for both electrode
processes and the overall operating cell voltage increases with temperature at
all current densities over 250 mA cm−2.

The polarisation curves of H2 oxidation and Cl2 reduction are only to a small
degree affected by the increase of temperature from 20 ◦C to 50 ◦C (Figure
2.4B). The chlorine curve is only shifted in the direction of a more negative
potential, the shape of the curve is unaffected. The hydrogen curve is also
shifted to a more negative potential, but in addition, the overvoltage at a given
current density decreases somewhat. The shifts to more negative potentials
have a small effect on the open circuit potential of the cell, as can be seen from
Figure 2.4A. At current densities above 500 mA cm−2 the difference between
the cell voltage at 20 ◦C and 50 ◦C is much higher than can be attributed
to the improved hydrogen oxidation kinetics. This suggests that the main
factor for the increased fuel cell performance with temperature is the increase
of electrolyte conductivity and not enhanced electrode kinetics.

Operation of the fuel cell at higher temperatures might have lead to a further
improvement of the fuel cell performance, but at temperatures above 50 ◦C,
the corrosion of the cathode catalyst had reached a rate too high to attain
stable polarisation curves. This is explained in more detail in section 3.4. In
addition, the reduced viscosity of the electrolyte resulted in a drastic increase
of electrolyte leakage through the gas diffusion electrodes and into the gas
channels. The combination of these two effects made it impossible with the
present cell design to achieve reproducible conditions in at temperatures above
50 ◦C.
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Figure 2.4: Effect of temperature on the overall fuel cell performance and the
individual electrode polarization curves, 3 M HCl as electrolyte. A: (�) cell
voltage 20 ◦C, (�) cell voltage 50 ◦C, (�) Power density 20 ◦C, (�) Power
density 50 ◦C; B: (•) H2 oxidation 20 ◦C, (◦) H2 oxidation 50 ◦C, (�) Cl2
reduction 20 ◦C, (�) Cl2 reduction 50 ◦C
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2.4.3 Effect of pressure

The effect of a small overpressure on the H2-gas side is shown in Figure 2.5. The
cell voltage was held at a constant value of 500 mV and at the points A and B a
valve in the H2-gas outlet was partially closed, creating a small overpressure in
the anode compartment. The value of the overpressure was not recorded, due to
lack of appropriate instrumentation, but was estimated to about 100mm H2O.
10 minutes after the valve was closed for the second time a stable current about
20% higher than the current with the valve open were established. Opening the
valve reduced the current back to its original level. A similar test was made on
the cathode, but no change in current density was observed with the addition
of a small Cl2 overpressure.

A pressure increase leads to higher activities of the reactants and decrease the
mass transport limitations of the system, but the overpressure applied was not
high enough to explain the 20% current increase if only reactant activity and
mass transport are considered. The electrode reactions taking place in systems
where the reactants are in the gas phase can either proceed through a direct
adsorption on the catalytic surface with a subsequent electrochemical reaction
or through a process where the reactant is first dissolved in the electrolyte. De-
pending on the relevant mechanism, a wetting/flooding of the electrode struc-
ture may significantly alter the performance. The hydrogen oxidation reaction
is highly dependent on the three-phase boundary due to the extremely low sol-
ubility of hydrogen in the electrolyte, which effectively limits the reaction to
proceed from gas phase reactants. The solubility of chlorine is about 100 times
higher than the solubility of hydrogen and the chlorine reduction reaction can
with a high probability be described by the following sequence:

Cl2(g) → Cl2(aq) → 2Cl(ads) + 2e− → 2Cl−(aq) (2.1)

This renders the ClRR virtually independent of the three-phase boundary.

In this system, the balance between the gas-, electrolyte- and catalyst phase
inside the gas diffusion electrode is extremely sensitive to changes in temper-
ature and gas pressure due to the low viscosity of the electrolyte. Thus, a
possible explanation for the current increase with a small H2 overpressure and
no increase with a small Cl2 overpressure is a displacement of the three-phase
boundary inside the gas diffusion electrode to a more beneficial position and
consequently, an increase of the active electrode surface for hydrogen oxidation.
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Figure 2.5: Effect of anode gas pressure. Cell voltage: 500 mV, 1 mol dm−3.
The gas pressure was increased at (A) and (B) and decreased at (C)

2.4.4 Fuel cell performance

A long-term stability test was performed for the fuel cell with 1 mol dm−3

HCl as electrolyte, 25 ◦C operating temperature and a 300 mA cm−2 discharge
current. A relatively rapid decrease in fuel cell performance was observed. Af-
ter 120 hours the cell voltage had dropped from 1.05 V to 0.6 V. A visual
inspection of the anode after the long-term test revealed a metallic coating on
the area exposed to the electrolyte that is believed to be caused by a disso-
lution/precipitation of Pt. Figure 2.6 shows a SEM photo of the electrode,
the white region on the left has been in contact with the electrolyte and a
layer of Pt has been formed. It is well known that platinum is insoluble in hy-
drochloric acid, but in presence of chlorine it dissolves, forming chloroplatinic
acid (H2PtCl6). A sample of the electrolyte was tested for Pt with inductive
coupled argon plasma atomic emission spectroscopy (ICP), which showed a sig-
nificant concentration of Pt in the electrolyte. These observations indicate that
Pt is not stable as a cathode material within the operating conditions of the
HCAFC and thus dissolves into the electrolyte and precipitates on the anode by
the H2 present on the electrode. A long-term stability test was also conducted
with Rh as chlorine reduction catalyst. The preliminary results showed that
Rh has a lower initial activity towards chlorine reduction, but a lower rate of
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corrosion than Pt in the system environment.

Figure 2.6: SEM photo of fuel cell anode of a HCAFC. The white region on the
left has been in contact with the electrolyte and a precipitated layer of Pt has
formed.
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2.5 Conclusions

The performance of the HCAFC system investigated shows a strong depen-
dence on electrolyte concentration. The optimum conditions for the system
investigated are 50 ◦C and 3 mol dm−3 HCl, which gave a performance of 0.51
W cm−2 at 0.5 V.

Pt an Rh electrocatalysts are not stable in the system environment. Long-
term stability tests showed a decrease in performance of 45% in 120 hours.
Rh was found to have a lower initial activity towards chlorine reduction but
showed a higher long-term stability. Chlorine reduction is considerably more
reversible than oxygen reduction, leading to an open circuit voltage close to the
thermodynamic value.
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Chapter 3

Evaluation of Fuel Cell
Concepts for Hydrogen -
Chlorine Fuel Cells

3.1 Abstract

Three different concepts for H2 - Cl2 fuel cells have been evaluated. An ordinary
PEM fuel cell based on a Nafion membrane, a fuel cell based on a combina-
tion of circulating hydrochloric acid and a Nafion membrane and a system
based on a phosphoric acid doped Polybenzimidazole (PBI) membrane. None
of the investigated systems were able to demonstrate stable operation under the
conditions used in this study, due to electrocatalyst corrosion, membrane de-
hydration and/or electrode flooding. All systems studied achieved open circuit
voltages close to the reversible thermodynamic value for production of aqueous
hydrochloric acid, suggesting formation of dissolved HCl in the electrolyte and
fast electrode kinetics.

3.2 Introduction

Fuel cells are in general used as generators for electric energy, either for mobile
or stationary applications. The fuel may either be pure hydrogen, a hydrogen
rich fuel or a hydrocarbon. The oxidant in all these cases is oxygen, either pure
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or more commonly from air. In a H2 - Cl2 fuel cell, the oxidant (O2) has been
substituted by chlorine. Hence the product from such systems is not water, but
hydrogen chloride.

The use of H2 - Cl2 fuel cells has been investigated both for space and ground
applications [16, 18–20, 23] due to the faster electrode kinetics for the chlorine
reduction compared to oxygen reduction, which implicates a possible higher
energy efficiency of systems applying Cl2 rather than O2. For reversible energy
storage systems, where HCl is split into H2 and Cl2 by electrolysis in periods
with excess of electric energy and converted to HCl in a fuel cell during periods
of demands of electric energy, the overall energy efficiency has been calculated to
be about 70% [18,25]. Corresponding systems applying oxygen as oxidant and
water as the reaction medium are commonly operating at an energy efficiency
of around 50% [33]. The use of H2 - Cl2 fuel cells for industrial applications
has been proposed for plants having excess of hydrogen and chlorine readily
available and where HCl is needed in the process, such as the chlor-alkali in-
dustry. Energy savings for such plants obtained by applying this technology
has been estimated to be 2 % when using 5 % of the produced hydrogen and
chlorine for production of HCl required for brine acidification [23]. Further-
more, the use of such units in other industries where chlorine is produced, e.g.
in magnesium electrowinning, can be beneficial both with respect to economy
and environmental considerations. The electrochemical conversion of hydrogen
and chlorine to hydrogen chloride rather than by combustion will supply high
value electric energy instead of low value heat.

From a constructional point of view, a H2 - Cl2 fuel cell could use any electrolyte
being either proton or chloride conducting. Depending on the electrolyte, the
characteristics of the system will vary. The purpose of this work was to study
the possibility of developing a H2 - Cl2 fuel cell system for industrial applications
by considering three different cell configurations, and define the characteristics
of each of these systems. The three systems were: a) a conventional PEM fuel
cell applying a Nafion membrane, b) a composite system applying an aqueous
HCl electrolyte and Nafion membrane and c) a phosphoric acid doped PBI
membrane fuel cell operating at intermediate temperatures (150-175 ◦C).
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3.3 Experimental

3.3.1 Nafion PEM fuel cell

A 5 cm2 fuel cell with graphite current collectors with a serpentine flow field
was used. The membrane electrode assemblies (MEA) were constructed using
ELAT gas diffusion electrodes (E-TEK) with a 20 wt% Pt/C catalyst loading
of 1 mg Pt cm−2 and a Nafion content of 0.8 mg cm−2 hot pressed at 130 ◦C
and a pressure of 10 MPa for 3 minutes onto a Nafion 115 membrane. The
mechanical pressure on the MEA after being loaded into the fuel cell housing
was controlled by a pneumatic piston and was set to 1 MPa. Fig. 3.1 shows a
schematic illustration of the Nafion fuel cell construction. The gases, hydrogen
(5.0 AGA) and chlorine (2.8 Gerling Holtz) were humidified by thermostatically
controlled bubble humidifiers. The humidifiers consisted of an inner saturation
tank heated by a water filled outer tank, both made of glass. Steady state
polarisation curves were recorded using a Bank HP 20-16 potentiostat connected
with Hyscan (Bank Electronics) interface. The cell was operated at 60 ◦C with
a humidification temperature of 90 ◦C.

Figure 3.1: Schematic illustration of the Nafion fuel cell construction
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3.3.2 Composite aqueous/Nafion electrolyte

The composite aqueous system is a further development of the cell examined in
chapter 2 and a conventional Nafion PEM fuel cell. The intention behind the
merging of these two technologies was to solve problems with humidification
of the Nafion membrane observed in earlier work and to isolate the platinum
catalyst at the anode from the corrosive, chlorine rich liquid electrolyte. The
addition of a Nafion membrane to the aqueous system also fills the role as
a physical separator to prevent mixing of the reactant gases, which of safety
reasons most probably would be required in an industrial system. In earlier
work [28] it was found that the platinum catalyst exposed to the aqueous elec-
trolyte, especially that on the cathode, corroded and most probably dissolved as
hexachloroplatinic acid (H2PtCl6). It was therefore decided to use ruthenium
oxide as the cathode catalyst for this fuel cell.

Figure 3.2 shows a schematic illustration of the composite fuel cell construction.
The fuel cell housing consisted of two graphite current collectors with double
serpentine flow fields, a carbon paper anode attached to a Nafion 117 membrane,
a PPS (polyphenylsulphone) cloth separator, a carbon paper cathode and a
silicon gasket. The graphite current collectors included inlets and outlets for the
circulating liquid HCl electrolyte. The PPS cloth acts as a spacer between the
electrodes making it possible to apply a mechanical pressure to the electrodes
and simultaneously supplying space for the circulating electrolyte.

Cathode preparation

The cathodes were constructed of ELAT carbon paper (E-TEK) with various
amounts of Teflon impregnation (0-60 wt%). Catalyst inks were prepared using
commercial unsupported RuO2 catalyst (Alpha Aesar). The catalyst was mixed
with various amounts of Teflon suspension and isopropanol to produce a range
of catalysts with different degrees of wet-proofing. The mixture was stirred and
ultrasonicated for several hours before application to the cathode carbon paper
electrode using an air-brush (Badger), with the carbon electrode placed on a
thermal-controlled heating plate. After spraying, the electrode was dried in a
forced convection oven at 150 ◦C for one hour.
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Figure 3.2: Schematic illustration of the hybrid fuel cell construction

Membrane and MEA preparation

The Nafion 117 membranes were treated by immersion in 85 ◦C 18.2 MΩ dis-
tilled water for 15 minutes, thereafter in 5% H2O2 (Merck p.a.) for 30 minutes
and washed with distilled water and ion exchanged twice in 0.05 M H2SO4

(Merck p.a.), each time for 30 minutes. After ion exchange, the membranes
were washed thoroughly by immersion in distilled water four times, each for
about 15 minutes. The membranes were then cut in rectangular pieces and
stored in purified water. Commercially available ELAT gas diffusion electrodes
(E-TEK) with a 20 wt% Pt/C catalyst loading of 1 mg Pt cm−2 were used as
anodes. A rectangular piece of Nafion membrane were gently dried with a lint
free paper, sandwiched with a 6.5 cm2 rectangular anode piece between two
thin Teflon sheets and hot-pressed for 3 minutes at 130 ◦C and 10 MPa. The
MEA was then cooled down and placed in purified water until mounted in the
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cell.

Fuel cell testing

The cell was assembled using a torque of 0.15 Nm on the bolts. All experiments
reported here were conducted at room temperature and atmospheric pressure.
The gases, hydrogen (5.0 AGA) and chlorine (2.8 Gerling Holtz), were fed to
the cell without any kind of pre heating or humidification and exited the cell
through a water column to create a small overpressure inside the cell (10 cm
H2O). The fuel cell was controlled using a Solartron SI1287 electrochemical
interface. Quasi steady-state polarisation curves were recorded at an operating
temperature of 25 ◦C by sweeping the potential at 1 mV s−1 from open circuit
to approx. 0.2 V and then reversed. The HCl liquid electrolyte circulated from
a thermally controlled external reservoir through the cell at a rate of 2 ml s−1

via a peristaltic pump. The HCl electrolyte concentration was varied between
1 and 5 mol dm−3.

3.3.3 PBI fuel cell

Fuel cell construction and testing

The MEA consisted of a phosphoric acid doped PBI membrane with attached
gas diffusion electrodes. The catalyst loading was 0.4 mg 50 wt% Pt/C cm−2

on the anode and 0.6 mg 50 wt% Pt/C cm−2 on the cathode. Further details of
the experimental cell and MEA preparation can be found in Seland et al. [34].
The MEA was mounted in a graphite fuel cell housing (Electrochem) with an
active area of 6.25 cm2. The housing was fitted with heating elements and
the cell temperature was measured by a thermocouple and controlled by a PID
regulator. The fuel cell was controlled using a Solartron SI1287 electrochemical
interface and quasi steady-state polarisation curves were recorded by sweeping
the potential at 1 mV s−1 from open circuit to approx. 0.2 V and then reversed
to open circuit at temperatures between 125 and 175 ◦C and atmospheric pres-
sure. Hydrogen (5.0 AGA) and either chlorine (2.8 Gerling Holtz) or oxygen
(2.0 AGA) was humidified by passing through bubble flasks with purified water
at room temperature.
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Resistance measurements

The ohmic resistance in a fuel cell may be assessed either by current interrupt
techniques or by high frequency impedance measurements [35,36]. The current
interrupt technique is easier to implement and requires less equipment. Current
interrupt is based on breaking the electronic circuit and measuring the potential
transient of the cell. The cell voltage of a fuel cell consists of various components
and may be expressed as:

E = Erev −
∑

η − IRcell (3.1)

Where
∑

η is the sum of the overvoltages related to the electrode kinetics, IR is
the potential drop due to the ohmic resistance in the electrodes and electrolyte
and Erev is the thermodynamical voltage of the cell. Both the overpotentials
and the ohmic potential drop are dependent on the current passing in the
system. The instant voltage change at the moment the circuit is broken, ΔEinst,
is related to the circuit resistance through Ohm’s law:

ΔEinst = RcellΔI (3.2)

In a real electrochemical cell, the local current in parts of the cell might not drop
instantly to zero due to electrochemical processes occuring in the electrodes. In
a fuel cell, this will lead to a potential gradient through the porous electrodes
and the resistance estimated from Eq.3.2 will be too high, that is, some of the
polarization overvoltage is erroneously attributed to the ohmic resistance of the
cell. The potential relaxation of the porous electrodes is closely connected to
the exchange current density, i0, of the electrochemical reactions and the error
in the estimated ohmic resistance increases with decreasing i0 [36].

The resistance in the PBI fuel cell was measured using the current-interrupt
technique. An electric switch was installed between the counter electrode and
the potentiostat and a digital oscilloscope (Pico-technologies) was used to mea-
sure the voltage transient from the interruption of the circuit. The cell was
run galvanostatically at current densities of approx. 0.2 A cm−2 during these
measurements. Figure 3.3 shows a typical voltage transient for the fuel cell at
current interruption.

Right after the circuit break the voltage signal is noisy, making it impossible to
select a representative value for the cell potential. Instead, the voltage change
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Figure 3.3: Typical cell voltage transient after current interruption

at current interrupt can be calculated by extrapolating a linear fit to the data
recorded some time after the interrupt back to t = 0 as shown in Figure 3.3.

The cell was fed with oxygen and operated galvanostatically until a stable po-
tential and resistance was obtained. The feed was then changed to chlorine gas
(t = 0) and several consecutive current interrupt measurements were performed
until relatively stable values of the cell voltage and resistance were observed.
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3.4 Results and Discussion

3.4.1 General thermodynamics

A simple thermodynamic overview of the temperature dependence of the open
circuit voltage of the hydrogen - chlorine fuel cell is presented in Figure 3.4.
Thermodynamic data for the reactants and products at 25 ◦C [37] have been
used to calculate the cell voltage dependency for an aqueous and gaseous reac-
tion respectively.

1/2 H2 (aq) + 1/2 Cl2 (aq) 	 HCl(aq) (3.3)
1/2 H2 (g) + 1/2 Cl2 (g) 	 HCl(g) (3.4)

It is clearly seen that due to the strong exothermic energy associated with
dissolution of hydrogen chloride in water, the theoretical cell voltage will be
strongly dependent on the system in question. For a system where the product
is an aqueous solution of HCl, the maximum theoretical cell voltage is 1.39 V at
25 ◦C at standard conditions, while a gaseous reaction would only yield an cell
voltage of 0.98 V. It is also interesting that the voltage of the aqueous system
decreases with increasing temperature, while the gaseous system displays a
slight increase of cell voltage. This rather unexpected behaviour of the gaseous
system is due to the negative entropy term in this reaction.
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Figure 3.4: Temperature dependence of the thermodynamic cell voltages of the
hydrogen - chlorine fuel cell with an aqueous or gaseous phase reaction

3.4.2 Nafion PEM fuel cell

The results of steady state polarisation of the Nafion fuel cell using oxygen and
chlorine as cathode feed are given in Figure 3.5. The cells are operated at 60
◦C and with gas humidification of both anode and cathode gases.

It can be observed that the open circuit voltage is drastically increased (from
0.9 V to 1.35 V) when switching from oxygen to chlorine as oxidant. How-
ever, the maximum electric power output is not increased. The data points
from the polarisation of the chlorine fed cell show a much larger scatter than
for the oxygen fuel cell as the current output at a given potential constantly
decreases with time. This demonstrates the unstable behaviour of the system
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Figure 3.5: Polarisation curves obtained from Nafion fuel cell operated on oxy-
gen and chlorine at 60 ◦C

compared to the oxygen fuelled cell. It is also clearly seen that the resistance
of the cell fed with chlorine is much higher than that of the oxygen cell, as
the slope of the Cl2 polarisation curve is much steeper than that for oxygen.
This indication of a membrane conductivity decrease was further investigated
by electrochemical impedance spectroscopy at various potentials. This showed
values for the cell resistance of 0.35 Ω for the oxygen cell and a value of 0.5-1.0
Ω for the chlorine fed cell. This increase of the cell resistance is most probably
due to the removal of water in the membrane by the produced hydrochloric
acid. A reduction of the water content in the Nafion membrane will drastically
reduce the proton conductivity and thus yield a higher ohmic resistance in the
cell [38]. A reduction of the electrolyte conductivity will also influence the po-
tential and current distribution in the porous electrodes so that the utilisation
of the available electrocatalyst is reduced.

From Figure 3.5 it can be seen that the overpotential for oxygen reduction
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is in the order of 400 mV before any appreciable current is supplied by the
cell. For the cell fuelled with chlorine however, a significant amount of current
is produced after a polarisation of 50 mV. This strongly indicates that the
kinetics of the chlorine reduction reaction is much better than the kinetics for
oxygen reduction.

3.4.3 Composite aqueous/Nafion electrolyte

A typical steady state polarisation curve of the fuel cell with an electrolyte con-
sisting of both a liquid circulating electrolyte and a Nafion membrane is shown
in Figure 3.6. It can be observed from the linear current/potential curve at low
currents that the open circuit potential is close to the thermodynamical value
and that the activation overpotential appears to be small. A mass transport
controlled behaviour is apparent at current densities above 0.3 A cm−2.

Under operation, leakage of electrolyte through the electrodes and into the gas
channels was a constant problem, especially on the cathode side. Intrusion of
chlorine gas into the electrolyte was also frequently observed. Multiple elec-
trodes with varying amounts of Teflon impregnation, both in the gas diffusion
layer and the catalyst layer, was tested and a reduction of leakage was observed
with high degrees of electrode wet proofing. However, no significant difference
in the performance or operating stability of the fuel cell could be established. In
addition to an irregular cell performance, the reproducibility between identical
electrodes was poor.

The high open circuit voltage of this fuel cell indicates that the majority of
the produced HCl is dissolved in the aqueous phase. At standard conditions,
the thermodynamical potential of the chlorine electrode is 1.36 V for formation
of aqueous HCl compared to 0.98 V for gaseous HCl. In this system, with an
aqueous electrolyte in which the formed HCl is dissolved, the liquid phase has
to be circulated to remove the product from the cell. A gradual increase of
the concentration of HCl in the electrolyte itself would unavoidably cause an
unevenness of the current distribution along the electrode and/or through the
stack due to a change of the reversible voltage of the system, as shown in the
mathematical model presented in chapter 4.
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Figure 3.6: Polarisation curves obtained from the composite fuel cell operated
on 3 mol dm−3 HCl and an operating temperature of 25 ◦C

3.4.4 PBI fuel cell

Polarization curves

Figure 3.7 shows polarisation curves for the PBI fuel cell running on oxygen (full
lines) and chlorine (dashed lines) at 175 ◦C. There is a significant difference in
the open circuit cell voltage when operating on either oxygen or chlorine. The
OCP of the oxygen-fed cell lies several hundred millivolts below the thermo-
dynamical value, while for chlorine the theoretical and actual cell voltage is
nearly identical. The different lines are polarisations recorded in chronological
order, from (a) to (f). The first polarisation (a) was performed using oxygen as
feed. The feed was then changed to chlorine and curves (b) to (d) was recorded
successively. The feed was then changed back to oxygen and curves (e) and (f)
was recorded with an hour of operation at 0.4 V between the curves.
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Figure 3.7: Polarisation curves obtained from PBI fuel cell operated at 175 ◦C
on oxygen and chlorine. Curve a is the original polarisation curve of the cell
fed with O2 and H2, curves b,c and d are polarisations (in chronological order)
while the cell is fed with Cl2. Curves e and f are cell polarisations with O2 after
Cl2 operation

The open circuit voltage of the cell when operated on chlorine is 1.15 V, which
is close the thermodynamical potential for formation of aqueous HCl. This
indicates that the produced HCl is formed as a dissolved species in the immo-
bilized phosphoric acid in the polymer matrix and not directly as gaseous HCl.
Based on the high open circuit voltage it can be assumed that the kinetics for
the reduction of chlorine is rapid also in this system. The three curves b, c and
d are as previously stated recorded in chronological order and it is clearly seen
that the performance of the fuel cell decreases rapidly with time. This decrease
could be attributed to either catalyst degradation, reduction of the ionic con-
ductivity of the polymer electrolyte or a combination of these. The cell was
then switched to an oxygen feed, and a polarization curve was recorded (curve
e). As can be seen, the resulting performance of the fuel cell was poor. It was,
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however, observed a slight increase in the performance during the recording of
the polarisation curve and after running the cell at 0.4 V for approximately one
hour, another polarisation curve was recored (curve f). The curve shows that
the performance of the fuel cell had improved drastically and approached the
performance of the cell prior to exposing it to chlorine.

Resistance measurements

To further elucidate the cause of the reduction in cell performance when feeding
the cell with chlorine, current interrupt measurements were performed on the
cell while changing the feed from oxygen to chlorine. The current-interrupt
resistance measurements of the PBI fuel cell can be seen in Figure 3.8. The
open circles represent the cell resistance (Rcell) and voltage (Uc), while the
open squares are the calculated iR-free cell voltage. When fed with oxygen,
the value of the cell resistance was found to be close to 0.2 Ω cm−2. Switching
to a chlorine feed, the cell resistance increased rapidly reaching values close to
0.5 Ω cm−2 within 30 minutes of operation. The resistance further increased
to a stable value of 0.55 Ω cm−2 during the next two hours. The full lines in
Figure 3.8 represent a logarithmic increase/decline of the cell resistance and
-voltage respectively, while the dashed curve represent a linear decrease in the
iR-corrected cell voltage.

The drastic increase of the cell resistance occuring almost instantaneously after
changing to chlorine shows that it is most probably a decrease in the conduc-
tivity of the polymer electrolyte that causes the reduction in cell performance
and not a degradation of the catalyst. HCl is hygroscopic and is a well known
drying agent used in several industrial processes. Most probably, the produc-
tion of HCl in the fuel cell causes a removal of water from the system and forces
the phosphoric acid in the membrane to polymerize to pyrophosphoric acid or
higher oligomers [39,40].

H3PO4 → H4P2O7 → H − (HPO3)n − OH (3.5)
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Figure 3.8: Current interrupt measurements of PBI fuel cell switched from
oxygen to chlorine feed, galvanostatic operation 0.2 A cm−2. Circles and full
lines represent the cell voltage and cell resistance, the open squares and dashed
line are the iR corrected cell voltage

This polymerization reaction will reduce the proton transport ability of the
electrolyte and thus increase the resistance of the cell. It is also possible that
the formed HCl replaces the phosphoric acid in the membrane, the conductivity
of HCl-doped PBI being at least 10 times lower than PBI doped with phospho-
ric acid [41]. However, since the performance increased on reverting to oxygen
(Figure 3.7) and the consequential production of water inside the polymer elec-
trolyte, it is more probable that the polymerization of phosphoric acid is the
cause of the increased cell resistance.

If an increase of the ohmic resistance in the membrane is the only effect of the
dehydration of the membrane, an iR-corrected cell voltage should be constant
with time. From Figure 3.7 it can be seen that the iR-corrected cell voltage
shows a linear decrease with time, thus a simple increase of the membrane
resistance cannot fully explain the reduction in cell performance. A fuel cell
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electrode has a porous, three dimensional structure consisting of polymer elec-
trolyte, gas pores and a electronically conductive phase. Considering this, an
increase of the resistance of the polymer electrolyte will decrease the effective
utilization of the catalyst particles furthest away from the membrane. This is
effectively the same as decreasing the active catalytic area of the fuel cell and
will have an additional negative effect on the performance of the fuel cell. It
is therefore not necessarily any corrosion of the platinum catalyst occuring in
this system.

To investigate the possibility of platinum catalyst degradation, an oxide cata-
lyst, expected to be more stable in the relevant environment was tested. An
MEA with a cathode containing 2 mg cm−2 IrO2 as electrocatalyst was pre-
pared using the same procedure as described in section 3.3.3. However, the fuel
cell showed similar behaviour with loss of cell performance and an increase of
cell resistance. Thus, a rapid degradation of the cathode platinum electrocata-
lyst can be considered to be unlikely. The long term catalyst stability however,
might be poor. The degree of gas humidification was also increased to see if
this could counteract the observed resistance increase. The bubble flasks was
immersed in a temperature controlled water bath and the cell was run at a
constant potential of 0.6 V. No appreciable change in cell performance was ob-
served on increasing the bath temperature from room temperature up to 80
◦C

A possible solution to the problem of water removal and the subsequent con-
ductivity decrease of the PBI membrane might be to include a certain amount
of oxygen bleed into the chlorine flow. This addition of oxygen would, at low
enough cell voltages, lead to production of water inside the membrane and
possibly retard the polymerisation of phosphoric acid.

3.4.5 Comparison of the fuel cell systems

The systems studied possess different properties which are more or less ad-
vantageous. All have a rather high open circuit voltage compared to ordinary
hydrogen - oxygen fuel cells and the chlorine electrode kinetics is far more
beneficial than for the oxygen electrode. Both of these properties lays a good
foundation for a fuel cell system with high power density and energy efficiency.
However, all of the systems studied suffers from severe stability problems.

The main issue for the two cell designs with a solid polymer electrolyte seems to
be the highly hygroscopic nature of HCl. Both systems need a certain amount of
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water to maintain an appreciable electrolyte conductivity and with the produc-
tion of large amounts of HCl the essential part of the water is removed from the
system. Even with a high degree of humidification in the Nafion system it was
not possible to obtain a proper water management, neither was the low amount
of water needed in the PBI system [39,42] able to remain in the electrolyte.

The composite system was designed to avoid the humidification problem ob-
served in the Nafion system and seemed to fulfill this task. However, the in-
clusion of the liquid electrolyte dramatically increases the corrosivity of the
system since it consists of a highly acidic aqueous solution with large amounts
of aggressive chloride anions and dissolved oxidative chlorine. The liquid HCl
electrolyte has a low viscosity and the surface tension of HCl solutions is lower
than that of water [43]. These physical properties makes it extremely hard to
contain the electrolyte and place stringent design conditions on the cell housing,
gas diffusion electrodes and auxiliary equipment.

3.5 Conclusions

Three low temperature fuel cell designs were evaluated for use as a hydrogen -
chlorine fuel cell for co-production of hydrochloric acid and electric power. It
was found that the chlorine reduction kinetics are much faster than the corre-
sponding oxygen reduction reaction, leading to low activation losses at the fuel
cell cathode. However, the nature of the reactant, chlorine, and the product,
HCl, places strict demands on the corrosion resistance of the construction ma-
terials and drastically increases the difficulties related to water management in
the cells. Due to these effects, none of the investigated systems were able to
demonstrate stable operation under the conditions used in this study. The PBI
cell showed best potential and seems to be the system in which the humidifica-
tion and corrosion difficulties easiest can be remedied. The first design criteria
for such a system should be the minimisation of the existence of liquid water,
ideally a hydrogen/chlorine fuel cell system should operate in totally water free
environment and consist of a high temperature proton conductor.
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4.1 Abstract

A two dimensional, isothermal mathematical model of an H2 - Cl2 single fuel
cell with an aqueous HCl electrolyte is presented. The model focuses on the
electrode reactions in the chlorine cathode and also includes the mass and mo-
mentum balances for the electrolyte and cathode gas diffusion layer. There is
good agreement between the model predictions and experimental results. Dis-
tributions of physical parameters such as reactant and product concentrations,
solution and solid phase potentials and local current densities and overpoten-
tials as a function of cell voltage are presented. Effects of varying the initial
electrolyte concentration and operating pressure are analysed. It was found
that an electrolyte inlet concentration of 6 mol dm−3 gave the best cell perfor-
mance and that an increase of operating pressure gave a steady increase of the
fuel cell performance.

4.2 Introduction

Fuel cells are in general used as generators of electric energy, either for mobile or
stationary applications. In a H2 - Cl2 fuel cell, oxygen is replaced by chlorine as
the oxidizing agent, hence, the product from this cell is not water, but hydrogen
chloride. Consequently, the H2 - Cl2 fuel cell is as much an electrochemical
reactor as a generator of electric power. The use of H2 - Cl2 fuel cells for co-
production of hydrochloric acid and electric power in industrial applications
has been proposed for plants having an excess of hydrogen and chlorine readily
available; the chlor-alkali industry has a potential for energy savings with the
use of H2 - Cl2 fuel cells [23]. The use of H2 - Cl2 fuel cells in industrial
processes where chlorine is produced as a by-product, for example in magnesium
electrolysis, can also be beneficial. H2 - Cl2 fuel cells have also been proposed
for space applications [19] and for distributed energy storage systems [16,18,24].

A mathematical model of a fuel cell provides a better understanding of the com-
plex, coupled phenomena that occurs in such systems, as well as useful informa-
tion for scale-up and design. It also enables prediction of the cell performance as
a function of operating conditions. To our knowledge, no mathematical models
of H2 - Cl2 fuel cells have previously been presented in the literature. However,
the system has strong resemblances to the alkaline fuel cell, of which several
models have been presented [44,45]. In addition, the system also has similarities
with the PEM fuel cell which has been extensively modeled [46–55].
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In this paper, a two dimensional, isothermal model for a single cell of a hydrogen
chlorine fuel cell is presented. The model considers four of the six layers of
the H2 - Cl2 single cell; membrane, separator, cathode catalyst layer and the
cathode gas diffusion layer. The mathematical model is solved using the Femlab
3.0a� program package and the chemical engineering toolbox from Comsol AB.
Profiles of local overpotential, current density and electrolyte concentration are
obtained as a function of cell voltage and electrolyte concentration.

4.3 Description of system

The H2 - Cl2 - FC single cell considered in this study consists of six layers; an
anode gas diffusion layer, an anode catalyst layer, a Nafion�-117 membrane,
a separator layer, a cathode catalyst layer and a cathode gas diffusion layer. A
schematic diagram of the cell is shown in Figure 4.1. The anode is a conventional
PEMFC-electrode, based either on a carbon cloth or carbon paper, with a
thin layer of Pt/C electrocatalyst bonded to a Nafion�-117 membrane. The
separator layer consists of a porous PPS (polyphenylene sulphide)-cloth and a
circulating hydrochloric acid electrolyte. The cathode is constructed of a highly
Teflon -impregnated carbon paper acting as the gas diffusion layer and a thin,
porous catalytic layer consisting of RuO2 particles.

The most distinct feature of the H2 - Cl2 fuel cell is the cathode catalyst layer
and the separator (electrolyte) layer. To simplify the model, the anode gas dif-
fusion and catalyst layers are considered to play a negligible role in the overall
performance of the cell, due to the rapid hydrogen oxidation kinetics and high
diffusivity, and are thus omitted from the mathematical model. In addition,
the Nafion� 117 membrane is considered to be both an ideal proton conductor
with a constant conductivity and an impermeable barrier for the electrolyte,
its dissolved species and gaseous hydrogen. The gaseous chlorine supplied to
the cathode gas chamber diffuses across the cathode gas-diffusion layer and the
catalyst layer through macropores in the electrode. The chlorine then dissolves
in the electrolyte in the catalyst layer, diffuses through the electrolyte film cov-
ering the catalyst particles and reacts electrochemically on the catalyst surface
according to the following reaction:

Cl2,(aq) + 2e− 	 2Cl− (4.1)

The electrons needed by the above reaction move from the current collector,
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across the gas-diffusion and catalyst layers where they are consumed by the
chlorine reduction reaction. The product, hydrochloric acid, either diffuses into
the bulk electrolyte (separator layer) or evaporates and diffuses through the
gas diffusion layer and into the gas channels. Each layer of the cell is assumed
to be a superposition of two or more continua. This assumption is based on
the porous electrode model presented by Newman [56]. It is also assumed that
in the gas diffusion electrode, the micropores are occupied only by the liquid
phase and the macropores only by the gas phase.

Figure 4.1: Schematic diagram of the H2 - Cl2 - FC single cell
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4.4 Mathematical modeling

4.4.1 Governing equations

The equation of continuity for species i in a porous medium can be written in
the general form:

∂εci

∂t
= −∇Ni + Re

i + Rp
i (4.2)

Where

ε = porosity
t = time
ci = concentration of species i

Ni = molar flux of species i
Re

i = electrochemical reaction rate of species i per unit volume
Rp

i = mass transfer rate of species i over a phase boundary

4.4.2 The flux expression

The flux expression, Ni, depends on whether the species exists in the gas or
liquid phase. It is assumed that only chlorine and hydrogen chloride exists in
the gas phase, thus Fick’s law for binary diffusion can be used

Ng
i = −D

′g
i ∇pi (4.3)

Where

D
′g
i = effective gas diffusivity of species i

pi = partial pressure of species i

For the liquid phase it is assumed that the flux equation for dilute solutions
can be employed:

N l
i = −D

′l
i ∇ci − ziu

′
iFci∇Φ + civ (4.4)

Where

F = Faraday’s constant
Φ = solution phase potential
D

′l
i = effective liquid phase diffusivity of species i



46 Chapter 4. Computational Model of a Hydrogen - Chlorine Fuel Cell

zi = charge number, species i

u
′
i = effective mobility, species i

v = volume average velocity

The effective diffusivity and mobility is corrected for porosity and tortuosity by
applying the Bruggemann correction [56]:

D
′
i = Diε

1.5 (4.5)
u

′
i = uiε

1.5 (4.6)

Where Di and ui are the free stream diffusivity and mobility of species i re-
spectively.

Interfacial mass transfer

With the assumption of equilibrium at the gas-electrolyte interface the mass
transport rate, Rp

i , for species i across a phase boundary can be approximated
to:

Rp
i = −agDl

i

(
Hipi − ci

δ

)
(4.7)

Where

ag = specific area of the gas-electrolyte interface
Hi = Henry’s law constant of species i
δ = thickness of electrolyte film

Electrochemical reaction rate

The electrochemical reaction rate of species i per unit volume, Re
i , can be

represented by:

Re
i = −sia

li

nF
(4.8)

Where

al = specific area of the catalyst-electrolyte interface
n = number of electrons transferred
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i = local current density
si = stoichiometric coefficient of species i

The stoichiometric coefficient is given by expressing an electrochemical reaction
in the form:

∑
i

siM
zi
i → ne− (4.9)

Where Mi is a symbol for the chemical formula of species i.

The local current density, i, can be described by the Butler-Volmer equation:

i = i0

⎡
⎣∏

i

(
ci

c0
i

)mi

exp
(

αanFη

RT

)
−

∏
j

(
cj

c0
j

)mj

exp
(−αcnFη

RT

)⎤
⎦ (4.10)

Where

i0 = exchange current density
c0
i = concentration of species i at a reference condition

mi = reaction order of species i
αa = apparent anodic transfer coefficient
αc = apparent cathodic transfer coefficient

The local overpotential, η, is given by:

η = U − Φ − Erev (4.11)

Where

U = electrical potential of an electronically conductive solid phase
Erev = reversible electrode potential at the given concentrations

Erev is given by:

Erev = E0 − RT

nF

∑
i

si ln
(

ci

c0
i

)
(4.12)

Where E0 is the theoretical open circuit potential at standard conditions
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Electroneutrality

In the liquid phase the distribution of the charged species must obey the elec-
troneutrality condition:

∑
i

zici = 0 (4.13)

4.4.3 Membrane layer

There are no electrochemical reactions in this layer and there are no gas, liquid
or electronic conductive phases present. It is assumed that the potential drop
in this layer can be described by Ohm’s law.

∇E =
I

κm
(4.14)

Where I is the total current of the single cell and κm the conductivity of the
membrane. Since there are no electrochemical reactions occurring in this layer,
the current density is constant. By differentiating Eq. 4.14, the potential drop
in the membrane can be expressed as:

∇2Umem = 0 (4.15)

4.4.4 Separator (electrolyte) layer

There are no electrochemical reactions in this layer and there are no gas phase
or electrically conductive solid phase present. Four species exists in this layer;
liquid water, dissolved chlorine and two ions; H+

(aq)
and Cl−

(aq)
. By employing

the continuity equation and the transport equations to all species, except water
one obtains:

∇
(
D

′
+∇c+

)
+ ∇

(
z+D

′
+F

RT
c+∇Φ

)
−∇ (c+v) = 0 (4.16)
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∇
(
D

′
−∇c−

)
+ ∇

(
z−D

′
−F

RT
c−∇Φ

)
−∇ (c−v) = 0 (4.17)

∇
(
D

′
Cl2

∇cCl2

)
− ∇ (cCl2v) = 0 (4.18)

Since there are no reactions or mass transfers over phase boundaries in this layer,
there is no change in the volume average velocity (neglecting the influence of
the density change due to HCl dissolution) :

∇v = 0 (4.19)

Due to the porous PPS-cloth, which the electrolyte has to flow through, it is
assumed that the electrolyte flow in the y-direction can be described by a plug
flow characteristic.

4.4.5 Catalyst layer

Assuming that there are no electrochemical reactions in the gas phase of the
catalyst layer; gaseous chlorine dissolves into the electrolyte before reacting.
The product, HCl, either diffuses into the bulk electrolyte or evaporates into
the gas phase and diffuses to the gas channels. Because of the low vapour
pressure of water at 25 ◦C it is assumed that there is negligible amounts of
water vapour in the gas phase, thus the transport equation for chlorine gas
becomes:

NCl2 = −D
′
Cl2

∇pCl2 (4.20)

and the following equation can be obtained from the continuity equation:

∇
(
D

′g
Cl2

∇pCl2

)
− ag

cD
′g
Cl2

(
HCl2pCl2 − cCl2

δc

)
= 0 (4.21)

In the liquid phase, the mass transport of the dissolved reactant gases can be
written by using the Nernst-Planck equation (Eq. 4.4). Since the dissolved chlo-
rine gas is an electrically neutral specie, the second term on the right hand side
is zero. The dissolved gas reacts electrochemically at the catalyst-electrolyte
interface, thus the following equation is obtained at steady state:
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∇
(
D

′l
Cl2

∇cCl2

)
−∇ (cCl2v)+ag

cD
′g
Cl2

(
HCl2pCl2 − cCl2

δc

)
− sCl2a

l
cic

ncF
= 0 (4.22)

The local current density at the cathode, ic, is described by applying the Butler-
Volmer equation to the chlorine reduction reaction:

ic = i0,c

[(
c−
c0−

)m−
exp

(
αaFηc

RT

)
−

(
cCl2

c0
Cl2

)mCl2

exp
(−αcFηc

RT

)]
(4.23)

The transport equation for gaseous hydrochloric acid becomes:

NHCl = −D
′
HCl∇pHCl (4.24)

Thus, the following equation can be obtained from the continuity equation:

∇
(
D

′g
HCl∇pHCl

)
− ag

cD
′g
HCl

(
pHCl − pv

HCl

δc

)
= 0 (4.25)

Where pv
HCl is the concentration dependent vapour pressure of HCl.

Protons do not react electrochemically at the cathode, while the electrochemical
reaction rate for chloride ions follows Eq. 4.8. Thus, using the continuity, flux
and Butler-Volmer equations, we get:

∇
(
D

′l
+∇c+

)
+ z+F∇ (u+c+∇Φ) −∇ (c+v) (4.26)

+ag
cD

′g
HCl

(
pHCl − pv

HCl

δc

)
= 0

∇
(
D

′l
−∇c−

)
+ z−F∇ (u−c−∇Φ) −∇ (c−v) − s−al

cic
ncF

(4.27)

+ag
cD

′g
HCl

(
pHCl − pv

HCl

δc

)
= 0

The total current density, I , obtained from the single cell must be equal to the
integrated value of the local current density, i, with respect to the thickness (x)
of the cathode catalyst layer:
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I = −
Lcat∫
0

alidz (4.28)

As for the membrane layer, Ohm’s law can describe the potential drop in the
solid catalyst particles. Differentiating Eq. 4.28 and combining it with Ohm’s
law gives the following expression for the potential drop in the cathode catalyst
layer:

∇2E =
al

cic
κc

(4.29)

Where κc is the effective electrical conductivity of the cathode.

4.4.6 Gas diffusion layer

There are no electrochemical reactions in this layer; gaseous chlorine diffuses
from the gas channels towards the catalyst layer while the product, HCl, diffuses
from the catalyst layer towards the gas channels. As for the catalyst layer, it is
assumed that no water vapour exists in the gas phase. The transport equation
for chlorine gas and gaseous hydrochloric acid becomes:

Ni = −D
′
i∇pi (4.30)

As for the catalyst layer, the potential drop can be described by Ohm’s law:

∇E =
I

κm
(4.31)

Where κd is the effective conductivity of the diffusion layer. Since no electro-
chemical reactions occur in the gas diffusion layer, I is constant. By differenti-
ating Eq. 4.31, the potential drop in the layer can be expressed as:

∇2Udiff = 0 (4.32)
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4.4.7 Boundary conditions

Anode / Membrane interface

At this interface only protons are transferred and the flux of protons must be
equal to the total current density:

N+|SEP =
I

nF
(4.33)

Since the anode has been omitted from this model, the electrical potential at
the anode/membrane interface can be arbitrarily fixed. Hence, the membrane
potential at this boundary is set to zero:

Φmem|AN = 0 (4.34)

Membrane / Separator interface

The membrane acts as an impermeable barrier for the electrolyte and its dis-
solved species. Thus, the fluxes of anions and chlorine are zero, while the flux
of protons is continuous at this interface

NCl2,(aq)

∣∣∣
SEP

= 0 (4.35)

N−|SEP = 0 (4.36)
N+|MEM = N+|SEP (4.37)

The solution potential is equal to the membrane potential.

Φmem|MEM = Φsep|SEP (4.38)

Separator / Cathode catalyst interface

It is assumed that the PPS-separator prevents gaseous reactants from flow-
ing towards the opposite electrode. Thus the fluxes of gaseous chlorine and
hydrochloric acid are zero at this interface:
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Ni(g)

∣∣
CCL

= 0 ⇒ ∇pi|CCL = 0 (4.39)

Since the separator is an electronic insulator, the electronic current density in
this layer is zero:

∇EC |CCL = 0 (4.40)

The fluxes of dissolved chlorine and ions are continuous at this interface:

N+|CCL = N+|SEP (4.41)
N−|CCL = N−|SEP (4.42)

NCl2(aq)

∣∣∣
CCL

= NCl2(aq)

∣∣∣
SEP

(4.43)

Cathode catalyst / Gas diffusion layer interface

Since the gas-diffusion layer prevents leakage of electrolyte, it is assumed that
the fluxes of the electrolyte and its dissolved species are zero at this boundary.
The fluxes of chlorine gas and gaseous hydrochloric acid are continuous at this
boundary.

Ni(g)

∣∣∣
DIFF

= Ni(g)

∣∣∣
CCL

(4.44)

N+|DIFF = 0 (4.45)
N−|DIFF = 0 (4.46)

NCl2,(aq)

∣∣∣
DIFF

= 0 (4.47)

Gas diffusion layer / Gas channel interface

The electrical potential can be arbitrarily fixed either at the anode or cathode
current collector. Setting the value of the anode to zero, Uc at this interface
will be:

Uc = Ucell (4.48)
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Where Ucell is the total cell voltage.

Assuming a uniform distribution of gases in the gas channels, the partial pres-
sure of chlorine and hydrochloric acid can be set to:

pCl2 = p0
Cl2 (4.49)

pHCl = 0 (4.50)

Electrolyte inlet

At y = 0, the electrolyte concentration and volume average velocity is known.
It is also assumed that the chlorine concentration in the supplied electrolyte
is equal to 1% of the saturation amount since the electrolyte is recycled and
removal of all chlorine gas from this electrolyte is difficult.

ce|y=0 = c0
e (4.51)

vx|y=0 = v0
x

(4.52)
cCl2 |y=0 = 0.01 · cCl2,sat (4.53)

Electrolyte outlet

At y = 1, the change in electrolyte and chlorine concentration is zero. It is
assumed that the mass transport due to diffusion and migration is negligible
compared to the convective flux.

∇
(

ce|y=1

)
= 0 (4.54)

∇
(

cCl2,(aq)

∣∣∣
y=1

)
= 0 (4.55)

∇
(

vy |y=1

)
= 0 (4.56)
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4.5 Model parameters and correlation

Using realistic values for the modeling parameters are essential for the viability
of the mathematical model. A reasonable choice of the parameter values is thus
as important as the mathematical modeling itself. Hence, an effort has been
made to supply as realistic values as possible for these parameters.

4.5.1 Thermodynamic properties

Solubility of chlorine

It is assumed that the solubility of chlorine gas obeys Henry’s law:

ci = Hipi (4.57)

The solubility of chlorine changes linearly with the hydrochloric acid concen-
tration in the range applicable for this model. Using the data from [57], the
following correlation was obtained for the solubility of chlorine in hydrochloric
acid at 25 ◦C

HCl2 (cH+) = 0.0077 · cH+ + 6.0× 10−5 (4.58)

Vapour pressure of HCl

The vapour pressure of HCl over hydrochloric acid increases exponentially with
increasing hydrochloric acid concentration. At 25 ◦C, the following correlation
was obtained using the data from Perry’s Chemical Engineers’ Handbook [58]:

pv
HCl (cH+) = 1.0× 10−10 exp (961.46cH+) (4.59)

Transport properties

The mobility of the electrolyte species changes with electrolyte concentration.
Using the data in [59] the following correlations were obtained:



56 Chapter 4. Computational Model of a Hydrogen - Chlorine Fuel Cell

uCl− = 7 · 10−9 · exp (−171.51 · ce) (4.60)
uH+ = 4 · 10−8 · exp (−171.51 · ce) (4.61)

The diffusivities of the charged species were found using the Nernst-Einstein
equation:

Di = RTui (4.62)

The diffusion coefficient for chlorine is assumed not to be influenced by the acid
concentration. The diffusion coefficient in 0.1 N HCl at 25 ◦C has been found
to be 1.38×10−5 cm2 s−1 [60]. The electrical conductivities of the catalyst and
gas diffusion layers are reported to be 7.14 [61] and 12.5 S cm−1 respectively.
Earlier work from our group [62] investigated the conductivity of Nafion� 117
and found a value of 0.1 S cm−1 at 25 ◦C in a 0.3 mol dm−3 HCl solution.

Kinetic parameters

The exchange current density, i0, for chlorine reduction on RuO2 has been
measured to be ∼ 1.0 × 10−5 in 1 mol dm−3 HCl saturated with Cl2 using the
rotating disc electrode technique [29]. The anodic and cathodic Tafel slopes
for the chlorine evolution/reduction reaction on RuO2 have been reported by
several authors to be 40 and 120 mV dec−1 respectively [63, 64]. Thus, the
anodic and cathodic transfer coefficients, αa and αc, are 0.75 and 0.25 respec-
tively. Since the electrochemical reactions within the cathode catalyst layer are
considered to be elementary reactions, the same absolute values as the stoichio-
metric coefficients are used as reaction orders of the reactants and products.
The electrochemical kinetic parameters are listed in Table 4.1.

Structural parameters

The thickness of the cathode catalyst layer was found to be 10 μm by analysing a
cross section of an electrode in a scanning electron microscope. The gas diffusion
electrode, Toray carbon paper had a thickness of 0.4 mm. The specific surface
area of the RuO2 catalyst was 45 - 65 m2 g−1 (Alpha Aesar) and the catalyst
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Table 4.1: Electrochemical kinetic parameters
Parameter Value
Number of electrons transferred, n 2
stoichiometric coefficient of chlorine, sCl2 1
stoichiometric coefficient of chloride, sCl− -1
reaction order of chlorine, mCl2 1
reaction order of chloride, mCl− 2
anodic transfer coefficient, αa 0.75
cathodic transfer coefficient, αc 0.25
Exchange current density, i0 (A cm−2) 1.0 × 10−5

loading was 2 mg cm−2. By assuming perfect wetting of the whole catalyst
surface, the specific catalyst-electrode interface area,al , can be calculated from:

al =
dcat

Vcat
· Acat (4.63)

Where

dcat = catalyst loading (g cm−2)
Vcat = specific catalyst volume (cm)
Acat = catalyst surface area (cm2 g−1)

Hence, the value of al in the cathode catalyst layer has a value of 9 × 105 cm2

cm−3. Several researchers have reported specific gas - electrolyte interface areas
of the order of 103cm2cm−3 and an electrolyte film thickness of ∼ 0.5μm [59,65].
Thus, the values for ag and δ has been set to 1.0× 103 and 0.5 μm respectively.
The structural parameters are listed in Table 4.2.
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Table 4.2: Base case structural parameters
Parameter (unit) Membrane

layer
Separator
layer

Catalyst
layer

Gas dif-
fusion
layer

Layer thickness, Li

(cm)
0.0175 0.08 1.0× 10−3 0.04

Gas phase porosity,
εg

0.1 0.7

Liquid phase poros-
ity, εl

0.5 0.3

Solid phase porosity,
εs

0.6 0.3

Specific area of gas-
electrolyte interface,
ag (cm−1)

1.0× 103

Specific area of
catalyst-electrolyte
interface, al (cm−1)

1.0× 105

Thickness of elec-
trolyte film, δ (cm)

5.0× 10−4

Electrical conductiv-
ity, (S cm−1)

0.10 7.14 12.5

Operating conditions

The operating conditions for the laboratory test cell are ambient temperature
and pressure. The base case operating conditions for the model are listed in
Table 4.3.

Table 4.3: Base case operating conditions
Parameter (unit) Value
Electrolyte inlet concentration, Ce (mol cm−3) 0.003
Operating temperature, T (◦C) 25
Operating pressure, p0 (bar) 1
Electrolyte flow rate, v (cm s−1) 0.02
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4.5.2 Method of solution

The model equations are highly coupled and non-linear and a numerical so-
lution is required. The finite element method program Femlab� 3.0a with
the chemical engineering toolbox from Comsol AB was employed to solve the
equations. A multiphysics model incorporating three application modes and six
dependent variables was created and a weak, non-linear parametric solver was
used to solve the constructed model.
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4.6 Results and discussion

The model developed is a two-dimensional model and the fuel cell performance
and the distribution of the physical parameters will vary along the cell length
(y-axis). It was found that, for the base case electrolyte velocity, this variation
was negligible from a distance of 0.05 cm from the electrolyte inlet for all current
densities. The results presented in this section are taken from a point 0.5 cm
from the electrolyte inlet and is considered to give a good representation of the
distribution of the physical parameters inside the whole cell.

4.6.1 Comparison of model with experimental results

A comparison of the model prediction for the base case with experimental data
obtained with a 6 cm2 laboratory test cell operated at 25 ◦C with an elec-
trolyte inlet concentration of 3 mol dm−3 HCl is presented in Figure 4.2. The
open squares represent the experimental values while the full line is the model
prediction.

4.6.2 Polarisation curve for base case

The polarization curve for the base case presented in Figure 4.2 displays a
typical shape for low temperature fuel cells. It includes two of the three dis-
tinguishable zones; activation controlled, ohmic controlled and mass transport
controlled polarization. The activation-controlled zone is much less pronounced
than in similar polarization curves for H2 - O2 fuel cells. This is most probably
because the kinetics of chlorine reduction is faster than the kinetics for oxygen
reduction; the exchange current density for chlorine reduction on ruthenium ox-
ide is ∼1.0 10−5 A cm−2, compared to the exchange current density of oxygen
reduction on platinum, which has a value of ∼1.0 10−9 A cm−2 [66]. The slope
of the linear region corresponds to a cell resistance of approximately 0.56 Ω cm2.
The fuel cell has an open circuit voltage of 1.26 V and at a cell voltage of 0.2
V, no limiting current can be observed. Although a slight increase of the slope
of the polarization curve can be seen. The maximum power density of the cell
is about 0.58 W cm−2 at a cell voltage of 0.55 V. The iR drop in the membrane
and electrolyte and the cathodic overpotential predicted by the mathematical
model are also shown in Figure 4.2. The overpotential dominates the losses at
low current densities, while at current densities above 0.6 A cm−2 the iR drop
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Figure 4.2: Polarisaton curve for base case. The open squares are experimental
results from a 6 cm2 laboratory cell. The cathodic overpotential (ηc) and iR
drop of the cell are also shown.

is responsible for more than 50% of the polarization losses. At very high cur-
rent densities (>1.6 A cm−2), the cathode overvoltage starts to increase more
rapidly, indicating an impending mass transport controlled limiting current.
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4.6.3 Distribution of physical variables

The distribution of the partial pressure of gaseous chlorine as a function of
cell voltage and dimensionless distance (ξ ) is given in Figure 4.3. It can be
seen that with decreasing cell voltage, the distribution of the partial pressure
of chlorine becomes less uniform. At a cell voltage of 0.2 V, the partial pressure
of chlorine inside the catalyst layer is approximately 0.85 atm with a small
gradient towards the diffusion layer. This indicates that even though there
exist a certain mass transfer resistance for the chlorine gas, it is not the factor
limiting the total cell performance.

Figure 4.3: Chlorine partial pressure distribution in the cathode catalyst and
diffusion layer as a function of cell voltage.

The distribution of dissolved chlorine is shown in Figure 4.4. At cell volt-
ages between 1.2 and 0.9 V there is only a very slight decrease of the chlorine
concentration. With a further lowering of the cell voltage an interesting phe-
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nomenon occurs; the concentration of dissolved chlorine increases and reaches
a peak value at Ucell ≈ 0.75V. Below 0.75 V, the chlorine concentration rapidly
decreases. This unexpected behaviour is due to the increasing solubility of chlo-
rine with increasing electrolyte concentration (see Figure 4.5 and Eq. 4.58). At
0.75 V, the electrolyte concentration reaches a plateau value and lowering the
cell voltage further increases the electrochemical reduction rate of the chlorine
reduction reaction and the concentration of dissolved chlorine drops. The low
concentration of dissolved chlorine at low cell voltages indicates that this pa-
rameter is the cause of the tendency of a limiting current behaviour observed
in Figure 4.2.

Figure 4.4: Dissolved chlorine concentration distribution in electrolyte and
cathode catalyst layers as a function of cell voltage

Figure 4.5 displays the concentration distribution of HCl in the electrolyte as
a function of cell voltage. It can be seen that there is a drastic increase in acid
concentration with decreasing cell voltage down to 0.6 V where it reaches a
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plateau value. This increase is caused by the production of chloride ions from
the reduction of chlorine and the diffusional and migrational fluxes of chloride
ions are too low to maintain a concentration close to the inlet concentration.
This high electrolyte concentration inside the catalyst layer has several effects;
it causes a drop in the reversible voltage of the cathodic reaction and exposes
the cathode catalyst to a more corrosive environment. Another effect, not taken
into consideration in this work, is the possibility of increased adsorption of Cl−

with increasing HCl concentration which may reduce the chlorine reduction
rate. The electrolyte has a maximum conductivity at concentrations close to
5 mol dm−3, thus the concentration build-up inside the catalyst layer has a
negative effect on the conductivity in this layer, causing a higher ohmic drop.
On the other hand, a positive effect of the concentration increase is a higher
solubility of chlorine in the catalyst layer.
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Figure 4.5: Electrolyte concentration distribution in the electrolyte and cathode
layer as a function of cell voltage

Figure 4.6 shows the distribution of the partial pressure of gaseous HCl in the
catalyst and diffusion layers as a function of cell voltage. The evaporation of
HCl has a strong correlation with the concentration of hydrochloric acid in the
catalyst layer shown in Figure 4.5. This phenomenon manifests itself only at
low cell voltages, where the partial pressure of hydrochloric acid reaches values
of approximately 0.15 atm. It does not seem that the mass transport resistance
of gaseous hydrochloric acid out of the catalyst layer has any major effect on
the cell performance.
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Figure 4.6: HCl partial pressure distribution in the cathode catalyst and diffu-
sion layer as a function of cell voltage.

Figs. 4.7 and 4.8 show the profiles of the local apparent current density and
local overvoltage respectively. The distribution of these parameters are very
uniform through the catalytic layer at all cell voltages, it is only at low cell
voltages that a small curvature close to the separator layer can be seen on the
local current density distribution. The local overvoltage of the cathode reaches
a value of -0.36 V at a cell voltage of 0.2 V and does not have the typical Tafelian
behaviour. This is probably due to the increasing electrolyte concentration and
the depletion of dissolved chlorine in the catalyst layer at low cell voltages,
which effectively increases the overvoltage value additionally.
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Figure 4.7: Profile of the local current density in the cathode layer as a function
of cell voltage.
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Figure 4.8: Profile of the local overvoltage in the cathode layer as a function of
cell voltage.
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Figure 4.9 shows the profile of the membrane and solution potentials as a func-
tion of cell voltage. The variation across the membrane and separator layers
corresponds to the ohmic drop between the electrodes. The potential drop in
the cathode catalyst layer is negligible compared to the quite large drops in
the separator and membrane layers. The figure also shows that although the
separator layer is almost 5 times thicker than the membrane layer, the potential
drop across the two layers are nearly equal.

Figure 4.9: Profile of the membrane and solution potentials as a function of cell
voltage.
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4.6.4 Influence of operating conditions

Initial electrolyte concentration

Since most thermodynamic, transport and kinetic parameters are influenced by
the electrolyte concentration, a variation of the initial electrolyte concentration
can have a strong effect on the cell performance. For instance, increasing the
electrolyte concentration will increase the solubility of chlorine, but above 5 mol
dm−3, the conductivity will decrease. In addition, an increase of the chloride
concentration will affect the cathode kinetics by increasing the anodic reaction
rate and reducing the theoretical open circuit voltage, Erev.

Polarization curves for a single cell with different electrolyte inlet concentrations
are given in Figure 4.10. A considerable increase in the cell performance can
be seen when increasing the electrolyte concentration from 1 to 3 mol dm−3

and as expected, the open circuit voltage drops somewhat. A further increase
from 3 to 5 mol dm−3 has an negligible effect. This behaviour is also observed
experimentally.

Figure 4.10: Single cell polarization curves at different electrolyte inlet concen-
trations.
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In Figure 4.11, the effect of initial electrolyte concentration on current density
as a function of cell voltage is presented. At high cell voltage the variation of
electrolyte inlet concentration has a very low effect on the total current density
of the cell. At lower cell voltages, the current density increases significantly
with increasing concentration from 1 to 3 mol dm−3 and moves through a broad
maximum at concentrations around 6 mol dm−3. The dashed line in Figure 4.11
shows the conductivity of hydrochloric acid as a function of concentration. It
is clear that although the current density concentration dependence have the
same trend as the electrolyte conductivity, the effect is not as pronounced. This
indicates that other mechanisms, such as electrode kinetics and mass transport,
influence the electrolyte concentration dependence of the current density.

Figure 4.11: Cell current density as a function of electrolyte inlet concentration
and cell voltage.
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Operating pressure

Polarization curves for the single cell at different operating pressures are pre-
sented in Figure 4.12. An increase in the cell current density at all voltages can
be observed, while the polarization curves maintains essentially the same slope
in the ohmic polarization region. The small tendency towards limiting current
behaviour observed at an operating pressure of 1 bar is completely eliminated
at higher pressures. The reason for the increased cell performance is a higher
interfacial mass transport of chlorine from the gas phase to the liquid phase and
a higher solubility of chlorine in the electrolyte. There is no indication that the
conductivity of the electrolyte varies with the operating pressure.

Figure 4.12: Single cell polarization curves at different operating pressures.
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4.7 Conclusions

A mathematical model for a H2 - Cl2 single fuel cell has been developed.
The model describes mass transport and electrochemical reactions occurring
in the cathode gas diffusion layer, the cathode catalyst layer and the separa-
tor/membrane layers. From the profiles of dissolved chlorine as a function of cell
voltage, it is determined that the interfacial mass transport of chlorine between
the gas and liquid phase in the cathode probably is the rate-determining step
at high current densities. It is found that concentration of the HCl electrolyte
inside the cathode catalyst layer approaches values close to that of concentrated
hydrochloric acid (12 mol dm−3), especially at high current density.

Influences of the operating condition of the fuel cell are investigated. It is shown
that the cell performance increases substantially by increasing the inlet concen-
tration of the hydrochloric acid electrolyte from 1 to 3 mol dm−3. Increasing
the electrolyte concentration further only leads to small changes in the overall
cell performance. By increasing the operating pressure a steady increase of the
cell performance due to faster electrode kinetics can be observed.

4.8 Acknowledgements

The authors gratefully acknowledge the financial support of the Norwegian
Research Council (NFR) and Norsk Hydro ASA. Research was supported by
the FP5 Marie Curie HOST Fellowship Contract no HPMT-CT-2001-00333





Chapter 5

Background theory

This chapter includes brief introductions to the theories of electron transfer
kinetics, the development of mechanisms for electrode reactions and the rotating
disk electrode and is meant as an introduction to the next two chapters which
deals with the kinetics of the chlorine reduction reaction. The background given
here are taken from [67–69]

75
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5.1 Kinetics of electron transfer at the metal-liquid

interface

Electron transfer at metal electrodes has been studied since the beginning
of the last century and kinetic models based on empirical data was devel-
oped [70–72]. Later, in the early 1960s various scientists, including Marcus,
Gerischer and Levich, started to develop modern theories of electron transfer
between molecules in homogeneous solutions and at electrodes [73–75]. Here,
the classical model based on the assumption that the electrode reaction progress
through an activated complex (transition state) will be used since it is straight-
forward and sufficiently detailed for analysis of experimental data.

Considering the most simple electrode reaction; the single electron transfer of
a redox couple at a metal electrode neither preceded nor followed by any other
reactions:

O + e− 	 R (5.1)

Figure 5.1 shows a graphical representation of the transition state model in
terms of a free energy - reaction coordinate diagram. The energy curves for the
reduced and oxidised species and the barrier height for the anodic, ΔG‡

a, and
cathodic, ΔG‡

c, reaction at equilibrium (a) and at a cathodic polarisation (b)
are depicted. During polarisation, the relative energy of the electron resident
on the electrode changes with −FΔϕ, hence the curve for the oxidized species
moves up or down by that amount. It is assumed that the electric potential only
affects the energetics of the oxidised state (the reduced species is uncharged),
and thus only the energy curve of the oxidised state is shifted under polarisation.
On applying the potential difference Δϕ, the activation energy for the cathodic
reaction is increased by (1 − α)zF (Δϕ) while the activation energy for the
anodic reaction is decreased by α(zFΔϕ). Using this, the dependence of the
activation energies on the potential can approximately be described by

ΔG‡
c = ΔG‡

0c + (1 − α)zFΔϕ (5.2)

ΔG‡
a = ΔG‡

0a − αzFΔϕ (5.3)

The electron transfer coefficient α can be seen as a representation of the fraction
of the input electrical energy by which the electrical part of the activation
energy decreases and thus the net rate of the reaction increases. The value of
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Figure 5.1: Free energy vs. reaction coordinate. a) Equilibrium, b) Under
polarisation

α is related to the molecular quantities such as bonding and solvation energies
which determine the shape and slopes of the potential energy curves shown in
Figure 5.1 [68].

Assuming that the general principles of chemical reaction kinetics remain valid
in the case of electrode processes, the rate of reaction will be proportional to
the concentration of the activated state, which is determined by the activation
energy. The rates of the electrochemical reactions can then be described by an
Arrhenius type relation:
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ra = kacR exp

(
−ΔG‡

a

RT

)
(5.4)

rc = kccO exp

(
−ΔG‡

c

RT

)
(5.5)

Inserting the expression for the activation energies, Eqs. 5.2 and 5.3, we get
the following expressions for the anodic and cathodic rate

ra = kacR exp

(
−ΔG‡

0a + αzFΔϕ

RT

)
(5.6)

rc = kccO exp

(
−ΔG‡

0c − (1− α)zFΔϕ

RT

)
(5.7)

The magnitude of the Galvani potential difference Δϕ is an unmeasurable quan-
tity. It is only possible to measure potentials with respect to a given reference
electrode (E). The Galvani potential difference and the potential of the ref-
erence electrode will only differ with a constant (B), assuming no potential
difference in the diffusive double layer. As a result, the following relationship
can be given:

Δϕ = E + B − (E0 + B) = E − E0 (5.8)

The partial anodic and cathodic current densities can thereby be expressed in
terms of the directly measured electrode potentials. Using this relationship,
Eqs. 5.6 and 5.7 can be rewritten

ia = zFk′
acR exp

(
αzF (E − E0)

RT

)
(5.9)

ic = −zFk′
ccO exp

(−(1 − α)zF (E − E0)
RT

)
(5.10)
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Where

k′
a = ka exp

(
−ΔG‡

0a

RT

)
(5.11)

k′
c = kc exp

(
−ΔG‡

0c

RT

)
(5.12)

If the interface is at equilibrium with a solution in which cR = cO, E = E0 and
k′

acR = k′
ccO so that ka = kc. Thus, E0 is the potential where the anodic and

cathodic rate constants have the same value, also referred to as the standard
rate constant k0. The rate constants at other potentials can then be expressed in
terms of k0. Inserting this into the sum of Eqs. 5.9 and 5.10 we get the complete
current-potential characteristic, also known as the Butler-Volmer equation :

i = zFk0

(
cR exp

(
αzF (E − E0)

RT

)
− cO exp

(−(1 − α)zF (E − E0)
RT

))
(5.13)

At equilibrium, the potential of the electrode will be Erev and the net current
zero, but there will still be an exchange of charge between the electrode and the
species in the solution. This balanced faradaic exchange of charge is designated
the exchange current density i0 which is equal in magnitude to either ic or ia:

i0 = zFAk0cR exp
(

αzF (Erev − E0)
RT

)
(5.14)

= −zFk0cO exp
(−(1 − α)zF (Erev − E0)

RT

)

Writing the Nernst equation in exponential form and raising it to the α power
we obtain:

exp
(

αzF (Erev − E0)
RT

)
=

(
cO

cR

)α

(5.15)

Inserting into Eq. 5.14 gives:
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i0 = zFAk0cα
Oc

(1−α)
R (5.16)

Using the equations above, the current can be described in terms of the devia-
tion from the equilibrium potential, also called the overpotential; η = E−Erev

i = i0

(
αzFη

RT
− −(1 − α)zFη

RT

)
(5.17)

5.2 Derivation of mechanistic rate equations

In the preceding section, the expression for the rate of a single electron transfer
reaction was established. This forms the basis for the development of rate
equations for multi-step reaction mechanisms. Using the IUPAC guidelines
given in [76,77] and considering the following electrode reaction:

A + e− 	 1/2 D (5.18)

which consists of the following elementary steps:

A + e− 	 B (I)
B + e− 	 C (II)
A + C 	 D (III)

where species B and C are reaction intermediates adsorbed on the electrode
surface and species A and D are stable, soluble species. The mass action rate
law gives the following relation for the rates of the elementary steps:

vI = k(1,red)cA exp(−(1 − α)fη)− k(1,ox)cB exp(αfη) (5.19)
vII = k(2,red)cB exp(−(1− α)fη)− k(2,ox)cC exp(αfη) (5.20)

vIII = k3cAcC − k−3cD (5.21)

where f = F
RT . Under steady state measurements, the amount of the reaction

intermediates is constant and we get for B and C:
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∂cB

∂t
= vI − vII = 0 (5.22)

∂cC

∂t
= vII − vIII = 0 (5.23)

The current flowing is a direct measure of the total reaction rate, which also
can be seen as the rate of production of electrons. Thus we get the following
expression for the current:

i/nF = −(vI + vII) (5.24)

The amounts of the adsorbed reaction intermediates are not directly measurable
and has to be related to the activity of the species in solution which it is in
equilibrium with and the electrical state of the system at a given temperature.
This relationship is given by the adsorption isotherm. The general equation for
an adsorption isotherm is [78]:

aA
i = ab

i exp
(

ΔG0
i

RT

)
= β′

ic
b
i (5.25)

where aA
i and ab

i is the activity of species i adsorbed on the electrode surface
and in the bulk solution respectively.

Several isotherms exists and are results of different assumptions and models of
the adsorption process and the interaction between the adsorbed species. In
electrochemistry, three of the most commonly used are the Langmuir, Temkin
and Frumkin isotherms. Table 5.1 gives the expressions for the surface activity
(aA

i ) for these three isotherms.

Having developed an expression for the activity of the adsorbed species, the
rates of the individual elementary steps and thus the total reaction rate can be
described by known or measurable quantities by solving a set of linear equations.
In this case, the set of equations would be Eqs. 5.22, 5.23 and 5.24.
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Table 5.1: Adsorption isotherm activities
Isotherm Expression of adsorbed species activity (aA

i )

Langmuir θi
1−θi

Temkin exp
(

2gθi
RT

)
Frumkin θi

1−θi
exp

(
−2gθi
RT

)
g =

∂ΔG0
i

∂θi

5.3 The rotating disk electrode

The rotating disk electrode (RDE) is one of the few convective electrode systems
for which the hydrodynamic equations and the convective-diffusion equation
have been solved rigorously for the steady state. The electrode is quite simple
to construct and consists of a disk electrode embedded in a rod of insulating
material, for example Teflon or epoxy resin. It is critical that there are no leak-
age of the solution between the insulating material and the electrode, causing a
uncontrolled increase of the electrode area and that the area of the electrode is
small compared to the area of the insulating material. The electrode is attached
to a motor and rotated at a certain frequency, f (s−1).

5.3.1 Velocity and concentration profiles at the RDE

The velocity profile of a fluid near a RDE was obtained by von Karman and
Cochran by solving the hydrodynamic equations under steady state conditions.
The spinning disk drags the fluid at its surface along with it and due to the
centrifugal force flings it outwards in a radial direction. The solution at the disk
surface is replaced by a flow normal to the disk. The hydrodynamic equations
can be written in cylindrical coordinates due to the symmetry of the system.
The equations of continuity, motion and the convective-diffusion equation and
the method of solution are given in [56,78]. A numerical solution of the velocity
profile, using the finite element program FEMLAB� is shown in Figure 5.2.
From the solution of these equations, the following relationship known as the
Levich equation is obtained for an anodic reaction:

id,a = 0.620nFAD
2/3
R ω1/2ν−1/6cb

R (5.26)
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and for a cathodic reaction:

id,c = −0.620nFAD
2/3
O ω1/2ν−1/6cb

O (5.27)

Figure 5.2: The velocity profile at a disk electrode embedded in a larger insu-
lating plane, both rotating at an angular velocity ω

5.3.2 Current/potential curves at the RDE

For currents below the mass transport limited current id, the Levich equation
is modified to:

i = 0.620nFAD
2/3
R ω1/2ν−1/6(cb

R − cs
R) (5.28)

= −0.620nFAD
2/3
O ω1/2ν−1/6(cb

O − cs
O)
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By combining Eqs. 5.26, 5.27 and 5.28, the concentration at the electrode
surface, cs

i , can be described as:

cs
i = cb

i

(
1 − i

id,i

)
(5.29)

Where i denotes the oxidized or reduced species (O or R). From section 5.1 it
is known that the current also can be described by the kinetic rate equation:

i = nF

[
kac

s
R exp

(
αnFη

RT

)
− kcc

s
O exp

(−(1 − α)nFη

RT

)]
(5.30)

Using Eqs. 5.29 and 5.30, rearranging and defining

ik = nF

[
kac

b
R exp

(
αnFη

RT

)
− kcc

b
O exp

(−(1 − α)nFη

RT

)]
(5.31)

one obtains the following relation:

1
i

=
1
ik

⎡
⎣1 +

D
2/3
R ka exp

(
αnFη
RT

)
+ D

2/3
O kc exp

(
−(1−α)nFη

RT

)
0.62ν1/6ω1/2

⎤
⎦ (5.32)

Here, ik represents the obtained current in the absence of any mass transfer
effects, i.e., the kinetically controlled current in the case of the mass transfer
being efficient enough to keep the concentration at the electrode surface equal
to the bulk value. Thus, a plot of i−1 vs. ω−1/2 at a constant value of η should
be linear, and an extrapolation of ω−1/2 to 0 will yield the value of i−1

k which
can be used to determine the kinetic parameters k0 and α (Figure 5.3).

The method described above have one significant drawback. The current used
at different rotation rates must be evaluated at exactly the same value of η,
otherwise the linear extrapolation of ω−1/2 to 0 will give incorrect values for
i−1
k . In some systems this can be difficult to achieve due to uncompensated

resistances in the cell. To avoid this problem, one can combine Eqs. 5.30 and
5.29:

i

nF
=

[
kac

b
R

id,a − i

id,a
exp

(
αnFη

RT

)
− kcc

b
O

id,c − i

id,c
exp

(−(1 − α)nFη

RT

)]
(5.33)
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Figure 5.3: Plot of i−1 vs. ω−1/2 at different overpotentials for a quasi reversible
electrode reaction

Sufficiently far away from equilibrium (η > 2.303RT
nF ), the cathodic reaction can

be ignored, then Eq. 5.33 and Eq. 5.31 yields

ik(η) =
i(η)id,a

id,a − i(η)
(5.34)

and correspondingly for the cathodic reaction:

ik(η) =
i(η)id,k

id,k − i(η)
(5.35)

A plot of theoretical values of ik vs. iid(id − i)−1 should coincide for all rota-
tion rates and give the current/potential relation of the reaction without any
influence of mass transport, Fig 5.4 shows a schematic plot of ik vs. η for an
anodic reaction studied at three different rotation rates.

The ik values can be directly utilized for kinetic analysis, trough a classic Tafel
analysis or more sophisticated numerical methods.
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ik

η

Figure 5.4: Schematic plot of ik vs. η with values from three different rotation
rates
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6.1 Abstract

The rate and mechanism of the electroreduction of chlorine on electrochemi-
cally oxidised Pt and Ru electrodes has been investigated relative to the state
of oxide formation. Current/potential curves for the reduction process in 1 M
HCl solution saturated with Cl2 have been obtained for electrode surfaces in
various states of preoxidation with the use of the rotating disc electrode tech-
nique (RDE). In the case of chlorine reduction on platinum, the results indicate
that adsorption of chlorine molecules with a subsequent rate determining elec-
trochemical adsorption step is the dominant mechanism. The exchange current
density seems to decrease linearly with the logarithm of the amount of surface
oxide.

Chlorine reduction on ruthenium is best described by a Heyrovsky-Volmer
mechanism with the first charge transfer reaction as the rate determining step.
The Krishtalik mechanism incorporating adsorbed O•Cl+ intermediates is also
able to describe the reaction successfully. The reaction order is constant for all
oxide coverages while the exchange current density apparently moves through a
maximum at intermediate oxide coverages (∼100 mC cm−2). The results show
that the electrocatalysis of the cathodic reduction of chlorine is very sensitive
to the state of the oxide film on the surface.

6.2 Introduction

The chlorine electrode has a potential for use in fuel cells due to its fast kinetics
and relatively high standard potential (1.36 V vs. SHE). Compared to a H2 -
O2 fuel cell, a H2 - Cl2 fuel cell has the possibility of a higher power density
and energy efficiency [28]. Due to the product being HCl instead of H2O, the
environment of this fuel cell is very corrosive and ordinary carbon supported
Pt electrocatalysts are not stable, as reported earlier [28]. A substitute must
therefore be found. It is therefore necessary to study the chlorine reduction
reaction on platinum and other metals and metal oxides in order to understand
the reaction mechanism and consequently be able to tailor new, active and
stable electrocatalysts.
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6.2.1 The chlorine electrode reaction on platinum

The chlorine electrode reaction (ClER) in aqueous solutions is conveniently
studied only in the potential range where surface oxide, hydroxides or chemisorbed
oxygen form on platinum. These oxide species can inhibit both the evolution
and reduction of chlorine, and since their equilibrium amount varies with po-
tential it is difficult to interpret results from conventional, steady state, kinetic
measurements. Previously reported current/overpotential curves [79,80] for the
chlorine reduction reaction show some hysteresis attributed to variation in the
extent of oxidation of the electrode surface, but the results from these studies
are not in agreement. Chang and Wick [79] found that the relation between
the overpotential and the logarithm of the current was curved, the currents
at higher overpotentials being smaller than expected from a linear relation.
Frumkin and Tedoradze [80] reported that the reaction was first order with
respect to chlorine but independent of chloride with a stoichiometric number of
two. They suggested that the mechanism was

Cl2(aq) + e− → Clad + Cl−
(aq)

(6.1)

Clad + e− → Cl−
(aq)

(6.2)

i.e. the two steps are comparable in rate and both reverse reactions are neg-
ligibly slow at moderate overpotentials. Dickinson, Greef and Lord Wynne-
Jones [81] studied the chlorine electrode reaction at a platinum surface with
constant oxide coverage and evaluated the quantitative effect of the oxide layer
on the rates of the processes involved. They concluded that increasing the quan-
tity of oxide on the platinum surface causes a decrease in the rate of chlorine
reduction at constant potential and a decrease of the transfer coefficient for at
least one of the steps in the process. They determined that the reaction was
first order with respect to chlorine at low chlorine concentration, but decreased
to 0.8 - 0.6 at higher concentrations. They proposed that the most probable
mechanism, which was in agreement with their obtained results, is;

Cl2(aq) + e− 	 Clad + Cl−(aq) (6.3)

Clad + e− → Cl−(aq) (6.4)
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which differs from the proposed mechanism of Frumkin and Tedoradze [80]
only in that the reverse process in step 1 is considered to be comparable in rate
to the forward process in step 2. Burrows, Entwisle and Harrison [82] found
a cathodic Tafel slope of 81 mV on a virtually oxide free platinum surface,
which they found consistent with the reaction scheme presented by Frumkin
and Tedoradze; Müller and Kaiser [83] determined that for (pCl2 > 0.1 atm)
the reaction order for chlorine is 0.5 with a stoichiometric number of 2 and
suggested that the reaction takes place according to the following mechanism:

Cl2(aq) 	 2Clad (6.5)

Clad + e− → Cl−(aq) (6.6)

For lower partial pressures of chlorine (pCl2 < 0.1 atm), they found that the
mechanism changes and that fast chemisorption of chlorine is replaced by slow
electrochemical adsorption as the rate determining step. Feng-Bin, Hillman,
Lubetkin & Roberts [84] investigated the ClER under potentiodynamic condi-
tions using a platinum-coated quartz crystal for electrochemical quartz crystal
microbalance (EQCM) studies. They showed that the surface coverage of chlo-
rides is essentially 100% between -0.5 and 0.6 V vs SCE. In the range 0.6-1.1
V an anodic adsorption of approx. 25% of a monolayer of atomic chlorine is
observed. This increases with the concentration of dissolved chlorine in the
solution reaching up to 50% with their experimental conditions.

6.2.2 The ClER on RuO2

The fundamental steps in the chlorine evolution reaction on RuO2 and mixed
ruthenium titanium oxides (RTO) have been discussed in many papers through
the Volmer-Krishtalik mechanism [63,85–87]

Cl−
(aq)

	 Clad + e− (6.7)

Clad + e− → (Clad)+ + e− (6.8)

(Clad)+Cl−(aq) 	 Cl2 (6.9)
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Hepel, Pollak & O’Grady [88] suggested from single crystal experiments that the
natural oxygen sites available only on the ideal (110) surface of RuO2 provide
active centres for the formation of surface O•Cl+ groups that are intermediates
in the Krishtalik mechanism. Fernández, Gennero de Chialvo and Chialvo [89]
performed a mathematical kinetic analysis of the current/potential relation
and surface coverage of the adsorbed intermediates for the chlorine evolution
reaction under the Volmer-Krishtalik mechanism and obtained Tafel regions
which slopes cannot be derived from the use of the rate determining step criteria.
They also demonstrated the existence of kinetically limiting current densities.
In a series of three papers, the same authors performed a detailed kinetic study
of the chlorine evolution on Ti/RuO2 through the polarisation resistance in
which they concluded with proposing a Volmer-Kristalik-Tafel mechanism for
the ClER. [90–92]

SZ + H+ 	 SHZ+1 (6.10)

SZ 	 SZ+1 + e− (6.11)

e− + SClZ+1 	 SZ+1 + Cl−aq (6.12)

SZ + Cl2 	 SClZ+1 + Cl−aq (6.13)

2SZ+1 + Cl2 	 2SClZ+1 (6.14)

Where SZ and S+1 are non-oxidised and oxidised surface sites respectively.

6.2.3 Purpose of present work

With the exception of the work of Dickinson, Greef and Lord Wynne-Jones [81],
none of the studies on platinum mentioned above take into account the changes
in oxidation state of the electrode surface. Roscoe and Conway [93] showed
that the state of the oxide film on Cl2 evolving platinum anodes can have a
substantial effect on the chlorine evolution kinetics, but did not examine the
effect of oxide on the chlorine reduction reaction. Although the industrially
important chlorine evolution reaction on RuO2 and mixed ruthenium titanium
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oxides (RTO) has been extensively examined, the corresponding reduction re-
action is explored to a much less extent. In the present work, we have examined
the influence of the oxidation state of Pt and Ru surfaces on the Cl2 reduction
with special reference to well defined states of the surface oxide films. These
are prepared in situ before the kinetic measurements are performed, removing
the role of potential and time dependent changes of state of the oxide film that
can complicate the interpretation of the kinetics of the reaction. This opens
the possibility to determine if there exists any catalytic or inhibitive effect of
electrode surface oxides towards electroreduction of chlorine.

6.3 Experimental

A rotating ring-disc electrode (PINE instruments MTI34) with an interchange-
able disk was used to establish a well-defined mass transfer regime and hence
the effect of mass transport could be isolated. The ring was not used in the
following experiments. The disk electrode had a diameter of 6.0 mm and con-
sisted of either platinum (99.99%, PINE instruments) or ruthenium (99.9%,
Goodfellow). The electrodes had been polished to a mirror finish using alu-
mina powder down to 0.5 μm in size. The cell was a cylindrical glass vessel
of 300 ml capacity, with a double bottom in which temperature controlled wa-
ter could circulate. All experiments were performed at 25◦ C. The cell also
consisted of an inlet and outlet for chlorine gas, a glass capillary connected
to the reference electrode compartment and an opening for the rotating disk
electrode. The glass cell was made gas tight with the use of a PTFE-plug with
a ball bearing fitted around the electrode shaft. The electrolyte was 1.0 M HCl,
made from conc. Suprapur� HCl (Merck) and distilled water (18.2 MW). An
external Ag/AgCl (Metrohm) reference electrode immersed in 1.0 M HCl was
employed and all the reported potentials are referred to this electrode. The
potential of the working electrode was controlled with a Solartron SI 1287 po-
tentiostat. The current and potential was recorded using an ADC-212 digital
oscilloscope (Pico Technologies). Before every new set of experiments, the cell
was washed with distilled water and fresh electrolyte was added.
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6.3.1 Determination of oxide coverage

Platinum

The amount of oxide on the electrode surface as a function of potential and
polarisation time was determined by cathodic stripping. The working electrode
was immersed in a clean 1 M HCl electrolyte and continuously purged with N2 to
remove any dissolved oxygen. The electrode was then brought to a reproducible
state of activity by polarizing for a few seconds alternately at 1.7 V and 0 V
vs. Ag/AgCl five times. This treatment appeared to remove all oxide from the
electrode surface. The cleaning process was followed by a treatment designed
to establish a reproducible quantity of oxide on the electrode. The electrode
was held at one of the four potentials listed in Table 6.1 for the time indicated.
To determine the oxide coverage after the different pre-treatments a cathodic
stripping current of 5 mA cm−2 was applied until the potential of the electrode
was below the potential of the CV oxide reduction peak (∼ 0.1 V vs. Ag/AgCl).
The total charge passed, Qox, was used as a measure of the amount of oxide
formed during the anodic potential hold.

Ruthenium

The oxide formation on ruthenium is much faster and occurs at more cathodic
potentials than on platinum [94]. Thus, the potential steps and the duration of
the pre-treatment had to be modified. The electrode was brought to a repro-
ducible state of activity by polarizing it for 180 s at -0.15 V vs. the Ag/AgCl
electrode. This treatment appeared to remove all the oxide from the surface.
The electrode was then held at one of the three potentials listed in Table 6.2
for the period shown. After the specified oxidation period, a cathodic stripping
current of 50 mA cm−2 was applied until the potential of the electrode reached
-0.15 V vs Ag/AgCl. As with the platinum electrode, the total charge passed,
Qox, was used as a measure of the amount of oxide formed during the anodic
potential hold.

6.3.2 Chlorine reduction

The HCl electrolyte was continuously purged with chlorine gas 30 minutes in
advance of and during all experiments in order to ensure a saturated solution.
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Platinum

The chlorine reduction measurements were performed in the potential range
between 0.9 V and 1.125 V vs. the Ag/AgCl electrode with 25 mV intervals.
Before every measurement of the chlorine reduction reaction, the platinum elec-
trode went through the cleaning and pre-treatment procedures described pre-
viously and visualized in Figure 6.1. This procedure was repeated for several
electrode rotation speeds between 500 and 9000 rpm.

Figure 6.1: Pre-treatment potential profile, platinum electrode

Ruthenium

Before each measurement, the ruthenium electrode was polished with 0.5 μm
alumina powder, washed with distilled water and inserted in the cell. It was
then brought to a reproducible state of activity by polarizing it for 180 s at
-0.15 V vs. Ag/AgCl. Measurements were performed in the potential range
between 0.65 V and 1.1 V with 50 mV intervals. This procedure was repeated
for several electrode rotation speeds between 500 and 9000 rpm.

6.4 Results

The current for chlorine reduction was studied as a function of potential and
rotation speed of the electrode at different, but constant Qox values. The values
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of Qox resulting from the four standard pre-treatment periods for platinum and
the three standard pre-treatment periods for ruthenium are shown in Tables
6.1 and 6.2 respectively. The values for platinum are approx. 10% higher than
those found by Dickinson et al. [81] and Roscoe and Conway [93], indicating
that the method used is capable of determining the amount of oxide on the
electrode surface in a reproducible manner.

Table 6.1: Oxide coverage on platinum after pre-treatment
Potential (V) Time (s) Qox (μC cm−2)

0.9 60 115 ± 2
1.6 10 440 ± 15
1.7 10 580 ± 7
1.8 60 690 ± 55

Table 6.2: Oxide coverage on ruthenium after pre-treatment
Potential (V) Time (s) Qox (mC cm−2)

0.7 60 70 ± 2
0.8 60 95 ± 1
0.9 60 115 ± 2

6.4.1 Reaction order with respect to chlorine

When a rotating disk electrode is used, the reaction order may be determined
from the relation between the current at constant potential and the rotation
speed of the electrode. At potentials sufficiently far from the reversible open
circuit potential, where the reverse reaction may be ignored, we have

i = k[Cl2]
p
S (6.15)

where i is the observed current, k is the potential dependent rate constant,
[Cl2]S the concentration of chlorine at the electrode surface and p the reaction
order. The concentration of chlorine is here used instead of the activity since
the activity coefficient is probably very close to unity [95]. The Levich theory
of the rotating disc electrode gives [96]:

i = B([Cl2] − [Cl2]s)ω1/2 (6.16)
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where B is constant at constant temperature, [Cl2] the bulk concentration of
chlorine and ω the angular velocity of the rotating electrode.

When the current is mass transfer limited, [Cl2]S = 0 and

id = B[Cl2]ω1/2 (6.17)

where id is the diffusion limiting current at the applied electrode rotation rate.
Combining (6.16) and (6.17) gives

[Cl2]s =
id − i

id
[Cl2] (6.18)

Substituting into (6.15) and taking logarithms we get;

log i = logk + p log
(

id − i

id

)
[Cl2] (6.19)

Thus, at constant Qox and potential, a plot of log i against log[Cl2](id−i)(id)−1

will have a slope equal to the reaction order. The values for the reaction or-
der with respect to chlorine on platinum and ruthenium for the different pre-
treatments are given in Table 6.3.

Table 6.3: Reaction order, p, with respect to chlorine
Potential (V) Time (s) p

Platinum
0.9 60 1.1 ± 0.5
1.6 10 0.6 ± 0.1
1.7 10 0.7 ± 0.1
1.8 60 0.7 ± 0.1

Ruthenium
0.7 60 1.0 ± 0.1
0.8 60 1.1 ± 0.1
0.9 60 1.1 ± 0.1

It has been shown [97] that for reactions with complex mechanisms with forma-
tion of stable soluble intermediates, e.g. the oxygen reduction mechanism, the
number of electrons exchanged per reactant is a function of the potential of the
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electrode and cannot be evaluated theoretically in a simple manner. The use
of the rotating disk technique in elucidating the overall kinetic parameters for
such processes is limited and should be performed with caution. Earlier obser-
vations [28] confirming that the chlorine reduction reaction is more reversible
than the oxygen reduction reaction supports the assumption of a less complex
mechanism and a complete two-electron transfer per reactant.

6.4.2 Current/Potential relation

The kinetically controlled part of the total current can be isolated from the
experimental data using the relation [81]:

ik = i

(
id

id − i

)p

= k[Cl2]p (6.20)

A plot of ik against E will show the current/potential relation without any
effect of mass transport. The results for all the standard pre-treatments and
rotation rates are given in Figure 6.2 (platinum) and Figure 6.6 (ruthenium).
These graphs are in no case linear over any appreciable potential range.



98 Chapter 6. Cl2 Reduction on Pt and Ru: The Effect of Oxide Coverage

Figure 6.2: Current/potential relation with different pre-treatments, platinum
electrode. Pre-treatment: (�) 0.9 V for 60 s, (�) 1.6 V for 10 s, (�) 1.7 V for 10
s, (•) 1.8 V for 60 s. The full lines are the relation predicted by mechanisms C,
D and BI. The long, dashed lines are the relationship predicted by mechanism
BII while the short lines represent mechanism AI.
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6.5 Chlorine reduction mechanisms

Four reaction schemes have been considered in attempting to explain the ex-
perimental results. Two basic schemes incorporating one adsorbed species (A,
B) and two schemes involving two adsorbed species (C, D).

Cl2(aq) 	 2Clad (Tafel) (AI)

Clad + e− 	 Cl−
(aq)

(Volmer) (AII)

Cl2(aq) + e− 	 Clad + Cl−
(aq)

(Heyrovsky) (BI)

Clad + e− 	 Cl−(aq) (Volmer) (BII)

Cl2(aq) 	 Cl2,ad (CI)

Cl2(ad) + e− 	 Clad + Cl−
(aq)

(Heyrovsky) (CII)

Clad + e− 	 Cl−
(aq)

(Volmer) (CIII)

Cl2(aq) + e− 	 Cl−(aq) + Cl+ad (Krishtalik) (DI)

Cl+ad + e− 	 Clad (Heyrovsky) (DII)

Clad + e− 	 Cl−(aq) (Volmer) (DIII)

Mechanism A and B are the basic Tafel - Volmer and Tafel - Heyrovsky mech-
anisms known from the hydrogen evolution reaction (HER). Mechanism C in-
volves the adsorption of molecular chlorine and a subsequent electrochemical
reaction to an adsorbed chlorine atom and a chloride ion. The last step, CIII,
is a normal Volmer reaction. Mechanism D is the well-known Krishtalik [63]
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mechanism for chlorine evolution on DSA electrodes, which assumes that the
surface oxide has the ability to rapidly and easily change oxidation states. It
involves a reaction between a chlorine molecule and the surface, forming a chlo-
ride ion and a Cl+ad species, which in two sequential steps is reduced to a chloride
ion. The assumption of a surface able to rapidly change valency renders this
mechanism improbable for chlorine reduction on platinum. The adsorption of
molecular chlorine (mechanism C) or the formation of an adsorbed Cl+ad complex
(mechanism D) have to be considered to be less probable than the adsorption
of atomic chlorine and the surface coverage of these species should therefore
be relatively low, compared to the amount of Clad on the surface. The rate
equations developed from the above reaction schemes have been derived for the
following conditions:

1. Adsorption obeys the Langmuir isotherm

2. The transfer coefficients for the two electron-transfer steps may differ, but
are independent of potential.

3. The reaction steps other than the rate determining step has been consid-
ered to be in rapid equilibrium

4. The concentration of chloride ions at the electrode is considered to be
essentially equal to the bulk concentration.

The rate equations for the four reaction schemes are listed in Table 6.4. The
derivation of the rate equation for D2 (mechanism D with step DII as rate
determining) is given in chapter 6.9.
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It is not possible to distinguish between mechanism C and D from the per-
formed experiments, since the only difference between the rate equations for
these mechanisms is the dependence of the chloride concentration, which was
not altered during the experimental runs. A study of the effect of chloride con-
centration as well as the pH of the solution on the chlorine reduction reaction
will be performed in the near future. However, as previously discussed, it is
very unlikely that mechanism D is valid for a platinum electrode while it has
been proposed several times for chlorine evolution on ruthenium oxides. It is
therefore assumed that mechanism C is possible on platinum while mechanism
D could be favoured on ruthenium.

6.6 Discussion

6.6.1 Tests of the theoretical rate equations

The theoretical rate equations for all the reaction schemes were tested against
the experimental results by the following procedure:

Current-potential relation

The values for the rate constants and the electron transfer coefficients in the
theoretical rate equations were determined from the experimental results using
the lsqcurvefit - function in Matlab, which solves nonlinear curve-fitting (data-
fitting) problems by the method of least-squares. An analysis of the attained
values can indicate if some, all or none of the proposed mechanisms are able to
describe the chlorine reduction reaction.

Dependence of reaction order on chlorine concentration

The theoretical rate equations with the parameters from the curve fitting proce-
dure can be used to calculate the chlorine reaction order by varying the chlorine
concentration CS

Cl2
. These calculated reaction orders can then be compared to

the experimental values found by using the relation in Eq. 6.19.
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Surface coverage of adsorbed species

From the derivation of the theoretical rate equations it is possible to develop
expressions for the relationship between surface coverage of the adsorbed inter-
mediates and potential, as shown for mechanisms B1 and C2 below:

With mechanism B1, since the first step is rate determining,

∂θ

∂t
= k1C

s
Cl2(1− θ) exp(−(1 − α)fE) + k−2CCl−(1 − θ)

× exp(γfE)− k2θ exp(−(1 − γ)fE) = 0 (6.21)

so that

θ =
k1C

s
Cl2

exp(−(1 − α)fE) + k−2CCl− exp(γfE)
k1Cs

Cl2
exp(−(1 − α)fE) + k−2CCl− exp(γfE) + k2 exp(−(1 − γ)fE)

(6.22)

With mechanism C2 there exists two adsorbed surface species, adsorbed chlo-
rine molecules and chlorine atoms, with surface coverages of θI and θII respec-
tively. The relation between surface coverage and potential of these species are
given in Eqs. 6.23 and 6.24.

θI =
k1k3C

s
Cl2

exp(−fE)
k−1k3 exp(−fE) + k−1k−3CCl− + k1k3CCl2 exp(−fE)

(6.23)

θII =
k−3CCl− − k−3CCl−θI

k3 exp(−fE) + k−3CCl−
(6.24)

The two mechanisms assume that adsorption follows the Langmuir isotherm.
It is likely that the adsorption may follow another isotherm, like the Temkin
or Frumkin isotherms. If this is so, the coverages calculated in this work is
erroneous since they are derived from the concentration dependence predicted
by Langmuir conditions. It might be possible that another mechanism will give
better results if more general equations for the adsorption of reactants could be
applied.

6.6.2 Chlorine reduction on platinum

Figure 6.2 shows the experimental values of the kinetic current ik, found by Eq.
6.20, for chlorine reduction on platinum at different states of oxide formation.
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The full lines are those attained when curve fitting mechanisms B1, C2&3 and
D2&3 to the experimental values while the long dashed lines are those attained
from the curve fitting of mechanism B2. The short dashed lines are related to
mechanism A1. From Figure 6.2 it can be concluded that mechanism A1 does
not describe the experimental results satisfactorily, especially at high surface
oxide coverage, while the curves obtained for mechanism B and C all have
acceptable fits to the experimental current potential relations. The values of
the fitting parameters are physically reasonable, the value of the rate constant
for the rate determining step is at least two orders of magnitude lower than the
other rate constants and the electron transfer coefficients have values between
0.3 and 0.7. Mechanism AII was not at all able to describe the experimental
results.

Figure 6.3 and Figure 6.4 show plots of log i vs. log([Cl2](id − i)(id)−1) for
chlorine reduction on platinum with the four standard pretreatments. The
lines represent the predictions of mechanism B1/B2 (Figure 6.3) and C2/C3
(Figure 6.4) respectively. Mechanism B1 has the same slope as the experimental
value for the platinum electrode pre-treated at 0.9 V for 60 s, but there is a
significant offset between the experimental and theoretical log i values. For the
other electrode pre-treatments, mechanism B1 gives an incorrect value for the
chlorine reaction order. Mechanism B2 also describes a correct reaction order
for the 0.9 V / 60 s pre-treatment, but for the other pre-treatments it predicts
a reaction order close to zero. Mechanism C3 is unable to describe any of the
experimentally found reaction orders, predicting values close to or equal to zero
for all pre-treatments. C2 is the only mechanism able to give correct reaction
orders for all pre-treatments in addition to having a good fit to the experimental
results, except for a small offset for the 1.7 V / 10 s pre-treatment.
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Figure 6.3: Determination of reaction order by variation of rotation speed.
Platinum electrode, potential = 0.9 V. Pre-treatment: (�) 0.9 V for 60 s, (�)
1.6V for 10 s, (�) 1.7 V for 10 s, (•) 1.8 V for 60 s. The full lines are the ones
predicted by mechanism BI while the dashed lines are the ones predicted by
mechanism BII.
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Figure 6.4: Determination of reaction order by variation of rotation speed.
Platinum electrode, potential = 0.9 V Pre-treatment: (�) 0.9 V for 60 s, (�)
1.6V for 10 s, (�) 1.7 V for 10 s, (•) 1.8 V for 60 s. The dashed lines are the
ones predicted by mechanism CIII/DIII while the dashed-dotted lines are the
ones predicted by mechanism CII/DII.

Fig 6.5 shows the calculated surface coverages of Cl2,ad and Clad according to
mechanism C2. The amount of adsorbed molecular chlorine is relatively low
at moderate overpotentials, increasing slowly as the electrode becomes more
cathodically polarised, while the amount of adsorbed atomic chlorine decreases
with increasing cathodic overpotential. This behaviour is as expected from the
mechanism proposed, where the reduction of molecular chlorine is assumed to
be the rate-determining step.
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Figure 6.5: Calculated surface coverage of adsorbed intermediates on platinum
according to mechanisms CII and DII. θI = Cl2,ad, θII = Clad. Pre-treatments:
(a) 0.9V for 60 s, (b) 1.6 V for 10 s, (c) 1.7 V for 10 s (d) 1.8 V for 60 s.

6.6.3 Chlorine reduction on ruthenium

Figure 6.6 shows a plot of ik vs. electrode potential for chlorine reduction on
ruthenium. The full lines are those predicted by mechanisms C2/D2, C3/D3
and B1. The dashed lines corresponds to mechanism B2. The full lines have a
good fit to the experimental values for all the standard pre-treatments, while the
broken lines (mechanism B2) erroneously predict a decrease in the kinetic cur-
rent at high overvoltages. The fitting parameters all have physically reasonable
values, the rate constant for the rate determining step is at least three orders of
magnitude lower than the other rate constants and the electron transfer coeffi-
cients have values between 0.5 and 0.75. The only exception is mechanism B1
describing the reaction on the ruthenium electrode with the highest amount of
oxide, where the second electron transfer coefficient has a value of 1.
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Figure 6.6: Current/potential relation with different pre-treatments, ruthenium
electrode. Pre-treatment: (�) 0.7 V for 60 s, (�) 0.8 V for 60 s, (�) 0.9 V for 60
s. The full lines are the relation predicted by mechanisms CII/DII, CIII/DIII
and BI. The dashed lines are the relationship predicted by mechanism BII.

Figure 6.7 and Figure 6.8 show plots of log i vs. log([Cl2](id − i)(id)−1) for
chlorine reduction on ruthenium for the three standard pretreatments. The lines
represent mechanisms C2/D2 - B1 and C3/D3 - B2 respectively. Mechanisms
B1 and C2/D2 both have excellent fits to the experimental data. The only
difference is that mechanisms C2/D2 predicts a slightly lower chlorine reaction
order. Mechanisms B2 and C3/D3 are not able to describe the experimental
results, predicting reaction orders close to or equal to zero.
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Figure 6.7: Determination of reaction order by variation of rotation speed.
Ruthenium electrode, potential = 0.7 V Pre-treatment: (�) 0.7 V for 60 s, (�)
0.8 V for 60 s, (�) 0.9 V for 60 s. The dashed lines are the ones predicted by
mechanism CII/DII while the full lines are the ones predicted by mechanism
BI.
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Figure 6.8: Determination of reaction order by variation of rotation speed.
Ruthenium electrode, potential = 0.7 V Pre-treatment: (�) 0.7 V for 60 s, (�)
0.8 V for 60 s, (�) 0.9 V for 60 s. The dashed lines are the ones predicted
by mechanism BII while the full lines are the ones predicted by mechanism
CIII/DIII.

Figure 6.9 shows the calculated surface coverage of the two adsorbed species
present in mechanisms C2 and D2. The amount of Cl2,ad or Cl+ad is very close
to zero at open circuit, increasing slowly to 0.1-0.15 when the electrode is ca-
thodically polarised while the surface coverage of adsorbed atomic chlorine is
reduced correspondingly. According to mechanism B1, the surface coverage of
adsorbed atomic chlorine should decrease from 1 to approximately zero at a ca-
thodic overpotential of 250 mV as shown in Figure 6.10. Both these behaviours
are consistent with the expected results from the proposed mechanisms.
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Figure 6.9: Calculated surface coverage of adsorbed intermediates on ruthenium
according to mechanisms CII and DII. θI = Cl+ad or Cl2,ad, θII = Clad. Pre-
treatments: (a) 0.7V for 60 s, (b) 0.8 V for 60 s, (c) 0.9 V for 60 s.
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Figure 6.10: Calculated surface coverage of the adsorbed intermediate (Clad)
on ruthenium, according to mechanism BI. Pre-treatments: (a) 0.7V for 60 s,
(b) 0.8 V for 60 s, (c) 0.9 V for 60 s.

6.6.4 Most probable mechanism

From the presented mechanistic analysis it appears that mechanism C2 is the
only mechanism capable of describing the experimental results for chlorine re-
duction on platinum. (As previously discussed, the formation of Cl+ad on plat-
inum is very unlikely). This differs from the analysis performed by Dickinson,
Greef and Lord Wynne Jones [81] who concluded that mechanism B2 is the
most probable mechanism. An explanation for this discrepancy may be that
Dickinson, Greef and Lord Wynne Jones applied a maximum chlorine concen-
tration of approximately 15% of the concentration used in this study. At these
relatively low concentrations, the amount of adsorbed molecular chlorine might
have been too low or the speed of adsorption too high compared to the overall
reaction rate to see any effect on the current - potential relation. However,
using the rate equation for mechanism B2 with the kinetic parameters found
in this study with the chlorine concentrations used by Dickinson et. al, the
prediction of the chlorine reaction order coincides with the experimental results
of Dickinson et. al. This suggest that there is a change in mechanism from B2
to C2 as the chlorine concentration approaches the point of saturation.

From the mechanistic analysis performed on the chlorine reduction on ruthe-
nium, it can be concluded that mechanisms B1 and C2/D2 are able to describe
the experimental results. Since the Krishtalik mechanism is frequently reported
as a probable mechanism for chlorine evolution on ruthenium oxide, it seems
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most probable that mechanism D2 rather than C2 is valid. Both mechanism
B1 and D2 has the first charge transfer reaction, a Heyrovsky type, as the rate
determining step, the only difference being that D2 has two adsorbed species
rather than one with one adsorption/reaction step preceding the rate deter-
mining step. Thus it seems that this preceding step does not have a critical
importance under the conditions this study was performed.

6.6.5 Effect of surface oxide

It is very difficult to draw unambiguous conclusions on the effect of surface
oxide since the different pre-treatments probably alters both the amount of
oxide and adsorbed chloride and chlorine. If the total amount of active surface
area is considered to be independent of the pre-treatment, the results in Figures
6.2 and 6.6 indicate that increasing quantities of oxide on the surface causes
a decrease in the rate of chlorine reduction at constant potential. Figure 6.11
shows the exchange current density and transfer coefficients as a function of the
extent of surface oxidation on platinum (left) and ruthenium.

Figure 6.11: Exchange current density and transfer coefficient as a function
of oxide coverage on platinum and ruthenium. The two dotted, vertical lines
mark one monolayer of adsorbed OH and O respectively. (�) Electron transfer
coefficient, (�) exchange current density.
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There is a significant decrease in the exchange current density on platinum with
increasing degree of surface oxidation, the value of the exchange current density
being inversely proportional to the logarithm of Qox. The transfer coefficient
for chlorine reduction on platinum moves through a maximum at an amount
of oxide corresponding to a full monolayer of O. This behaviour was also seen
by Dickinson, Greef and Lord Wynne-Jones [81] which they attributed to the
discharge process moving from a metal surface to a surface almost completely
covered with oxide. The exchange current density on ruthenium seems to move
through a maximum at intermediate oxidation states, resembling a ”volcano”
behaviour. This might suggest that there is one or more ruthenium oxide species
being more active towards chlorine reduction, but the amount of experimental
results in this study is not adequate to ascertain this hypothesis. The transfer
coefficient is close to constant for all oxidation states.

As different ruthenium oxide species, Ru possesses the ability of changing its
valence between 2+ and 6+ [98]. The amount of ruthenium oxide on the elec-
trode during the experiments (∼ 100mC cm−2) is close to a bulk oxide. This,
together with the presented analysis indicates that the chlorine reduction re-
action on the ruthenium electrode takes place on the ruthenium oxide surface
which actively participates in the reaction. For the platinum electrode however,
the thickness of the oxide layer varies from less than one monolayer of OH to
approximately two monolayers of O (Figure 11). At these degrees of oxidation
it is unlikely that definite stoichiometric phases exist since the oxidation of the
Pt surface is a progressive process [99–101]. Due to the lack of well defined
oxide structures on the electrode surfaces it is not suitable to use these exper-
imental results as a background for a thorough discussion of the effects of the
material properties of these oxide species on the chlorine reduction reaction.
However, one major difference between platinum oxide and ruthenium oxide
films is that PtO2 is an insulator (106 Ω−1 cm−1), whereas RuO2 is conductive
(3-5×10−5 Ω−1 cm−1) [98]. It is therefore likely that the platinum oxide species
forms an inactive, insulating barrier on the electrode surface which prevents
the transfer of electrons between the platinum electrode and the reactants.

6.7 Conclusions

Experiments have been performed on Pt and Ru electrodes with controlled de-
gree of oxidation in order to quantitatively evaluate the relation between the
electrocatalytic behaviour of the materials for chlorine reduction and the degree
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of surface oxidation. In the case of chlorine reduction on platinum, the results
indicate that adsorption of chlorine molecules with a subsequent rate deter-
mining Heyrovsky discharge step is the dominant mechanism. The exchange
current density decreases linearly with the logarithm of the amount of surface
oxide Chlorine reduction on ruthenium is best described by a Heyrovsky-Volmer
mechanism with the first charge transfer reaction as the rate determining step.
The Krishtalik mechanism incorporating adsorbed O•Cl+ intermediates is also
able to describe the reaction successfully. The reaction order is constant for all
oxidation states while the exchange current density apparently moves through
a maximum at intermediate oxidation states (∼ 100mC cm−2).

6.8 Acknowledgements

Grateful acknowledgement is made to the Research Council of Norway (NFR)
and Norsk Hydro ASA for financial support.

6.9 Appendix A: Derivation of the theoretical rate

equation for mechanism DII

Mechanism DII may be written as

Cl2(aq) + e− 	 Cl−(aq) + Cl+ad (Krishtalik) (A.1)

Cl+ad + e− → Clad (Heyrovsky) (A.2)

Clad + e− 	 Cl−
(aq)

(Volmer) (A.3)

where the second step is rate determining.

The reaction rate of the individual steps can be represented with the equations
below by neglecting the reverse reaction in step A.2.

v1 = k1C
s
Cl2(1− θI − θII )− k−1CCl−θI (A.4)

v2 = k2θI exp(−(1 − α)fE) (A.5)
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v3 = k3θII exp(−(1− γ)fE)− k−3CCl−(1 − θI − θII) exp(γfE) (A.6)

By considering steps I and III to be in rapid equilibrium and using the steady
state approximation, expressions for the surface coverages of the reaction inter-
mediates can be found:

v1 = 0 ⇒ k1CCl2(1− θI − θII) = k−1CCl−θI (A.7)

θI =
k1CCl2(1− θII)

k−1CCl− + k1CCl2

(A.8)

v2 = 0 ⇒ k3θII exp(−(1 − γ)fE)
= k−3CCl−(1− θI − θII) exp(γfE) (A.9)

θII =
k−3CCl− − k−3CCl−θI

k3 exp(−fE) + k−3CCl−
(A.10)

Combining Eqs. (A.8) and (A.10):

θI =
k1CCl2

(
1 − k−3CCl−−k−3CCl−θI

k3 exp(−fE)+k−3CCl−

)
k−1CCl− + k1CCl2

(A.11)

θI =
k1k3CCl2 exp (−fE)

k−1k3CCl− exp (−fE) + k−1k−3C2
Cl− + k1k3CCl2 exp (−fE)

(A.12)

Since step A.2 is rate determining, the total current is assumed to be:

iT = 2FAvII = 2FAk2θI exp(−(1 − α)fE) (A.13)

Inserting Eq. (A.12) into Eq. (A.13) gives the following expression for the total
current for chlorine reduction:

iT = 2FA
k1k2k3CCl2

k−1k3CCl− exp ((1 − α) fE) + k−1k−3C
2
Cl−

(A.14)

× exp ((2 − α) fE) + k1k3CCl2 exp ((1 − α) fE)
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7.1 Abstract

The rate and mechanism of the electroreduction of chlorine on electrooxidised
ruthenium has been investigated with focus on the effect of solution pH. Steady
state current/potential curves for the reduction process in solutions with con-
stant chloride concentration of 1.0 mol dm−3 and a varying H+ concentration
have been obtained with the use of the rotating disk electrode technique (RDE).
It was found that the rate of chlorine reduction is highly inhibited in solutions
with high H+ concentrations and that it can be satisfactorily described by the
Erenburg mechanism, previously suggested for the chlorine evolution on RuO2

and mixed ruthenium titanium oxides (RTO). The expression of the kinetic
current as a function of chlorine and H+ concentration was obtained by solving
the elementary rate equations of the kinetic mechanism. The kinetic constants
obtained from the numerical fitting of the kinetic current expression to the ex-
perimental data were used to simulate the dependence of the surface coverages
and elementary reaction rates on overpotential.

7.2 Introduction

The chlorine electrode reaction (ClER) :

Cl2(g) + 2e− 	 2Cl−aq (7.1)

has been extensively studied on several electrode materials and significant ad-
vances have been achieved on its understanding [102]. Due to their application
as the anodic material in the chlor-alkali process, oxide electrodes, especially
those based on thermally prepared RuO2 and mixed ruthenium titanium oxides
(RTO) have been given special attention. However, performing kinetic studies
of the chlorine evolution reaction is not without difficulty. Thermodynamically,
oxygen evolution is favoured and if the pH of the solution is too high, it can
contribute substantially to the overall current. In addition, the oxygen evolu-
tion will affect the pH close to the electrode, making it difficult to evaluate the
effect of the H+ concentration. Furthermore, corrosion processes, especially in
the case of RuO2, with formation of species with high oxidation states and the
chlorine gas evolution itself, constantly changing the active area of the elec-
trode, are factors not easily corrected for. Thus, the experimental conditions
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have to ensure the minimisation of the contributions of the above mentioned
effects.

Studying the cathodic reduction reaction gives the possibility to overcome most
of these difficulties. Due to the more cathodic potentials applied, the corrosion
of the electrode is minimised, there are no competing reactions occuring (dis-
solved oxygen is removed by chlorine purging) and no gas bubbles are produced.
Since the solubility of chlorine in hydrochloric acid is relatively high [57], consid-
erable current densities can be achieved, especially when employing a rotating
disc electrode [29]. The study of chlorine reduction kinetics can thereby add
crucial information concerning the ClER. In addition, the chlorine reduction
reaction itself is interesting in the context of fuel cell technologies. The chlorine
electrode has a potential for use in fuel cell based electrochemical reactors due
to its fast kinetics and relatively high standard potential [18, 19,25,28]

In 1987, Trasatti [102] presented a detailed review of the available literature
on the mechanism for chlorine evolution. Factors discussed included mixed
potentials, porosity, removal of Cl2, bubble formation, support passivation,
morphology, ion specific adsorption and pH effects. A detailed chronological
overview of proposed mechanisms were also given. The first mechanistic study
of the chlorine evolution reaction at RuO2 based electrodes was published by
Erenburg, Krishtalik and coworkers in 1972 [103]. They found an anodic Tafel
slope of 30-33 mV and a cathodic limiting current followed by a Tafel slope of
approximately 68 mV. They proposed the classical mechanistic steps frequently
used for Cl2 evolution on platinum:

Cl−aq 	 Clad + e− (7.2)

Clad + Cl−aq → Cl2 + e− (7.3)

Clad + Clad → Cl2 (7.4)

In 1975, the same authors analysed the Cl2 evolution mechanism again, based
on new experimental data [104–106] and proposed the following elementary
steps:
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Cl−aq 	 Clad + e− (7.5)

Clad 	 (Clad)+ + e− (7.6)

(Clad)+ + Cl−aq 	 Cl2 (7.7)

The nature of (Clad)+ was not specified. This mechanism is known as the
Volmer-Krishtalik mechanism and has been extensively discussed in the litera-
ture [63,85–87]. Hepel, Pollak and O’Grady [88] suggested from single crystal
experiments that the natural oxygen sites available only on the ideal (110) sur-
face of RuO2 provide active centres for the formation of surface O• Cl+ groups
that are intermediates in the Krishtalik mechanism. Fernández, Gennero de
Chialvo and Chialvo [89] performed a mathematical kinetic analysis of the cur-
rent/potential relation and surface coverage of the adsorbed intermediates for
the chlorine evolution reaction under the Volmer-Krishtalik mechanism and ob-
tained Tafel regions which slopes cannot be derived from the use of the rate
determining step criteria. They also demonstrated the existence of kinetically
limiting current densities.

The first paper concerning the effect of pH on the Cl2 evolution was published
by Erenburg in 1984 [107]. From experimental results for 30 mol% RuO2 +
TiO2 electrodes showing the retarding effect of H+, the following mechanism
was proposed:

H2O 	 OHad + H+ + e− (7.8)

OHad + Cl− → HOCl + e− (7.9)

HOCl + HCl 	 Cl2 + H2O (7.10)

This mechanism laid the basis for a new generation of mechanisms for the Cl2
evolution on oxide electrodes based on the possibility of acid-base equilibria at
the oxide electrode surface [108]:
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M − OH+
2 	 M − OH + H+ (7.11)

M− OH 	 M − O− + H+ (7.12)

In a series of three papers, Fernández and coworkers performed a detailed kinetic
study of the chlorine evolution on Ti/RuO2 through the polarisation resistance
in which they concluded with proposing a Volmer-Krishtalik-Tafel mechanism
for the ClER. [90–92]

SZ + H+ 	 SHZ+1 (7.13)

SZ 	 SZ+1 + e− (7.14)

SZ+1 + Cl−aq 	 e− + SClZ+1 (7.15)

SClZ+1 + Cl−aq 	 SZ + Cl2(g) (7.16)

2SClZ+1 	 2SZ+1 + Cl2(g) (7.17)

Where SZ and SZ+1 are non-oxidised and oxidised surface sites respectively.

7.2.1 Purpose of the present work

As mentioned above, the industrially important chlorine evolution reaction on
RuO2 and mixed ruthenium titanium oxides (RTO) has been extensively exam-
ined, there are still several kinetic aspects that continue to be under discussion.
The corresponding reduction reaction has been explored to a much less extent
and most frequently as a small section in a larger investigation of the chlorine
evolution reaction. In the present work, we have examined the influence of H+

concentration on the relatively uninvestigated chlorine reduction kinetics, with
the purpose of trying to further elucidate the nature of the ClER mechanism
and to increase the understanding of the chlorine reduction reaction on oxide
electrodes. Mechanisms proposed for the chlorine evolution reaction has been
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evaluated against the experimental data and the most promising have been
analysed closely by derivation of rate equations and numerical curve-fitting to
the experimental data.

7.3 Experimental

A rotating ring-disc electrode (PINE instruments MTI34 , AFMSRX rotator)
with an interchangeable disc was used to establish a well-defined mass transfer
regime to the working electrode. The ring was not used in the following exper-
iments. The electrode had a diameter of 6.0 mm and consisted of ruthenium
(99.9%, Goodfellow). The electrode was polished to a mirror finish using alu-
mina powder down to 0.5 μm in size. The cell was a cylindrical glass vessel of
300 ml capacity, with a double bottom in which temperature controlled water
could circulate. All experiments were performed at 25 ± 1 ◦C. The cell also
consisted of an inlet and outlet for chlorine gas, a glass capillary connected
to the reference electrode compartment and an opening for the rotating disk
electrode. The glass cell was made gas tight with the use of a PTFE-plug
with a ball bearing fitted around the electrode shaft. An Ag/AgCl (Metrohm)
reference electrode immersed in the working electrolyte was employed and all
the reported potentials (if not specifically stated) are referred to this electrode.
The potential of the working electrode was controlled with a Solartron SI 1287
potentiostat. Before every new set of experiments, the cell was rinsed with dis-
tilled water and fresh electrolyte was added. The reported experimental results
are all iR corrected, both for the electrolyte resistance and the resistance in the
rotating disk electrode.

7.3.1 Cyclic voltammetry

Cyclic voltammograms were recorded to characterise the ruthenium electrode
both before and after electrooxidation. The electrolyte (1.00 M HCl) was con-
stantly purged with argon to remove any dissolved oxygen and a potential
sweep rate of 500mV s−1 was used. The current and potential were recorded
using an ADC-212 digital oscilloscope (Pico Technologies). After polishing, the
electrode was immersed in the solution and a cyclic voltammogram was imme-
diately recorded. This was assumed to be the response of the non oxidised,
metallic ruthenium electrode. The electrode was then polarised at 1.3 V for 10
minutes and a new voltammogram recorded. After the polarisation at 1.3 V
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and recording of the CV, the electrode was held at 0.5 V for 10 minutes, -0.2 V
for 30 minutes and -0.2 V for 12 hours consecutively. Between each potential
hold, a voltammogram was recorded.

7.3.2 Rotating disk electrode measurements

Before each measurement, the ruthenium electrode was polished with 0.5 μm
alumina powder, washed with distilled water and inserted in the cell. It was
then oxidised at 1.3 V for 10 minutes to ensure a reproducible oxidation state
of the electrode. Chlorine reduction measurements were then performed in the
potential range between open circuit and -0.2 V with intervals of 25 mV at
low overpotentials and 50 mV at higher overpotentials. The potential steps
lasted 15 s or until a stable current within 1% was achieved. This procedure
was repeated for several electrode rotation speeds ranging from 200 to 4000
rpm. The electrolyte consisted of different NaCl - HCl - HClO4 solutions with
constant concentration of 1 mol dm−3 Cl− and a concentration of H+ranging
between 0.01 mol dm−3 and 5 mol dm−3, see Table 7.1. The electrolyte so-
lutions were prepared with NaCl(p.a. Merck), conc Suprapur� HCl (Merck)
and HClO4 (70% Fluka) The electrolyte was saturated with chlorine gas (2.8
Gerling Holtz) by gas bubbling for 30 min before each experiment.

Table 7.1: Electrolyte concentrations mol dm−3

Solution cHCl cNaCl cHClO4

1 0.010 0.990 0
2 0.024 0.976 0
3 0.059 0.941 0
4 0.143 0.857 0
5 0.349 0.651 0
6 0.847 0.153 0
7 1.000 0 1.057
8 1.000 0 4.000
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7.4 Results

7.4.1 Cyclic voltammetry measurements

Cyclic voltammograms recorded at 500 mV s−1 of non-oxidised and electroox-
idised ruthenium in 1.0 mol dm−3 are shown in Figure 7.1. The currents gen-
erated in the cyclic voltammetry, I = C dV

dt , provide a measure of the elec-
trochemical capacitance, C, of the oxide system [109, 110]. For RuO2 this in-
cludes a double-layer capacitance and the pseudo-capacitance associated with
Ru redox-processes in the film [109]. It can be observed that the current on
the non-oxidised ruthenium is lower than those for the oxidised electrodes and
having a somewhat different shape with oxidation peaks at higher anodic poten-
tials. The voltammograms for the electrodes held at 1.3 V for 10 minutes, 0.5
V for 10 minutes and -0.2 V for 30 minutes are comparable, the only discernible
difference being the size of the reduction peak at ∼0.1 V in the cathodic sweep.

Figure 7.1: Cyclic voltammogram of ruthenium electrode. 1.0 M HCl 500 mV
s−1. (a) polished, non-oxidised ruthenium, and electro-oxidised at (b) 1.3 V for
10 min, (c) 0.5 V for 10 min, (d) -0.2 V for 30 min, (e) -0.2 V for 12 hours
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Even when the electrode was held for 12 hours at -0.2 V, the shape of the
curve resembles that of ruthenium oxide, although the current is somewhat
lower. These results indicate that the oxide formed by electrooxidation at 1.3
V is relatively stable even at potentials down to -0.2 V. Only part of the oxide
formed on the ruthenium electrode is possible to reduce electrochemically and
then only when held at very cathodic potential for several hours.

7.4.2 Chlorine reduction

The chlorine reduction reaction was studied at different electrode rotation rates.
Figure 7.2 shows the current/potential response for various rotation rates in
solution 8 (5 mol dm−3 H+).
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Figure 7.2: Chlorine reduction at different rotation rates, solution 8. �: 500
rpm, �: 1000 rpm, �: 1500 rpm, •: 2500 rpm, +: 4000 rpm

At high rotation rates two different cathodic limiting currents can clearly be
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observed. The first appearing at an electrode potential close to 0.5 V, while
the other appears at potentials close to 0 V. This behaviour is also observed
in solution 7, but not in the other solutions with higher pH. A limiting current
can occur either due to mass transport limitations of reactants to the electrode
surface or due to the kinetic mechanism of the reaction. To test if the observed
limiting currents are related to either mass transport or kinetics, plots of id
vs.

√
ω for the two limiting currents were performed as shown in Figure 7.3.

For a mass transport induced limiting current this plot should be linear and
intersect the current-axis at zero. As can be observed, this is the case for the
limiting current observed at ∼0 V (a), while the one appearing close to 0.5 V
(b) neither has a linear relationship between id and

√
ω nor does it intersect the

y-axis at zero current. This implies that the first limiting current at 0.5 V is
most probably due to the specific chlorine reduction mechanism and not mass
transport control of a reactant to, or products from, the electrode surface. In
all other solutions only one limiting current is observed, which in all cases is
caused by mass transport limitations.

Figure 7.3: Limiting current vs.
√

ω, obtained at a) 0 V and b) 0.5 V. Solution
8
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7.4.3 Rest potential

The rest potential of the electrooxidised (1.3 V, 10 min) ruthenium electrode
was measured in solutions 1-8, saturated with chlorine. The variation of the
rest potential on H+ concentration is shown in Figure 7.4. At high concentra-
tions of H+, the rest potential is shifted to more cathodic values. This effect
may be due to a corrosion process of the ruthenium oxide, forming higher va-
lent soluble Ru-species. At intermediate H+ concentrations the rest potential
moves trough a maximum and then decreases with decreasing H+ concentra-
tion. This shift towards more cathodic potentials is probably due to a mixed
potential originating from oxygen formation due to water discharge and chlorine
reduction [111–114].
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Figure 7.4: Dependence of the rest potential of electrooxidised Ru on H+ con-
centration

7.4.4 Charge transfer kinetics

To be able to perform a mechanistic investigation of the chlorine reduction
reaction it is imperative to separate the kinetic controlled current from mass
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transport effects. By using the rotating disc electrode technique, very good
control of the mass transport rate of reactants to the electrode is obtained and
it is thus possible to calculate the surface concentration of the reactant and the
kinetic controlled current, ik. Using the following relationship, the kinetically
controlled current can be extracted directly from the experimental data [81]:

ik = i

(
id

id − i

)p

= k[Cl2]p (7.18)

The reaction order with respect to chlorine, p, has in previous work been found
to be close to 1 [29]. A plot of ik against E will show the current/potential
relation without any effects of mass transport and should be independent of
rotation rate. Figure 7.5 displays this relationship for all solutions and rotation
rates.

7.5 Determination of reaction mechanisms and de-
velopment of rate equations

7.5.1 Reaction mechanisms

To perform a mechanistic analysis of the chlorine reduction reaction on elec-
trooxidised ruthenium it is necessary to derive the theoretical expressions of
the dependence of the current density on overpotential. The first step of this
derivation is to develop reaction schemes based on elementary reaction steps.
These schemes, together with assuming a certain behaviour for the adsorp-
tion of the intermediate species, form the basis for the development of the
rate equations. In attempting to explain the experimental results, two reaction
mechanisms, previously proposed for the chlorine evolution, have been deemed
to be the most interesting; The Volmer - Krishtalik (VK) and the Erenburg (E)
mechanisms.

The VK - mechanism has been shown by several authors to satisfactorily de-
scribe the chlorine evolution on RuO2 and RTO [63]. Although it does not
include any steps that show any pH-dependence directly in the mechanism it
has been suggested that a surface equilibrium step independent of the mecha-
nism itself explains the electrode behaviour on pH (Eq. 7.19) [90]. Rewriting
this reaction scheme for the reduction of chlorine we get:
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SZ + H+ 	 SHZ+1 (7.19)

Cl2 + SZ 	 SClZ+1 + Cl− (7.20)

SClZ+1 + e− 	 SZ+1 + Cl− (7.21)

SZ+1 + e− 	 SZ (7.22)

The equilibrium in Eq. (7.19) is based on the assumption that the surface of
the oxide electrodes assumes one or more equilibria with the solution [102,108].
It has been established that for the pH regions most commonly used, only
one equilibrium is of importance [115]. The above mechanism proposes that
the fraction of protonated superficial sites (SHZ+1) is solely dependent on the
pH and that these sites are inhibited from participating in any other type of
reaction, such as the electrochemical adsorption of chlorine (Eq. 7.20).

Another possibility, is to include the protons directly into the reaction mech-
anism. Erenburg suggested a reaction scheme for chlorine evolution [102, 107]
(Written here for chlorine reduction)

S − O + Cl2 + e− 	 S − OCl + Cl− (7.23)

S − OH + Cl2 	 S − OCl + Cl− + H+ (7.24)

S − OCl + e− 	 S − O + Cl− (7.25)

S − O + H+ + e− 	 S − OH (7.26)

S − OH + H+ 	 S − OH+
2 (7.27)

where both an acid-base equilibrium (Eq. 7.27) and an electrochemical step
including protons (Eq. 7.26) are included.
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7.5.2 Development of rate equations

The rate equations for the proposed mechanisms are developed according to
standard electrode kinetics theory [67]. The derivations are based on the fol-
lowing assumptions:

1. The adsorption of the reaction intermediates follow the Langmuir isotherm.

2. The transfer coefficients for the different electron transfer steps are con-
sidered to be equal and independent of potential.

3. The concentration of the chloride ions and protons at the electrode surface
is considered to be essentially equal to the bulk concentration.

The rate equations for the VK and E mechanisms are listed in Appendix 7.10.

Volmer-Krishtalik mechanism

From the reaction scheme described above (chapter 7.5.1) it can be seen that
only one independent reaction route exists. At steady state, the relationship
between the global reaction rate and the corresponding rates of the elementary
steps can be found by applying a mass balance to all the adsorbed species:

∂θi

∂t
= 0 (7.28)

∂θSZ

∂t
= −v1 − v2 + v4 = 0 (7.29)

∂θSHZ+1

∂t
= v1 = 0 (7.30)

∂θSClZ+1

∂t
= v2 − v3 = 0 (7.31)

∂θSZ+1

∂t
= v3 − v4 = 0 (7.32)

Where v1,v2,v3 and v4 corresponds to the rate of Eqs. 7.23 - 7.27 respectively.

Combining equations 7.29-7.32, the following relationship can be extracted:

j/F = 2v2 = 2v3 = 2v4 (7.33)
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The expressions of the rates of the elementary steps are:

v1 = k1CH+θI − k−1θII (7.34)
v2 = k2CCl2θI − k−2θIIICCl− (7.35)
v3 = k3k

θIIIexp(−(1 − α)fη) − k3aθIV CCl−exp(αfη) (7.36)
v4 = k4k

θIV exp(−(1 − α)fη))− k4aθIexp(αfη) (7.37)

Using Eqs. (7.33-7.37), the rate equation (the relationship between the kinetic
current, ik, and the known quantities CH+ , CCl− , CCl2 and η) can be found.
This equation is listed in chapter 7.10.

Erenburg mechanism

This reaction scheme describes a more complex reaction route for the reduction
of chlorine than the Volmer-Krishtalik mechanism above. It can be shown that
there exists two parallel reaction routes, either through the oxidised surface site
S-O or via the reduced, protonated site S-OH. Performing the same analysis
as for the VK-mechanism above, the following relationship between the global
reaction rate and the rates of the individual elementary steps are obtained:

∂θS−O

∂t
= −v1 + v3 − v4 = 0 (7.38)

∂θS−OCl

∂t
= v1 + v2 − v3 = 0 (7.39)

∂θS−OH

∂t
= −v2 + v4 − v5 = 0 (7.40)

∂θS−OH+
2

∂t
= v5 = 0 (7.41)

Where v1,v2,v3,v4 and v5 corresponds to the rate of Eqs. (7.19 - 7.22) respec-
tively. Combining equations 7.38-7.41 we get:

j/F = v1 + v3 + v4 = v1 + v2 + v3 = 2 v1 + 2 v2 (7.42)

The expressions of the rates of the elementary steps are:
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v1 = k1k
CCl2θIexp(−(1− α)fη))− k1aCCl−θIIexp(αfη) (7.43)

v2 = k2CCl2θIII − k−2CCl−CH+θII (7.44)
v3 = k3k

θIIexp(−(1− α)fη)− k3aCCl−θIexp(αfη) (7.45)
v4 = k4k

CH+θIexp(−(1− α)fη)− k4aθIIIexp(αfη) (7.46)
v5 = k5CH+θIII − k−5θIV (7.47)

The expression for the total current is given in chapter 7.10.

7.6 Test of the theoretical rate equations

7.6.1 Fitting of ik values

The rate equations for the Volmer-Krishtalik and the Erenburg mechanisms
were evaluated against the experimental results by performing a nonlinear curve
fitting using the lsqnonlin function in MATLAB R14. The fitting procedure
takes into account the variation of the kinetic current with both overpotential
and pH simultaneously and performs a weighted least square adaptation to the
experimental values of ik. The results of the nonlinear regression analysis of the
experimental ik values and the theoretical rate equations are shown in Figure
7.5.
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Figure 7.5: Experimental ik values (dots) as a function of pH and fits by the
theoretical rate equations for the Volmer-Krishtalik (a) and Erenburg (b) mech-
anisms. Experimental conditions are described in chapter 7.4.2

.
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As can be seen from Figure 7.5, the resulting fit from the nonlinear regression
of the Erenburg mechanism is significantly better than that of the Volmer-
Krishtalik mechanism. One of the main differences can be observed at high
overpotentials where the Erenburg mechanism describes the variation of ik with
H+ concentration considerably better than the Volmer-Krishtalik mechanism.
The Erenburg mechanism is also able to describe the wave resembling a limiting
current behaviour seen at overpotentials close to -0.2 V and intermediate pH
values, while the Volmer-Krishtalik mechanism completely ignores this feature.
None of the suggested mechanisms describes the chlorine reduction at high H+

concentrations and low overpotentials satisfactorily. Since this discrepancy only
is seen at very low pH (< 0) and at low cathodic overpotentials, it is possible
that this might be caused by the occurrence of a competing anodic reaction
causing the total current to decrease. This anodic reaction is possibly corrosion
of the ruthenium oxide surface which also can explain the low rest potential of
the electrode observed at low pH, as described in Chapter 7.4.3.

7.6.2 Prediction of the reaction order

The developed theoretical rate equations with the parameters determined from
the curve fitting procedure can be employed to predict the reaction order of both
chlorine and chloride. These calculated reaction orders can then be evaluated
against experimentally determined values and thus further test the validity of
the proposed mechanisms. In Figure 7.6, the predicted reaction orders for
chlorine and chloride by both reaction mechanisms are shown.
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Figure 7.6: Calculated Cl2 and Cl− reaction orders based on kinetic constants
in Table 7.2. Volmer-Krishtalik (a) and Erenburg (b) mechanisms, dotted lines
represents a reaction order of 1 and -1. The open squares are the experimentally
obtained variation of i on CCl2 (η = −0.2 V, pH = 0.8)
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It can be seen that both mechanisms predicts a chlorine reaction order of 1
and a chloride reaction order of -1 at high Cl− concentrations approaching 0
at low concentrations. The only differences seen between the mechanisms are
small deviations at high chlorine concentrations and low chloride concentrations
respectively.

The surface concentration of chlorine can be varied by altering the rotation rate
of the electrode. By monitoring the change in current density one can find the
reaction order by applying the following equation [29,81]:

log i = logk + p log
(

id − i

id

)
[Cl2] (7.48)

The open squares in Figure 7.6 depict experimentally obtained values for the
chlorine reduction current at different chlorine surface concentrations, which
correspond well to the predicted reaction order for chlorine. Values found earlier
[29,63] shows comparable results for the reaction order.

The reaction order for chloride in the chlorine evolution reaction has been re-
ported by several authors to be 1 [82,104–106], and -0.9 for the chlorine reduc-
tion reaction [63]. Thus a cathodic Cl− reaction order of -1, as predicted in
Figure 7.6, is a likely value. Figure 7.7 shows experimentally determined and
the predicted reaction orders from the developed rate equations for H+ at three
different overpotentials. It can be seen that the Erenburg mechanism coincides
better with the experimentally determined values for the H+ reaction order at
low H+ concentration better than the Krishtalik mechanism and that it is able
to describe a reaction order changing with potential.

The predicted reaction orders for Cl2 and Cl− described above qualifies both
reaction mechanisms as probable descriptions of the experimental results, since
both give sensible values for the reaction orders. The analysis of the H+ reac-
tion order, like the regression analysis, favours the Erenburg mechanism. Thus,
the results suggest that the Erenburg mechanism is the mechanism describ-
ing the chlorine reduction on electrooxidised ruthenium at these experimental
conditions best.
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Figure 7.7: Calculated H+ reaction orders at different overpotentials based on
kinetic constants in Table 7.2. The full lines represents the Erenburg mechanism
while the dotted lines represents the Volmer-Krishtalik mechanism.

7.7 Discussion

It has been concluded from the nonlinear regression analysis that the Erenburg
mechanism describes the chlorine reduction on electrooxidised ruthenium sat-
isfactorily and significantly better than the Volmer Krishtalik mechanism. The
main advantage of the Erenburg mechanism over the Volmer-Krishtalik is the
addition of an elementary step which is dependent on both the proton concen-
tration and the electrode potential. This property allows the mechanism to
describe a H+-reaction order which changes with potential, as is the case with
the measured behaviour of the chlorine reduction reaction. The mechanism
also includes two reaction paths, introducing the possibility of the mechanism
switching between these paths with potential. This dual reaction pathway prop-
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erty provides the Erenburg mechanism with the ability to describe the limiting
current wave seen at intermediate potentials and pH values in Figure 7.5.

The evaluation of the two mechanisms is based on the assumption that the
Langmuir isotherm is applicable for the adsorbed intermediates. Using other,
more complex, isotherms such as the Frumkin or Temkin models would possibly
improve the descriptive capability of the mechanisms. On the other hand,
introduction of more fitting parameters does not automatically give significantly
better fits to the experimental data. The use of these adsorption isotherms has
not been evaluated in this work, due to the complexity of the resulting rate
equations.

It has been shown [97] that for reactions with complex mechanisms with forma-
tion of stable soluble intermediates, e.g. the oxygen reduction mechanism, the
number of electrons exchanged per reactant is a function of the potential of the
electrode and cannot be evaluated theoretically in a simple matter. The use
of the rotating disk technique in elucidating the overall kinetic parameters for
such processes is limited and should be performed with caution. In this analysis
it has been assumed that all reaction intermediates are adsorbed on the elec-
trode surface and thus are not transported away from the electrode before being
completely reduced to chloride. It has been suggested that one of the reaction
intermediates could be HClO [106] or ClO2 [116]. The existence of such soluble
reaction intermediates would add an unknown error to the experimental results
and render the kinetic analysis incorrect. However, these suggestions have not
been substantiated further and the assumption of adsorbed intermediates seems
to have more consensus. In addition, the low pH in the solutions used in this
study should minimise the amount of the soluble intermediates, if these exist.

7.7.1 Rate of elementary reactions

The values of the kinetic constants in the theoretical rate equations are shown
in Table 7.2. Using these values it is possible to calculate the rate of the
individual elementary reactions. For the Erenburg mechanism this can illustrate
which reaction path is predominant at different pH-values and overpotentials
by inserting the parameters in Eqs. (7.43 - 7.46).
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Figure 7.8: Calculated reaction rates for the different elementary steps in the
Erenburg mechanism based on kinetic constants in Table 7.2.
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Figure 7.8 displays the rates of the elementary steps for the Erenburg mech-
anism as a function of overpotential and pH. It can be observed that v1, the
reduction of chlorine on the oxidised surface sites (Eq. 7.23), move through
a maximum at intermediate overpotentials. The position of this maximum is
strongly dependent on the pH of the solution, moving to more cathodic poten-
tials with increasing pH. At high overpotentials a slight increase of the reaction
rate can be seen for the solutions with the lowest H+ concentrations. The rates
v2 and v4, reduction of chlorine on the reduced surface sites (Eq. 7.24) and
the reduction of oxidised surface sites (Eq. 7.26) are identical, as expected
from (Eq. 7.42). An interesting result is that the rate of these reactions are
negative at low overpotentials, indicating the existence of a back reaction to
chlorine from the adsorbed S-OCl surface specie. This back reaction is most
pronounced at high pH values, but has a common intersection with the abscissa
at an overpotential of -0.25V. This feature might indicate that the electro-
chemical protonation of the S-O surface sites has an equilibrium potential at
this value. At more cathodic potentials however, the rate increases and is heav-
ily dependent on the solution pH. Finally, v3, the reduction of the S-OCl surface
specie (Eq. 7.25) has a low rate of reaction at the more anodic potentials before
steadily increasing as the potential of the electrode is shifted to more cathodic
values. A small indication of a limiting rate at intermediate overpotentials and
high pH can be observed. The rate of this elementary reaction is increasing
strongly with pH.

The two different reaction paths are described by the sum of either v1 and v3

(path I) or v3 and v4 (path II). From Figure 7.8, it can be concluded that path
I dominates at low overvoltages due to the S-O surface specie being in majority,
while at overpotential more cathodic than -0.3 V path II dominates.

7.7.2 Surface coverages

Figure 7.9 shows the surface coverage of the adsorbed intermediates as a func-
tion of overpotential and pH. The analysis showed that θS−OH+

2
has a maximum

value of 10−14 and this surface specie is therefore not depicted in the figure. At
high H+ concentrations the dominating specie at the rest potential is clearly
the reduced, protonated surface cite (S − OH), while at higher pH values the
oxidised (S−O) sites are in majority. The coverage of the oxidised sites rapidly
decrease when polarising the electrode cathodically, as is expected from Eq.
(7.26). This rapid decrease is most probably the reason of the low value of v1

in Figure 7.8. The coverage of the S − OCl surface species moves through a
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maximum at intermediate overvoltages before slowly decreasing towards zero
at more cathodic potentials. The height of the maximum is strongly depen-
dent on pH and is completely absent in the more acidic solutions. The amount
of reduced, protonated surface sites strongly increase with increasing cathodic
overvoltage, but at higher pH the increase is retarded and a plateau region
at intermediate overvoltages develops. As earlier mentioned, the amount of
θS−OH+

2
is apparently negligible and it can be concluded that the acid base

equilibrium in the proposed Erenburg mechanism (Eq. 7.27) is superfluous and
can be removed from future mechanistic analyses.
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Figure 7.9: Calculated surface coverages for the different adsorbed species in
the Erenburg mechanism based on the kinetic constants in Table 7.2.
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7.7.3 Analysis of kinetic data

In the performed mechanistic analysis and the subsequent numerical fitting of
the rate equations to the experimental data, no assumptions of rate determining
steps were used. The rate constants presented in Table 7.2 together with the
surface coverages of the adsorbed intermediates shown in Figure 7.9 indicates
that the rate determining step for the chlorine reduction is the reduction of
the adsorbed chlorine intermediate (Eq. 7.25) at low overpotentials, switching
to the chemical reaction between the reduced surface site and chlorine (Eq.
7.24) at higher overpotential. Erenburg [107] determined that the reduction of
the adsorbed chlorine intermediate is rate determining in the chlorine evolution
reaction, corresponding well to the results found in this study.

The value of the anodic transfer coefficient α, obtained by the fitting procedure,
gave a relatively high value of 0.82. This result is in agreement with previously
published work [29]. This high value of the transfer coefficient indicates that
the electron transfer from the reduced species to the electrode is energetically
favoured over the reverse transfer of electrons from the electrode to the oxi-
dised species. This results in a asymmetry between the anodic and cathodic
polarisation curves. In reality each of the electron transfer steps should have
an unique transfer coefficient assigned; βi, where i indicates the different ele-
mentary steps. This would however, substantially increase the number of fitting
parameters and thus the complexity of the model without necessarily improving
the fit significantly.

Using the rate constants determined and the Erenburg rate equation to predict
the behaviour of the anodic evolution of chlorine, a slight dependence of the
solution pH at low overpotentials is found. At higher overpotentials the curves
coincides and has a Tafel slope close to 70 mV dec−1. This Tafel slope is some-
what higher than the slope usually observed for chlorine evolution on RuO2 and
RTO and is possibly due to the oxide being formed electrochemically instead
of the more commonly thermally prepared RuO2. The disparity in preparation
of the oxide may lead to differences in chemical as well as morphological prop-
erties of the electrode. It is well known from other studies that rough/porous
electrodes may give rise to low Tafel slopes for the hydrogen evolution reac-
tion [117].

The results from this study correspond well to earlier results from the investiga-
tion of chlorine reduction on RuO2 single crystal electrodes [88]. It was found
that the active oxide sites initially available for chlorine reduction gradually
become transformed to hydroxyl groups.



7.8. Conclusions 145

7.8 Conclusions

The reduction of chlorine on electrooxidised ruthenium has been studied in
order to quantitatively evaluate the effect of pH on the electrocatalytic activity
of the electrode material. It was found that the activity of electrooxidised
ruthenium is highly dependent on pH and that the chlorine reduction rate is
highly inhibited in solutions with high H+ concentrations. Chlorine reduction
on electrooxidised ruthenium can be satisfactorily described by the Erenburg
mechanism previously suggested for the chlorine evolution on RuO2 and RTO.
This involves the following sequence of steps:

S − O + Cl2 + e− 	 S − OCl + Cl−

S − OH + Cl2 	 S − OCl + Cl− + H+

S − OCl + e− 	 S − O + Cl−

S − O + H+ + e− 	 S − OH
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Chapter 8

Conclusions

The work presented in this thesis can be divided into two sections. The first
part, presented in chapters 2 through 4 deals with the more technological inves-
tigation and assessment of different hydrogen - chlorine fuel cell designs. The
second part, chapters 5 through 7, has a more fundamental content, examining
the kinetic mechanisms of the chlorine reduction reaction on various electrode
surfaces in hydrochloric acid.

8.1 Fuel Cell Design Evaluation

Three low temperature fuel cell designs have been evaluated for use as a hydro-
gen - chlorine fuel cell for production of hydrochloric acid and electric power.
The evaluated fuel cell designs consists of a) a conventional PEM fuel cell ap-
plying a Nafion membrane, b) a composite system applying an aqueous HCl
electrolyte and Nafion membrane and c) a phosphoric acid doped PBI mem-
brane fuel cell operating at intermediate temperatures of 150 - 175 ◦C.None of
the investigated systems were able to demonstrate stable operation under the
conditions used in this study. The main factors responsible for the observed
cell instability and degradation were identified as water management, materi-
als stability and/or retention of liquid electrolyte. These effects are discussed
below.
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8.1.1 Water Management

It was found that water management has a critical importance in the fuel cell
designs evaluated. Both the Nafion based cell and the PBI based cell showed
much higher ohmic resistances when operating on chlorine rather than oxygen.
The absence of formation of water in the cell and the continuous production of
hygroscopic HCl effectively dries out the Nafion membrane, causing a drastic
decrease of the electrolyte conductivity. In the PBI system, the phosphoric
acid is forced to liberate water, forming polyphosphoric acid in the process
and thus decreasing the electrolyte conductivity. The composite Nafion - liquid
electrolyte fuel cell did, as expected, not experience this resistance increase.
However, the inclusion of a circulating liquid electrolyte introduced other diffi-
culties such as electrolyte leakage and higher corrosivity.

From the results obtained in this work, it is believed that the drying effect
observed cannot be fully alleviated through more sophisticated humidification
of the gases. It is most probably necessary to use a proton conductor completely
independent of the presence of water.

8.1.2 Materials Stability

The presence of chlorine and produced hydrogen chloride makes the fuel cell en-
vironment extremely corrosive. All the fuel cell designs evaluated showed signs
of material degradation, especially the Nafion and the composite fuel cell where
liquid water was present, were susceptible for high rates of corrosion. It was
found that platinum catalyst are not stable in the presence of chlorine saturated
aqueous HCl. The platinum is most probably dissolved as hexachloroplatinic
acid. It would be advantageous to avoid any liquid water in future designs of
these fuel cells to reduce the corrosivity and thus increase the stability of the
system.

8.1.3 Fuel Cell Performance

The different designs had quite similar performance. At open circuit, all had
voltages very close to the thermodynamical value of formation of aqueous HCl.
The polarisation curves also exhibited a linear decrease in voltage at low cur-
rents, with no apparent activation controlled part as usually seen in low tem-
perature hydrogen - oxygen fuel cells. This indicates a facile chlorine reduction
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reaction which only contributes with a small part of the total voltage loss of
the cell and renders highly efficient energy conversion possible.

The factor contributing to most of the voltage decrease is undoubtedly the
ohmic resistance in the electrolyte, being much higher than the resistance in
corresponding hydrogen-oxygen fuel cells. In this work a threefold increase
of cell resistance was measured both in the Nafion and PBI based cells when
switching from oxygen to chlorine operation. The nature of the composite fuel
cell with a circulating electrolyte inevitably increases the electrolyte thickness
and consequently causes a cell resistance increase. The developed mathematical
model shows that the electrolyte resistance is responsible for the major part of
the losses in this cell. Further discussions of the various fuel cells can be found
in Chapters 2 and 3.

The mathematical model of the composite fuel cell further predicted an opti-
mum electrolyte concentration of 6 mol dm−3 which at room temperature gave
a performance of 0.6 A cm−2 at a cell voltage of 0.8 V. It also showed that the
HCl concentration inside the gas diffusion electrodes easily reached values of
concentrated HCl (12 mol dm−3). It was also found that the high solubility of
chlorine in hydrochloric acid minimizes the mass transport related processes in
the system. More results are presented in Chapter 4.

8.2 Chlorine Reduction Kinetics

The chlorine electrode consists of two facile reactions. The well known chlorine
evolution reaction has a high exchange current density and a low Tafel slope
(40 mV dec−1) on several catalytic materials [102], and is one of the most im-
portant reactions in todays electrochemical industry. The chlorine reduction
reaction (ClRR) also shows good kinetic properties which can be utilised in
electrochemical energy conversion devices. However, the knowledge and un-
derstanding of this reaction is limited. Some factors influencing this reaction
have been investigated in this thesis. It is also worth commenting that, in some
cases, studying the chlorine reduction reaction can be less complicated than
studying the corresponding evolution reaction and the results can contribute to
increasing the understanding of the chlorine evolution reaction.



150 Chapter 8. Conclusions

8.2.1 The ClRR on Platinum

The chlorine reduction reaction on platinum was investigated with emphasis on
the effect of oxidation state of the electrode. It was found that the exchange
current density decreases linearly with the logarithm of the amount of surface
oxide and that a step comprising adsorption of chlorine molecules with a sub-
sequent discharge to a chloride ion and an adsorbed chlorine atom is the rate
determining step. Leading to the following mechanism:

Cl2(aq) 	 Cl2,ad

Cl2(ad) + e− → Clad + Cl−
(aq)

Clad + e− 	 Cl−
(aq)

This is further discussed in Chapter 6.

8.2.2 The ClRR on Ruthenium

The chlorine reduction reaction on ruthenium was investigated for effects of
oxidation state of the electrode and solution pH. It was found that the activity
of the electrode towards chlorine reduction decreases with increasing amounts
of oxide on the surface (Chapter 6). Furthermore, the activity of electrooxidised
ruthenium towards chlorine reduction is highly dependent on pH, being strongly
inhibited in solutions with high H+ concentrations due to a hydration of the
oxide (Chapter 7). The chlorine reduction on electrooxidised ruthenium was
found to be adequately described by the following mechanism:

S − O + Cl2 + e− 	 S − OCl + Cl−

S − OH + Cl2 	 S − OCl + Cl− + H+

S − OCl + e− 	 S − O + Cl−
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S − O + H+ + e− 	 S − OH

These results show that ruthenium oxides are probably not an ideal choice
for chlorine reduction catalysts in fuel cells with an acidic environment. It is
possible that addition of other noble metal oxides can increase the catalytic
activity such as IrO2. Further work is needed to investigate these effects.





Chapter 9

Further Work

After working with chlorine fuel cells and chlorine electrochemistry for four
years it feels as if I have only scratched the surface of the knowledge and tech-
nological challenges within this field. Although I have learned a great deal
during these years, it seems that more questions have been raised than an-
swered, as it should be in the field of research. The following suggestions for
further work has been divided into two categories; Technological development
and more fundamental research.

9.1 Technology Development

The fuel cell designed an tested in this thesis consisted mostly of components
and technology developed for oxygen fuel cells and a lot of time was used to
adapt these to operation on chlorine. During the fuel cell evaluations, it became
clear that the available components had critical shortcomings that need to
be handled to achieve a stable fuel cell operation with high performance. A
successful operation of a Nafion fuel cell on chlorine would require an extremely
good humidification strategy. This would most probably include a very thin
membrane and a high humidification of the hydrogen gas and possibly a higher
anode pressure to force large amounts of water through the membrane to the
cathode where HCl is formed. The large amounts of liquid water together with
the formed HCl and chlorine would give a very corrosive environment and it is
improbable that it would be possible to achieve any long term stability of this
system.
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The PBI system also showed problems connected with water management.
Since this membrane keeps its conductivity at levels down to 5% relative hu-
midity it is believed that developing a successful humidification management of
this fuel cell would be less complicated than for the Nafion system. The absence
of liquid water in this system also decreases the material stability problems due
to a lower corrosivity. Studying the effects of anode and cathode humidifica-
tion levels and the effect of adding small amounts of oxygen to the chlorine gas
would be beneficial. It would also be interesting to dope the PBI membrane
with other acids which are not as susceptible for water removal as phosphoric
acid is.

A further development of the composite fuel cell would require careful con-
struction of electrodes both able to retain the liquid electrolyte and provide
a large reaction area. The extremely corrosive environment puts stringent re-
quirements on construction materials and catalysts and work should be focused
on the development of highly stable noble metal oxide catalysts such as IrO2.

9.2 Fundamental Research

Much is known about the chlorine evolution reaction on oxide electrodes, but
these catalysts are not particularly active towards the corresponding chlorine
reduction reaction. Thus, a further investigation of the chlorine reduction reac-
tion on noble metal oxides would be of interest. Single crystal experiments could
provide useful information of the nature of various crystalline faces towards the
reduction of chlorine and thus a further elucidation of the reaction mechanism.
Differential electrochemical mass spectroscopy (DEMS), electrochemical quartz
micro balance (EQCM) measurements or spectroscopic techniques like FTIR
(Fourier transform infrared spectroscopy) would be useful to study the nature
of the adsorbed intermediates involved. The results gained from these inves-
tigations could also further increase the knowledge of the chlorine evolution
reaction.

The ideal electrolyte for a hydrogen - chlorine fuel cell would be a high tem-
perature proton conductor which is not reliant on any presence of water. This
would make operation on totally dry gases possible and would most probably
reduce the corrosivity drastically. Research into new high temperature proton
conductors which have conduction mechanisms independent of the presence of
water would therefore be beneficial. For use in chlorine fuel cells, these would
need to be stable in an atmosphere of chlorine and gaseous HCl.



Bibliography

[1] D S Scott. Fossile Fuels: ”Running Out” is not the problem. Int. J.
Hydrogen Energy, 30:1–7, 2005.

[2] U Bossel. Birth of the Fuel Cell 1835-1845. European Fuel Cell Forum,
Oberrohrdorf, Switzerland, 2000.

[3] G Sandstede, E J Cairns, V S Bagotsky, and K Wiesener. History of low
temperature fuel cells, ch. 12 in: Handbook of Fuel Cells, eds. W. Viel-
stich, A. Lamm, H. A. Gasteiger, volume 1. Wiley, Chichester, England,
2003.

[4] E Chen. Fuel Cell Technology Handbook, Ch. 2, Ed: G. Hoogers. CRC
Press LLC, 2003.

[5] Dow / GM press release, 11 November, 2004.

[6] S H Langer and H P Landi. Electrogenerative Hydrogenation. J. Am.
Chem. Soc., 85:3043, 1963.

[7] S H Langer and H P Landi. The Nature of Electrogenerative Hydrogena-
tion. J. Am. Chem. Soc., 86:4694, 1964.

[8] S H Langer, S J Pietsch, and G P Sakellaropoulos. Electrogenerative
chemical reactors. Energy, 4:225–233, 1979.

[9] K Sundmacher and U Hoffmann. Design and operation of a membrane
reactor for electrochemical gas purification. Chem. Eng. Sci., 54:2937–
2945, 1999.

[10] N Furuya and H Aikawa. Comparative study of oxygen cathodes loaded
with Ag and Pt catalysts in chlor-alkali membrane cells. Electrochim.
Acta, 45:4251–4256, 2000.

155



156 Bibliography

[11] C G Vayenas, S Bebelis, I V Yentekakis, and S Neophytides. Non-Faradaic
electrochemical modification of catalytic activity: the work function of
metal electrodes in solid electrolyte cells. Solid State Ionics, 53-56:97–
110, 1992.

[12] C G Vayenas, M M Jaksic, S Bebelis, and S Neophytides. Modern Aspects
of Electrochemistry, eds. J.O’M. Bockris, B.E. Conway, R.E. White, vol-
ume 29. Plenum Publishing Corporation, 1996.

[13] C G Vayenas and S Bebelis. Electrochemical promotion of heterogeneous
catalysis. Catal. Today, 51:581–594, 1999.
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Appendix A

Matlab files

Here are example transcripts of the two main Matlab script and function m.files
used for the nonlinear curve-fitting of the developed rate equations in chapters
6 and 7.

A.1 Script file

This is the script file used for importing the experimental data into Matlab and
calling the lsqnonlin function. clear all; %warning off;

data = csvread(’Cl2 reduction.csv’); %importing data from a comma
separated file (.csv)

eta = data(:,1)’/1000; %extracting the overpotential values from the
data file and converting it to a vector

I = data(:,2)’; %extracting the current values from the data file and
converting it to a vector

opt = optimset(’Diagnostics’,’on’,’Display’,’iter’,’LargeScale’,’on’,
’maxFunEvals’,10000’,’TolFun’,1e-15,’TolX’,1e-15,’maxIter’,500);
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x0=[0.001;1;0.001;0.001;1;1;0.001;1;0.001;1;0.5]; %inital guess of
rate constants and alpha

opt = optimset(’Diagnostics’,’on’,’Display’,’final’,’LargeScale’,’on’,
’maxFunEvals’,750000’,’TolFun’,1e-13,’TolX’,1e-13,’maxIter’,50000);

[x1]=lsqcurvefit(’Volmer Krishtalik weight’,x0,eta,I,[0;0;0;0;0;0;0;0;0;0;0]
,[Inf;Inf;Inf;Inf;Inf;Inf;Inf;Inf;Inf;Inf;1],opt);

eta2=[0:-0.01:-1.2];

I new = Volmer Krishtalik(x1,eta2);

semilogx(I,eta,’+r’,I new,eta2,’b’);
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A.2 Function file

This is the function file called by the lsqnonlin function. It contains
the appropriate rate equations and the weighing of the fitting values.

function diff weighted = Volmer Krishtalik(x,eta,I)

% This function is called by lsqnonlin.

% x is a vector which contains the coefficients of the

% equation.

f=96485/(8.314*298); C Cl2=0.065; C Cl=1; C H=0.0243;

k 1=x(1);

k 2=x(2);

k 3=x(3);

k 4=x(4);

k 5=x(5);

k 1 a=x(6);

k 2 a=x(7);

k 3 a=x(8);

k 4 a=x(9);

k 5 a=x(10);

alpha=x(11);

fit = [Insert rate equation here]

diff = fit - I;

weight = [ones(1,length(I))]./I; % Vector of weights for the error vector

diff weighted = diff.*weight;




