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Abstract: The use of hydrogen fuel cells as a mobile source of electricity could prove key to the future
decarbonisation of heavy-duty road and marine transportation. Due to the complex interplay of
various physicochemical processes in fuel cells, further development of these devices will depend
on concerted efforts by researchers from various fields, who often lack in-depth knowledge of
different aspects of fuel cell operation. These knowledge gaps can be filled by information that is
scattered in a wide range of literature, but is rarely covered in a concise and condensed manner. To
address this issue, we propose an educational-scale-bridging approach towards the modelling of
most relevant processes in the fuel cell that aims to adequately describe the causal relations between
the processes involved in fuel cell operation. The derivation of the model equations provides an
intuitive understanding of the electric and chemical potentials acting on protons at the microscopic
level and relates this knowledge to the terminology commonly used in fuel cell research, such as
catalyst electric overpotential and internal membrane resistance. The results of the model agreed
well with the experimental data, indicating that the proposed simple mathematical description is
sufficient for an intuitive understanding of fuel cell operation.

Keywords: fuel cell; PEMFC; modelling; educational approach; scale-bridging

1. Introduction

Electrochemical devices such as fuel cells, electrolysers, and batteries are key building
blocks for achieving future environmental and climate goals. They are indispensable
components of future energy systems and electrified vehicle powertrains. Therefore, a wide
range of stakeholders is involved in the development and use of these devices, covering
the entire chain from core components to the integration of fuel cell systems into the energy
of vehicle systems, which has a crucial impact on the design, function, and use of these
devices. Due to widely different academic backg rounds, the stakeholders often lack in-
depth knowledge and understanding of the electrochemical and transport processes in fuel
cells, which can lead to unnecessary frustrations and hinder progress in understanding
and developing the aforementioned systems. These facts were the main motivation for the
present paper, in which we intended to systematically elucidate the physical background
of the fundamental electrochemical and transport phenomena in fuel cells.

This systematic journey begins with basic thermodynamics, continues with its applica-
tion to real materials encountered in fuel cells, and ends with an explanation of processes
under non-equilibrium conditions, i.e., finite current. The following key questions will be
answered with the help of insightful phenomenological explanations and their interrela-
tions to the main governing equations:
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• Why do two different reactants fed to two electrodes produce a finite voltage or
potential difference?

• Why and how does the choice of reactants affect the fuel cell voltage?
• Why do hydrogen molecules at the anode of the fuel cell preferentially decompose

into two protons and two electrons, even though the products have much higher
chemical energy?

• What is overpotential or, an even more intriguing version of this question: is overpo-
tential a cause or a consequence of the electrochemical process in the fuel cell?

• Why does the voltage of a fuel cell decrease with increasing current density?
• What forces the protons to travel through the membrane from the anode to the cathode

side of the fuel cell?

The answers to these questions are generally known, but they are scattered over
a large number of books and papers, ranging from basic electrochemistry [1] to more
focused works on fuel cell operation principles [2,3]. Basic electrochemistry books [1]
do well in explaining the microscopic principles of electrochemical processes, but do not
apply them to the specific selection of the chemical species, materials, and “experimental”
conditions found in a realistic fuel cell device. In the literature dealing with fuel cell
operation principles, the results of electrochemical studies are taken as a given fact and
applied to realistic systems without explaining their origin in detail, often avoiding an
adequate explanation of the causal relations between the processes.

A proper understanding of processes in the fuel cell is closely related to the modelling
procedures employed to describe the operation of these devices. Since computational
models are typically evaluated based on the output data they produce and the compatibility
with the experimental measurements, the proper understanding of the underlying physical
processes and causal relationships is usually not the primary focus in the process of model
development. In particular, the electric current through the fuel cell is often considered the
driving force for the processes in the device, from which the overpotential at the interfaces
is determined.

There are approximately four distinct ways in which this modelling approach is
handled in the literature. The first is the use of a data-driven approach [4–8], which is
widely used in system-level analyses, but has limited applicability in studies aimed at
simultaneous optimisation of performance and lifetime. This is because the accuracy of
data-driven models generally does not extend beyond the parameter variation learning
space, and training data-driven models on a variation space with very high dimensionality
proves difficult and time consuming.

The second approach relies on electrochemical models based on the Tafel equation
derived from the Butler–Volmer equation, in which the forward reaction is superimposed
on the backward reaction. This is a reasonable approximation for operating points with
high current densities and consequently high activation overpotentials. However, it has a
major drawback in the low-current-density region, where the error of the approximation
increases exponentially as the current density approaches zero, which necessarily means
that activation losses cannot be well characterised. The described method was used in the
publications [9–19].

The third approach is based on electrochemical models based on the Tafel equation
extended with various corrections for the low-current-density range to reduce the cali-
bration error of the terms in the activation loss expression. In [20,21], a linearisation of
the Butler–Volmer equation for the anode side and the use of the Tafel equation for the
cathode side was proposed to solve this problem. In [22–24], the subsequent replacement
of the natural logarithm in the Tafel equation by a sinusoidal hyperbolic fit was proposed.
The proposed replacement successfully reduces the total error in the low-current-density
range, but leads to incorrectly placed individual terms in the activation loss equation, which
affects the calibration procedure and the performance of the model.

The fourth approach is based on a thermodynamically consistent derivation of
the model of [25,26] and provides a consistent analytically derived expression for the
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polarisation curve in the low-current-density regions, where the parameters describing
the activation losses are typically prone to calibration errors. While these approaches are
generally less computationally demanding and often work well in stationary conditions,
yielding plausible results, they can lead to an incomplete or misguided understanding of
the causal relations between processes. On the other hand, mean-field elementary kinetics
models [27,28], based on the binding energies of reactants and intermediates on catalyst
surfaces in electrochemical environments, intuitively and in detail cover the causal rela-
tions between processes at the micro-scale and serve as a direct scale-bridging platform
to the results of density functional theory calculations [29–31]. However, due to the high
computational cost, they cannot be used directly in fuel cell operation simulations.

The modelling approaches, reviewed in previous paragraphs, are indispensable tools
in the precise and efficient description of fuel cell operation, but do not provide much
insight into the underlying mechanisms and understanding of the basic principles of fuel
cell operation. To address this gap, we propose a new educational modelling approach,
aimed at improving the intuitive understanding of the physical and chemical processes
underlying the fuel cell operation. The proposed scale-bridging model systematically
addresses and combines the mathematical descriptions of physical processes taking place at
different size scales, starting from fundamental microscopic molecular processes involved
in electrochemical reactions over mesoscopic processes of chemical species transport in the
fuel cell to the macroscopic fuel cell operation parameters, observed in experimental mea-
surements. To maximise the educational value of the proposed model, the number of model
parameters and variables was minimised as much as possible, while still maintaining and
properly describing the causal relationships between the physical quantities described in
the model. In this way, the proposed model offers an innovative and insightful perspective
on the physico-chemical processes inside the fuel cell and provides new generations of
researchers with a useful tool for quickly and effectively learning the working principles of
hydrogen fuel cells.

2. Model Description

The fuel cell produces electrical energy from hydrogen and oxygen by feeding each
of the reactants to the gas feed channels on each side of the cell, schematically presented
in Figure 1. Hydrogen diffuses through the anode gas diffusion layer (GDL) to the anode
catalyst layer, which consists of a carbon support structure on which the catalyst nanoparti-
cles (typically platinum) are deposited. The catalyst surface serves as an active area where
the electrochemical hydrogen oxidation reaction (HOR) takes place, splitting the hydrogen
molecule into two electrons and two protons. The catalyst carbon support and the GDL
are both electrically conductive, so the electrons produced in the HOR can travel through
them and through the external electrical load R towards the cathode side of the fuel cell.
The protons produced in the HOR enter the ionomer, a solid proton-conducting material,
typically made of Nafion or a similar polymer. The ionomer covers the catalyst particles
and connects them with the membrane, which is made of the same material and allows
protons to travel from the anode to the cathode side while blocking (almost completely) the
diffusion of gaseous reactants. In the cathode catalyst layer, the protons are recombined
with electrons and oxygen in an electrochemical oxygen reduction reaction (ORR), which
diffuses from the cathode feed channels through the cathode GDL to the cathode catalyst
layer. This leads to the formation of water, which diffuses back through the GDL to the gas
channels and through the membrane to the anode side, allowing proton transport via the
hydronium ion and enhancing the Grotthuss mechanism [32]. The goal of the model is to
describe these processes using simple mathematical relations to explain what the driving
forces behind these processes are and how they can be used to extract useful electric work
from the fuel cell.

The state of the fuel cell is described in the model by seven time-dependent quantities
(marked in red in Figure 1):

• cH2,an(t) – hydrogen concentration in the anode catalyst layer;
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• cO2,cat(t) – oxygen concentration in the cathode catalyst layer;
• cH2O,cat(t) – water concentration in the cathode catalyst layer;
• cH+ ,an(t) – proton concentration in the anode catalyst layer;
• cH+ ,cat(t) – proton concentration in the cathode catalyst layer;
• Uan,el(t) – anode catalyst electric potential;
• Ucat,el(t) – cathode catalyst electric potential.

Uan,el

cH2,an

cH+,an cH+,cat

cO2,cat

Ucat,el

cH2O,cat cH2O,ch

cO2,chcH2,ch

T

Figure 1. Schematic overview of the fuel cell cross-section with the description model variables (red)
and boundary conditions (blue). The dimensions of the individual fuel cell components are not
shown to scale.

The fuel cell operating conditions are determined by the species concentrations in the
channels, which are affected by the feed rate and pressure, the temperature controlled by
the cooling system, and the external electrical load. These quantities are used as the input
parameters to the model and are shown in blue in Figure 1:

• cH2,ch(t) – hydrogen concentration in the anode gas feed channel;
• cO2,ch(t) – oxygen concentration in the cathode gas feed channel;
• cH2O,ch(t) – water concentration in the cathode gas feed channel;
• T(t) – fuel cell temperature;
• R(t) – electric resistivity of the external load.

The dynamics of the model variables are governed by a simple set of ordinary differ-
ential equations describing the following processes:

• Electrochemical (EC) processes in the anode and cathode catalyst layer;
• Diffusion (dif ) of gaseous reactants and products through the GDL;
• Proton transport through the membrane (mem);
• Electron (el) transport through the external electric load.

Equation (1) lists the contributions of specific processes to the temporal dynamics of
each of the model variables:
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Note that all modelled variables are affected by electrochemical processes (ECs), describing
species production/consumption, while species transport is described by either diffusion
(gaseous species), membrane transport (protons), or electrical conduction (electrons).

In the remainder of the paper, we explain in detail the underlying physics of each
process and how it relates to the various model parameters, and we derive mathematical
expressions for each of the terms in Equation (1). We start in Section 3 with general
considerations of electrochemical processes to explain the dynamics in the anode electrode
and extend the explanation to the cathode electrode in Section 4. Gas diffusion is explained
in Section 5, proton transport in the membrane in Section 6, and electron transport in
Section 7.

3. Electrochemical Processes on Hydrogen Electrode
3.1. Microscopic Picture of an Electrochemical Reaction

We begin our discussion by explaining the processes that occur on the anode side of
the fuel cell. The reason for this is that the anode reaction is much simpler than the cathode
reaction, comprising only a reaction between hydrogen, protons, and electrons:

2H+ + 2e− � H2. (2)

This reaction is the same as the one used in the standard hydrogen electrode (SHE), defined
as a porous platinum electrode, dipped in 1 M acid solution, and surrounded by hydrogen
bubbling around it at a pressure of 1 atm [1]. These idealised conditions are very similar to
those in the fuel cell anode and will be used to explain the basic principles of electrochemical
processes, with detailed differences between the two systems discussed later in Section 3.6.

The first step in understanding the electrochemical reaction Equation (2) is to identify
how the species involved in the reaction relate to the definition of the standard hydrogen
electrode. The protons on the left side of the reaction are present in the acid solution. Strong
acids dissociate completely in water, so the proton concentration is equal to the molarity
of the acid. To form gaseous hydrogen (right-hand side of Equation (2)), the protons are
combined with the electrons. These are provided by the metal surface, in our case by a
platinum catalyst, in which the electrons are not strongly bound, but form an electron cloud
and can, therefore, be easily detached from the metal under certain conditions.

The two-sided arrows in Equation (2) indicate that the reaction can proceed in either
direction, depending on various conditions, which we will discuss in detail later in the
paper. In general, the direction of the reaction is determined by which configuration is
energetically favourable. Comparing the energy of isolated protons and electrons with
that of the hydrogen molecule, we find that the state of particles bound in a molecule is



Catalysts 2023, 13, 1131 6 of 31

energetically favourable and the preferred direction of reaction Equation (2) is from right
to left [33]. We, therefore, first examined the situation in which no hydrogen is present and
only protons from the acid interact with electrons from the platinum and in which the acid
and catalyst are initially at the same electric potential. When we dip the electrode in the
acid, the electrons on its surface come into contact with the protons in the acid and the
proton reduction reaction will take place:

2H+ + 2e− → H2, (3)

consuming protons from the acid and electrons from the electrode. This slightly decreases
the proton concentration in the acid, which decreases its acidity (and increases the pH
value). More importantly, in an electrically isolated electrode, the deficit of negatively
charged electrons leads to an increase in its electric potential. As a result, the negatively
charged ions from the acid are attracted to the electrode surface and form the so-called
electric double layer (EDL) [1]. While the detailed picture of its formation and properties are
important for the reaction dynamics on the electrode surface, a simple picture of the finite
increase in electric potential across a small surface layer, as shown in Figure 2, is sufficient
for the basic understanding of its effect on the reaction dynamics. Since the electric potential
difference between the electrolyte and electrode is now positive, the double layer presents
an energy barrier for protons seeking to react with electrons, thus slowing down the
reaction. This intuitive explanation introduces two important factors that affect the reaction
rate: (1) the concentration of reactants required for the reaction and (2) the energy difference
between the initial and final state, which is closely related to the electric phenomena on the
electrode surface because the interacting particles are electrically charged.

The hydrogen oxidation reaction:

H2 → 2H+ + 2e−, (4)

does not occur spontaneously because it is energetically unfavourable for hydrogen to
decompose into protons. However, as discussed in the next section, the proper management
of the species concentration and the electric potential drop across the double layer can
cause the reaction to proceed in this direction as well.

3.2. Simple Kinetic Model of Electrochemical Reaction Rates

To represent the process in mathematical terms, we used a simple kinetic model
to describe the rates of electrochemical reactions [1]. To describe the reaction kinetics,
we identified six distinct states, schematically presented in Figure 2, through which the
system transitions from the initial state (State 1 in Figure 2) to the final state (State 6).
The chemical enthalpy of the i-th state is denoted Hch,i, the electric energy as Eel,i, and the
total electrochemical enthalpy as Hi = Hch,i + Eel,i.

When the electrode is not electrically charged, the transition of protons from the
bulk electrolyte to the electrode surface (1 → 2 → 3) leads to a change in the system
enthalpy (Hch,1 = Hch,2 = Hch,3 = Hch,init), as schematically presented in Figure 3a).
In the next step (3 → 4), the protons must arrange themselves in a configuration in
which they can bond with two electrons to form a hydrogen molecule. This so-called
transition state is energetically unfavourable due to the electrostatic repulsion between
two positively charged particles, which results in the chemical enthalpy of the transition
state Hch,4 = Hch,trans being higher than the enthalpy of the other configurations (as
schematically presented in Figure 3). When protons and electrons form the hydrogen
molecule (4 → 5 → 6), the enthalpy decreases significantly due to the formation of a
chemically stable and electrically neutral molecule with enthalpy Hch,5 = Hch,6 = Hch, f in.
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Figure 2. Schematic representation of the configuration of the particles, involved in hydrogen
reduction and oxidation. In initial State 1, both protons (blue circles) reside in the bulk electrolyte,
screened from the electrode by the electric double layer (EDL). Proton reduction occurs as the protons
are first adsorbed on the electrode surface (States 2 and 3). With sufficient energy, the protons can
form a transition state (4), which chemically binds into a hydrogen molecule (State 5) and finally
detaches from the electrode surface (State 6). When the hydrogen molecule is oxidised, the reaction
proceeds in the opposite direction from State 6 to State 1.

∆H††ch

∆H†ch

wI(E)

wF(E)
Hch, f in

1 2 3 4 5 6

Enthalpy

Chemical

Electrical

Electrochemical

a) E E

Reaction coordinate

Hch,trans
Hch,init

∆H††

∆H†

−2e0U −2αe0U

wI(E)

wF(E)
H5

H0

H3

1 2 3 4 5 6

E E

Reaction coordinate

Hch,trans
Hch,init

b)

Figure 3. Schematic representation of the energy levels of the states, involved in the hydrogen
electrochemical reaction on a electrically neutral (a) and a charged (b) electrode. The numbering of the
states relates to Figure 2: 1: 2H+ + 2e−, 2: H+ + H+

ads + 2e−, 3: 2H+
ads + 2e−, 4: H+2

2,ads + 2e−, 5: H2,ads,
6: H2. On the neutral electrode (a), the electrochemical enthalpy levels (purple) are defined only by
the chemical enthalpy (orange) with no electric contribution (green). In this case, the adsorption of
protons to the electrode surface (1 → 2 → 3) does not affect the enthalpy, which is increased only
when the transition state (4) is formed. The formation of a hydrogen molecule (4→ 5) results in a
significant decrease in the chemical enthalpy. When the electrode is charged (b), proton adsorption
requires their transition through the EDL, which increases the electric and electrochemical energy of
the system. As a result, the electrochemical enthalpy of the initial state 0 decreases by −2e0U and of
the transition State 4 by −2αe0U, where α is the charge transfer coefficient. The change in enthalpy
levels affects the share of particles that have sufficient thermal energy to overcome the enthalpy barrier
to the transition state (red dashed area) and, thus, affects the rates of the electrochemical reaction.

When the electrode is electrically charged, the EDL that forms on its surface acts as an
electric potential step of magnitude:

U = Uel −Uion, (5)
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which affects the energy of electrically charged species, e.g., protons, as they approach the
surface, as shown in green in Figure 2. Since the hydrogen molecule is electrically neutral,
the electrochemical enthalpy of States 5 and 6 remains unchanged:

H5 = Hch, f in, (6)

H6 = Hch, f in. (7)

The change in enthalpy of the initial State 1 can be explained in two ways. If one
assumes that the electrode potential was increased with respect to the fixed potential in the
electrolyte, the energy of each electron decreases by ∆Eel = −e0U. On the other hand, if we
assume that the electrolyte potential has been lowered compared to the fixed electrode
potential, the energy of each proton decreases by ∆EH+ = −e0U. Both descriptions are
consistent with each other and show that the energy decrease is proportional to the number
of charged particles in each state, resulting in enthalpy:

H1 = Hch,init − 2e0U. (8)

To describe the electric energy of transition states, we considered the energy required
for the proton to transition from the bulk electrolyte to the electrode surface, which is
approximately ∆Eel ≈ e0U. However, taking into account that the proton adsorbed to the
electrode surface still feels the EDL electric field and that its charge is partially neutralised
by surface electrons, the resulting energy difference ∆Eel = e0U(1 − α) is somewhat
smaller (see Appendix A). The difference in the electrostatic energy of the protons between
the electrolyte and the electrode surface is parameterised by the so-called charge transfer
coefficient α, (0 < α < 1) [1], which describes how the energy of the transition states is
related to the electrode potential U. Therefore, the enthalpy of the transition States 2 and
3 is

H2 = Hch,init − (1 + α)e0U, (9)

H3 = Hch,init − 2αe0U. (10)

We further assumed that the charge configuration of transition State 4 is similar to that of
State 3:

H4 = Hch,trans − 2αe0U. (11)

This relation conveys an intuitive explanation of the charge transfer coefficient α as a
description of the transition state energy change at the charged electrode. As we will
further explore in Section 3.5, the charge transfer coefficient plays a significant role in how
oxidation and reduction rates are affected by the changes in the electric potential U.

This intuitive description of the energy landscape of the reaction coordinate (schemati-
cally presented in Figure 3) allows us to calculate the rate of the reaction Equation (2). We
start with the assumption that the reaction rate is proportional to the concentration of the
particles involved in the reaction: the higher the concentration, the more likely the particles
will approach the electrode surface and the more likely the reaction will occur. Second,
only the particles that have high enough energy to overcome the enthalpy barrier can react.
This energy is provided by thermal fluctuations. We know from thermodynamics that,
in any system of finite temperature, the energy of the individual constituents is not at a
fixed value, but is distributed among them according to the Boltzmann distribution [34].
From this, it follows (see Appendix B for the derivation) that the probability that a proton
has sufficient energy to overcome the potential barrier ∆H† is determined as

pE>∆H† = e−
∆H†
kBT . (12)

This rule can be used to determine the rate of proton adsorption to the electrode surface:
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r1→2 = cH+ e−
H2−H1

kBT , (13)

r2→3 = cH+ e−
H3−H2

kBT . (14)

and the probability that adsorbed protons form a transition state:

p3→4 = e−
H4−H3

kBT . (15)

The transformation from the transition state to the hydrogen molecule (4→ 5) and its des-
orption from the surface (5→ 6) reduces the enthalpy, so the process can be characterised
by a constant probability p4→6, which can be absorbed in a rate factor kRed. To calculate the
actual reaction rate, we must further multiply the probabilities by the surface area of the
electrode S on which the reaction takes place:

rRed = kRedSr1→2r2→3 p3→4 =

= kRedSc2
H+ e−

H4−H1
kBT = (16)

= kRedSc2
H+ e−

∆H†
kBT .

While the value of the factor kRed can currently be determined ab initio by rather complex
calculations (e.g., [35]), the detailed value is not crucial for the basic understanding we are
trying to convey. Note that the reaction rate with respect to enthalpy levels depends only
on the enthalpy difference between the transition and initial states:

∆H† = H4 − H1 = ∆H†
ch + 2(1− α)e0U. (17)

H†
ch = Hch,trans − Hch,init denotes the difference in chemical enthalpy between the initial

and transition states, while the exact enthalpies of the intermediate states are irrelevant at
this level of detail.

For easier tracking of units, the expression Equation (16) is conventionally rewritten
as a molar flux density jRed = rRed/S:

jRed = γRed

(
cH+

cH+ ,re f

)2

e−
∆H†
kBT = γRed

(
cH+

cH+ ,re f

)2

e−
∆H†

ch+2(1−α)e0U
kBT , (18)

where we defined the activity coefficients of the species γRed = kRed(cH+ ,re f )
2 by multi-

plying the probability factor kRed by a reference concentration of protons cH+ ,re f [1]. This
results in both the reaction rate jRed and the reaction rate constant γRed being expressed as
a molar flux density in units of mol/(m2s).

A similar procedure for constructing the reaction rate can be carried out for the oxida-
tion direction of Equation (4), describing the decay of hydrogen into protons. The reaction
rate will now be proportional to the concentration of hydrogen cH2 and exponentially
dependant on the difference in enthalpy between the transition state and the state of
molecular hydrogen:

∆H†† = H4 − H6 = ∆H††
ch − 2αe0U. (19)

∆H††
ch = Hch,trans − Hch, f in denotes the difference in chemical enthalpy between the transi-

tion and final state, and the term −2αe0U describes how the enthalpy difference is affected
by electrode charging. The oxidation reaction rate is then written similarly to Equation (18):

jOx = γOx
cH2

cG,re f
e−

∆H††
kBT = γOx

cH2

cG,re f
e−

∆H††
ch −2αe0U

kBT . (20)

We again define the reference gas concentration cG,re f to preserve the units of the reaction
rate constant γOx.

By combining both terms, we can calculate the overall rate of reaction Equation (2)
as a difference between the reduction and oxidation reaction rate. To simplify the expres-
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sion, we furthermore define species activities as a ratio between the actual and reference
concentration aH+ = cH+/cH+ ,re f and aH2 = cH2 /cG,re f . This results in

j = jRed − jOx = γReda2
H+ e−

∆H†
ch+2(1−α)e0U

kBT − γOxaH2 e−
∆H††

ch −2αe0U
kBT . (21)

In this expression, we already see some terms, familiar from the Butler–Volmer Equation [1],
namely terms 2(1− α)e0U and 2αe0U in exponents. Most importantly, the rate and direction
of reaction are affected by the electric potential difference U between the bulk electrolyte
and the electrode, caused by the EDL. The increase in potential U will decrease the expo-
nential term in the reduction direction and increase the exponential term in the oxidation
direction, thus decreasing the consumption of protons, which is consistent with our previ-
ous explanation of protons being repulsed by the electric field in the EDL. The decrease in
U will have the opposite effect: an increase in the reduction exponential term will promote
the reaction of protons to hydrogen and suppress the hydrogen decay into protons.

3.3. Equilibrium Electric Potential

This raises an obvious question: Does the reaction ever reach equilibrium, and does
it do so spontaneously? To answer these questions, we must also consider the changes
in electrode potential due to the reaction taking place on its surface. The direction of the
reduction of the reaction from protons to hydrogen also consumes electrons and, therefore,
increases the potential of the electrically isolated electrode. This, in turn, decreases the rate
of the reduction reaction and increases the rate of the oxidation reaction, thus decreasing
the rate at which the potential on the electrode changes. In simple mathematical terms,
the rate of change of the electric potential of the electrode can be described as

dU
dt

=
2FS
Cel

j, (22)

where S is the electrode surface, Cel its capacitance, F the Faraday constant, and the factor 2
describes the number of electrons exchanged in the reaction.

Thus, the electric potential of the isolated electrode reaches equilibrium when the
reduction and oxidation rates of the reaction are equal, jRed = jOx, resulting in a net
reaction rate of zero j = 0. The equilibrium value of the electric potential, calculated from
Equation (21), is

Ueq =
1

2e0

[(
Hch,init + kBT log

(
γReda2

H+

))
(23)

−
(

Hch, f in + kBT log
(

γOxaH2

))]
,

resulting in electrochemical enthalpy landscape of the reaction Equation (2), schematically
presented in Figure 4.

As we can see, the equilibrium electric potential Ueq depends on the activities of
the reactants and products in the system. For certain standard conditions, where the
proton concentrations cH+ and the hydrogen concentrations cH2 are equal to their reference
concentrations cH+ ,re f and cH2,re f , respectively, the activities are equal to unity. These
conditions are used to define the standard equilibrium potential:

U0 =
1

2e0

(
∆Hch + kBT log

[
γRed
γOx

])
, (24)

which is almost proportional to the enthalpy difference between the initial state of two
protons in the electrolyte and the final state of the hydrogen molecule ∆Hch = Hch,init −
Hch, f in, corrected by the logarithm of the ratio of the activity coefficients of the species γRed
and γOx. The potential difference can indeed be calculated by rather complex microscopic
models, taking into account the detailed properties of the EDL and the interaction between
the proton and the surrounding electrolyte, yielding a value U0 = 4.44 ± 0.02 V [36].
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The potential difference is indeed quite large and must be taken into account if we are
trying to properly understand the microscopic conditions on the electrode surface.

Enthalpy

Chemical

Electrical

Electrochemical

∆H††∆H†

−2e0U −2αe0U

wI(E) wF(E)
H0,H5

H3

1 2 3 4 5 6

E E

Reaction coordinate

Hch,trans
Hch,init

Figure 4. Electrochemical enthalpy landscape of the reaction Equation (2) with electric potential close
to equilibrium. The electric charging results in the electrochemical enthalpy of the initial and the final
states to be similar, which in turn leads to similar transition state barriers in both directions. Small
deviations between enthalpy levels can be due to the different activities of the reactants and products,
which can promote the reaction rate toward reduction or oxidation.

However, how does this result relate to the value of the standard hydrogen electrode
potential found in every chemistry textbook where U0 = 0 V by definition? This question
could best be answered by a direct measurement: put one measurement probe into the
electrolyte, hold the other to the electrode, and measure the voltage. Unfortunately, such
a measurement would not give us the answer we are looking for. When the voltage-
measuring probe, which is necessarily made of an electrically conductive material, is
dipped into the electrolyte, electrochemical processes very similar to those just explained
would take place on its surface, causing an EDL to form and, thus, increasing its electric
potential compared to the bulk electrolyte. Therefore, it is in the nature of the system we
want to study that we cannot measure the potential of the bulk electrolyte. All we can
do is measure the potential differences between different electrodes, all shifted from the
electrolyte potential by a certain EDL voltage shift. From this point of view, it makes sense
to define the standardised hydrogen electrode as the reference point to which other types
of electrodes are compared.

3.4. Nernst Equation

Now, let us answer the question: How does the equilibrium electrode potential change
when the concentration of the reactants is shifted from their reference values? The intuitive
picture developed so far can easily support the answer to this question. If the EDL serves
as a barrier that prevents protons from reacting with electrons in the metal, a higher proton
concentration requires a higher EDL potential difference for the equilibrium state to be
reached. On the other hand, a higher hydrogen concentration causes more hydrogen
molecules to dissociate into protons and donate the missing electrons to the electrode,
decreasing the equilibrium electrode potential.

This equilibrium can be expressed mathematically by Equation (23), which we simplify
by expressing the enthalpy difference ∆Hch = Hch,init − Hch, f in in terms of U0. This yields
the well-known Nernst equation [1]:

Ueq = U0 +
RT
2F

log

(
a2

H+

aH2

)
, (25)

where we multiply the numerator and denominator of the logarithm prefactor by the
Avogadro constant NA and apply the definitions R = kBNA and F = e0NA.
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From this derivation, it is clear that the equilibrium potential changes with the concen-
tration of the species, since they affect the reduction and oxidation reaction rate, which is
proportional to their concentration. It should be noted, however, that this potential is only
reached at electrically isolated electrodes at equilibrium and in the absence of side reactions,
e.g., reduction of the potential in reactions with the crossover gasses, and that it has no real
physical significance under conditions where either net reduction or oxidation occurs.

3.5. Butler–Volmer Equation

As explained phenomenologically in Section 3.1 and mathematically in Equation (22),
the electric potential at the electrode tends to stabilise at some equilibrium potential. Any
imbalance in the reduction or oxidation reaction rate will result in either an accumulation
or deficit of electrons in the electrode, causing a shift in the electric potential, which quickly
leads to the equilibrium reaction. Therefore, if we want to achieve a steady rate of reaction,
we need to provide an external potential that will force the system out of equilibrium. This
can be achieved by adding or removing additional electrons from the electrode via an
external voltage or current source.

It is convenient to express the reaction rate in terms of the overpotential η = U −U0,
which denotes the difference between the actual electrode potential U and the standard
equilibrium potential U0. Note that the constant value U0 (Equation (24)), chosen as the
reference value, is unaffected by the Nernst potential shift (Equation (25)), making the final
result easier to understand in terms of the effects of concentration on the reaction rates.

Putting U = U0 + η in Equation (21) and using U0 from Equation (24), then after some
simplification, one arrives at the following expression:

j = γOx

(
γOx
γRed

)−α

e
α∆Hch−∆H††

ch
kBT

(
a2

H+ e
2(α−1)e0η

kBT − aH2 e
2αe0η
kBT

)
. (26)

We make a further simplification by defining the exchange current density j0 as

j0 = γOx

(
γOx
γRed

)−α

e
α∆Hch−∆H††

ch
kBT , (27)

which is completely defined by the properties and energy levels of the reaction and is
independent of the electric potential U. This leads to a standard form of the Butler–
Volmer reaction:

j = j0

(
a2

H+ e−
2(1−α)Fη

RT − aH2 e
2αFη
RT

)
, (28)

known from chemistry textbooks. From this form, we can clearly see how increasing or
decreasing the electric potential U affects the reaction rate. When U is increased above U0
(η > 0), the exponent in the second term increases, promoting the reaction from hydrogen
to protons. At the microscopic level, the hydrogen more willingly donates its electrons to
the more-positively charged electrode and, therefore, more easily decomposes to protons.
The protons, on the other hand, are repelled by a higher potential, and their reaction with
the electrons in the electrode is, therefore, suppressed. If the potential is lowered (η < 0),
the situation is reversed. A lower EDL potential barrier repels protons less effectively,
allowing them to react more readily with electrons to form hydrogen. The hydrogen,
in turn, is less willing to donate its electrons to a negatively charged electrode and is,
therefore, more likely to remain in its molecular form.

The charge transfer coefficient α, defined in Section 3.1, determines how much the
changes in electric potential described above affect the reduction and oxidation reaction
rates. When α is close to 1, the energy of the transition state behaves similarly to that of
the initial state, resulting in the difference between them remaining nearly constant, so
that the rate of the reduction reaction is not significantly affected. In this case, the energy
difference between the transition and final states changes significantly, so the electric
potential has a strong effect on the oxidation reaction rate. For α close to zero, the situation
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is just the opposite. The energy of the transition state remains constant regardless of the
electric potential, resulting in an unchanged oxidation reaction rate and a strongly affected
reduction reaction rate.

The Butler–Volmer equation can also be expressed in a slightly modified form by
comparing the potential U with the Nernst equilibrium potential Ueq Equation (25) instead
of the standard equilibrium potential U0 Equation (24). The reaction rate Equation (28) in
this case can be expressed as

j = j∗0

(
e−

2(1−α)F(U−Ueq)
RT − e

2αF(U−Ueq)
RT

)
. (29)

where the exchange current density:

j∗0 = γRaH2

(
aH2 γR

a2
H+γD

)−α

e
α∆Hch−∆H††

ch
kBT (30)

depends on the concentrations of the chemical species. While this form is sometimes more
convenient for calculations, note that, in this notation, both the equilibrium potential Ueq
and the exchange current density j∗0 are functions of the activities of the reactant and the
product, making understanding their effects on the reaction rate less intuitive.

3.6. Electrochemical Processes in the Fuel Cell Anode Catalyst Layer

We will now apply the knowledge gained so far to the anode catalyst layer of the
hydrogen fuel cell. The goal is to propose some simple equations describing how the anode
processes affect the temporal dynamics of the hydrogen concentration cH2,an, the proton
concentration cH+ ,an, and the anode EDL potential difference Uan = Uan,el −Uan,ion.

In the hydrogen fuel cell, the hydrogen oxidation reaction takes place on the anode cat-
alyst layer, consuming the hydrogen and transforming it to protons, so that the reaction rate:

jan = j0

(
a2

H+ ,ane−
2(1−α)F(Uan−U0)

RT − aH2,ane
2αF(Uan−U0)

RT

)
(31)

should be negative jan < 0. As explained in the previous section, this requires that the
electric potential on the anode Uan be greater than the equilibrium potential Uan > U0.
The removal of electrons from the anode, required to reach such a potential, is achieved
by the external electric current from the cathode to the anode, which is explained in more
detail in Section 7.

When this condition is met, hydrogen is consumed in an electrochemical reaction to
produce protons and electrons. To describe how the process affects the concentrations
of these three species, we modelled the anode catalyst layer as a porous structure with
thickness dcat, volumetric ratio of ionomer material µion, and volumetric ratio of void space
µ0. The rest of the volume µC is filled with catalyst material, which in low-temperature fuel
cells typically consists of Pt nanoparticles dispersed on the surface of the highly porous
carbon support structure. The structure of the catalyst is schematically presented in Figure 5.
The electrochemically active catalyst surface area of the electrode:

SEC = SFC × ρPtLoad × ESA, (32)

can be estimated from the macroscopic fuel cell surface area SFC (m2), the Pt loading
ρPtLoad (g/m2), which describes the total mass of Pt dispersed over the specific FC surface,
and the catalyst electrochemical surface area ESA (m2/g), which describes the catalyst
surface per mass of the dispersed catalyst. This quantity mainly depends on the size of
catalyst particles rPt and can be estimated as ESA = 3

ρPtrPt
[37], where ρPt is the bulk

density of platinum.
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μ0μion
μC

Figure 5. Schematic representation of the catalyst layer. Catalyst nanoparticles (white) are dispersed
on the surface of the carbon support structure (black) with the volumetric ratio µC. The catalyst
and carbon support are covered with ionomer film (light blue) with the volumetric ratio µion, which
allows the protons to travel to the catalyst surface. The gaseous species (hydrogen, oxygen) reside in
the void volume of the catalyst (white, volumetric ration µ0).

To describe how the hydrogen concentration in the catalyst layer changes with time,
we multiply the electrochemical reaction rate Equation (28) by the catalyst surface area
to calculate the molar consumption rate and divide it by the void volume accessible to
hydrogen within the catalyst layer V0 = Vcatµ0, where Vcat = SFCdcat is the total volume of
the catalyst layer: (

dcH2,an

dt

)
EC

=
SEC
V0

jan. (33)

Note that the anode reaction rate in the fuel cell jan < 0, so the hydrogen concentration de-
creases.

The proton concentration is determined by a similar equation:(
dcH+ ,an

dt

)
EC

= − SEC
Vion

jan, (34)

but with a different accessible volume Vion = Vcatµion, since the protons are in the ionomer.
The concentration of electrons is reflected in electric charging of the electrode. Since

the thickness of the EDL (dEDL) over which the potential drop occurs is relatively small
compared to the electrochemically active surface area of the electrode SEC, the anode can
effectively be described as a planar capacitor with linearly proportional charge and electric
potential: e = CU. The anode capacitance Can is estimated as

Can =
SECεε0

dEDL
, (35)

where ε0 is the vacuum permittivity and ε is the dielectric constant of the ionomer. The rate
of change of the electric potential of the anode due to the electrochemical reaction is obtained
by dividing the electric current due to the electrochemical reaction IEC = deEC

dt = 2FSEC jan,
which describes the rate of charge transfer, by the capacitance Can:(

dUan,el

dt

)
EC

=
IEC
Can

=
2FdEDL

εε0
jan. (36)

Therefore, an electrochemical reaction in which hydrogen is consumed to produce protons
and electrons tends to reduce the electric potential at the anode, which in turn decreases
the rate of the electrochemical reaction Equation (31). If no external current is provided to
the anode, such as, for example, in open-circuit fuel cell operation, the potential decreases
to the equilibrium potential defined by the Nernst Equation (25), and the electrochemical
reaction stops.
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Equations (33), (34), and (36) describe the effects of the electrochemical reactions in
the anode on the concentrations of hydrogen and protons and the electric charging of the
anode electrode. Note that these quantities are also affected by other physical processes
in the fuel cell, such as diffusion and conduction, which are discussed in more detail in
Sections 5–7.

4. Cathode Electrochemical Processes
4.1. Kinetic Model of Cathode Reaction Rates

In this section, we describe what happens to the electrons and protons produced in
the anode electrochemical reaction when they approach the cathode electrode where an
additional species, oxygen, is introduced. We will use the understanding of electrochemical
processes obtained in Section 3 on a simpler example of a hydrogen electrode to describe
a more-complex electrochemical reaction that occurs at the cathode electrode to explain
the reaction between protons and electrons in the presence of oxygen. The details of the
transport of protons and electrons from the anode to the cathode are discussed in detail in
Sections 6 and 7.

Because there are more species involved in the cathode reaction, namely protons H+,
electrons e−, and oxygen O2, the cathode’s chemistry is richer and more than one reaction
can occur. The best-known is the four-electron oxygen reduction reaction (ORR), which
leads to the formation of water:

O2 + 4H+ + 4e− � 2H2O. (37)

In the anode reaction example in Section 3, the rate of the electrochemical reaction
was determined by the concentrations of the reactants and their probability of forming a
transition state, which in turn was determined by the enthalpy values of the chemical states
involved in the reaction. We followed the same line of reasoning also for the cathode case.
Note that the enthalpies for the cathode reaction are denoted as Hc to distinguish them
from the anode term H.

The initial and final states are well-defined, and so are their enthalpies, Hc
init and Hc

f in,
respectively, which, similar to the anode reaction, change with the electrode potential U in
proportion to the charge transferred during the reaction, which is for ORR equal to 4e0:

Hc
init = Hc

ch,init − 4e0U, (38)

Hc
f in = Hc

ch, f in. (39)

The transition between the initial and final states, however, is now much more complex
compared to the anode reaction and involves different intermediate states of molecular and
atomic oxygen adsorbed on the electrode surface with different numbers of protons bound
to them. The reaction can, therefore, proceed along different reaction pathways, and more
importantly, the oxygen reduction and water oxidation pathways can differ significantly,
as shown by DFT calculations, e.g., in Anderson et al. [38]. Therefore, an accurate descrip-
tion of reaction rates corresponding to the ORR would require the inclusion of various
reaction steps and the calculation of the concentration of all intermediate species. However,
as we learned in the derivation of the HOR rate in Section 3, even if several intermediate
states are involved, the reaction rate is determined only by the concentration of reactants
and the largest increase in enthalpy Hc encountered in the reaction, required to form the
so-called rate-limiting transition state. In complex reactions such as the ORR, the reduction
and oxidation pathways can have different rate-limiting transition states with different
enthalpies, as shown schematically in Figure 6.
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∆Hc††

∆Hc†

∆Hc
ch

−4e0U

−4αOxe0U

−4αRede0U
Hc

ch,init

∆Hc
ch,trans

Hc
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trans,Red

Hc
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Hc
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ch, f in

Hc
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Hc
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Figure 6. Schematic representation of the enthalpy levels of the states involved in the electrochemical
reaction in the fuel cell cathode. Reduction (solid line) and oxidation (dashed line) can proceed
between the initial state (init) and the final state (fin) via different transition states (trans,Red and
trans,Ox) with different chemical enthalpies (orange), which are affected differently by electric
charging (green), resulting in different electrochemical enthalpy barriers (purple) for the reduction
and oxidation reactions.

Regardless of the exact details of the relevant reaction pathway, we labelled the
enthalpy of the reduction transition state by Hc

trans,Red and assumed that it varies with
electrode potential U as

Hc
trans,Red = Hc

ch,trans,Red − 4αRede0U, (40)

where the charge transfer coefficient 0 < αRed < 1 describes how the enthalpy of the
relevant transition state changes with electrode potential U.

The enthalpy of the transition state relevant to the oxidation direction is described in a
similar way:

Hc
trans,Ox = Hc

ch,trans,Ox − 4αOxe0U, (41)

with charge transfer coefficient 0 < αOx < 1.
Based on the results from Section 3, we constructed the reaction rates of the cathode

reactions in the reduction jcat,Red and oxidation jcat,Ox directions by multiplying the con-
centrations of the reactants with the exponential of the appropriate enthalpy difference:

jcat,Red = γc
RedaO2 a4

H+ e−
∆Hc†
kBT . (42)

jcat,Ox = γc
Oxa2

H2Oe−
∆Hc††

kBT . (43)

The reaction rate is proportional to the activities of the relevant species (aH+ = cH+/cH+ ,re f ,
aO2 = cO2 /cG,re f , aH2O = cH2O/cG,re f ) and exponential to the enthalpy difference between
the relevant intermediate states.

The enthalpy difference again depends on the electrode potential U:

∆Hc† = Hc
trans,Red − Hc

init = ∆Hc†
ch + 4(1− αRed)e0U, (44)

∆Hc†† = Hc
trans,Ox − Hc

f in = ∆Hc††
ch − 4αOxe0U, (45)

schematically presented in Figure 6. As in the anode case, ∆Hc†
ch = Hc

ch,trans,Red−Hc
ch,init and

∆Hc††
ch = Hc

ch,trans,Ox − Hc
ch, f in denote the chemical enthalpy differences at the electrically

neutral electrode.
The total rate of the electrochemical reaction of the cathode at the charged electrode is

calculated as the difference between the reduction and oxidation reaction rates:
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jcat = jcat,Red − jcat,Ox = γc
RedaO2 a4

H+ e−
∆Hc†

ch+4(1−αRed)e0U
kBT − γc

OxaH2Oe−
∆Hc††

ch −4αOxe0U
kBT . (46)

The expression can be simplified considerably by introducing the equilibrium potential,
where the net reaction rate is zero. As at the anode, the reduction reaction consumes
electrons and, thus, charges the electrode positively. This in turn increases the enthalpy
difference ∆Hc† and suppresses the reduction reaction rate, while at the same time, ∆Hc††

decreases and, thus, increases the oxidation reaction rate. Under standard conditions, i.e., at
aH+ = aO2 = aH2O = 1, the reactions equalise at a potential:

Uc
0 =

∆Hc
ch − ∆Hc

ch,trans + kBT log
[

γc
Red

γc
Ox

]
4e0(1− ∆α)

, (47)

dominated mainly by the enthalpy difference between the initial and final states ∆Hc
ch =

Hc
ch,init − Hc

ch, f in, but is also affected by the difference in the transition state enthalpies
∆Hc

ch,trans = Hc
ch,trans,Red − Hc

ch,trans,Ox. If both the reduction and oxidation reactions have
the same rate-limiting transition state, as is the case for the HOR, the term ∆Hc

ch,trans simply
vanishes. The standard equilibrium potential is also affected by the difference in the charge
transfer coefficients ∆α = αRed − αOx.

The value of the standard equilibrium potential of the reaction Equation (37) is
Uc

0 = 1.23 V compared to the standard hydrogen electrode reaction Equation (2) because
the energy released in the reaction of protons with oxygen, which produces water, is higher
than in the reaction of protons to hydrogen molecules. The change in electric potential
across the EDL at the cathode electrode is, therefore, greater than at the anode electrode.
The absolute value is obtained as the sum of the EDL potential of the standard hydrogen
electrode and the relative cathode potential compared to SHE: Uc

0 ≈ 1.23 V + 4.44 V = 5.67 V.
The Nernst potential for the four-electron oxygen reaction is determined in a manner

similar to the standard equilibrium potential, but with nonstandard concentration values,
resulting in the following formula:

Uc
eq = Uc

0 +
RT

4F(1− ∆α)
log

[
aO2 a4

H+

a2
H2O

]
. (48)

The equilibrium potential increases with oxygen and proton activity because greater electri-
cal repulsion is required to suppress the reaction when more protons are present, similar to
the case of the anode reaction.

4.2. Butler–Volmer Equation

The Butler–Volmer equation for the cathode reaction rate is obtained by expressing the
transition state enthalpies in terms of the standard equilibrium potential, which simplifies
Equation (46) to

jcat = jcRed,0aO2 a4
H+ e−

4(1−αRed)Fηc

RT − jcOx,0a2
H2Oe

4αOx Fηc

RT , (49)

where the overpotential ηc = U −Uc
0 is expressed as the difference between the actual

potential U and the standard equilibrium potential for the cathode reaction Uc
0. Note that

the exchange current densities are now different for the reduction and oxidation parts of
the equation:

jcRed,0 = k0γRed

(
γOx
γRed

) 1−αRed
1−∆α

, (50)

jc
Ox,0 = k0γOx

(
γOx
γRed

) αOx
1−∆α

, (51)

with
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k0 = exp

(
αOx(Hc

ch,init − Hc
ch,trans,Red) + (1− αRed)(Hc

ch, f in − Hc
ch,trans,Ox)

kBT(1− ∆α)

)
. (52)

The reaction rate constants jcRed,0 and jc
Ox,0 are defined by the detailed structure of the

transition states of the reaction, but are independent of the concentration of the reactants
and products or the electric potential of the electrode. The effects of concentrations and
potential are expressed in a very similar way to the anode Butler–Volmer Equation (31): The
reaction rate in each direction is proportional to the concentration of the relevant species
with the corresponding power law and exponentially dependent on the overpotential ηc.
In the fuel cell, the reaction proceeds in the direction of reduction, consuming oxygen
and hydrogen and producing water, which requires a potential that is lower than the
equilibrium potential U < Uc

0 (ηc < 0), as indicated by the negative exponential in the first
term of Equation (49). When the potential U is higher than Uc

0 (ηc > 0), the direction may
reverse and promote the dissociation of water into protons and oxygen, which is the case
in electrolyzer systems.

4.3. Electrochemical Processes in Fuel Cell Cathode Catalyst Layer

The electrochemical reactions at the cathode electrode of the fuel cell take place in an
environment similar to that at the anode side, i.e., in a catalyst layer consisting of porous-
carbon-supported catalyst particles mixed with the ionomer. For simplicity, we assumed
the same proportions of catalyst (µC), ionomer (µion), and void volume (µ0), and the same
catalyst thickness in both the anode and cathode catalyst layers.

The cathode electrochemical reaction rate:

jcat = jc
Red,0aO2,cata4

H+ ,cate
− 4(1−αRed)F(Ucat−Uc

0)
RT − jcOx,0a2

H2Oe
4αOx F(Ucat−Uc

0)
RT , (53)

depends on and affects the concentrations of all three species involved: oxygen
(cO2,cat = aO2,catcG,re f ), water (cH2O = aH2OcG,re f ), and protons (cH+ ,cat = aH+ ,catcH+ ,re f ),
and on the potential difference between the cathode catalyst and ionomer Ucat = Ucat,el−Ucat,ion.

Similar to the anode catalyst layer, the rates of electrochemical consumption or pro-
duction in the cathode catalyst layer are expressed as time derivatives of concentrations:(

dcO2,cat

dt

)
EC

= − SEC
Vcatµ0

jcat, (54)

(
dcH+ ,cat

dt

)
EC

= − 4SEC
Vcatµion

jcat, (55)(
dcH2O,cat

dt

)
EC

= +
2SEC

VcatµV
jcat. (56)

In addition to electrochemical production and consumption, the concentrations are also
affected by the diffusion of gases from the GDL and the conduction of protons through the
membrane, which will be discussed in more detail in Sections 5 and 6.

The consumption or production of electrons is expressed similarly to the anode side
by treating the EDL as a capacitor, resulting in a change in electric potential:(

dUcat,el

dt

)
EC

=
4FdEDL

εε0
jcat. (57)

During fuel cell operation, oxygen, protons, and electrons are consumed in the cathode cat-
alyst, resulting in a positive value of jcat and increasing the electric potential of the cathode
Ucat,el . When no external electric current flows through the cell, the potential increases until
it reaches the value determined by the species concentration via the Nernst Equation (48)
when the reaction stops. However, under actual operating conditions, the external electric
current flows from the cathode to the anode (see Section 7), ensuring a sufficiently low
electric potential Ucat,el to maintain the positive sign of the cathode reaction jcat. The dy-
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namics of the electric potential Ucat,ion of the catalyst ionomer is discussed in in more detail
in Section 6.

5. Gaseous Species Transport

As explained in the previous section, oxygen and hydrogen are consumed and water
is produced during fuel cell operation. Where do these species come from, and how are
they transported to the catalyst layer where they react?

The reactants and products involved in the electrochemical processes in the fuel cell
are in gaseous form at the temperatures at which fuel cells normally operate. The reactants
are fed to the fuel cell through the gas feed channels from which they travel through the
gas diffusion layer (GDL) to the catalyst layer [39]. The transport is driven by concentration
and pressure differences. At the anode, hydrogen is consumed in the reaction, resulting in
a lower pressure in the catalyst layer compared to the pressure in the channel. Detailed
modelling of gas diffusion can be quite complicated due to the porous structure of the
GDL [40], but the main causal relationship can still be described by modelling a molar flux
proportional to the concentration difference:

jH2,di f =
DGDL,an

dGDL,an
(cH2,ch − cH2,an), (58)

where DGDL,an and dGDL,an denote the effective GDL diffusivity and thickness, respectively,
and cH2,ch is the hydrogen concentration in the gas feed channel.

The transport processes on the cathode side are similar, with the oxygen being trans-
ported from the gas feed channel to the catalyst:

jO2,di f =
DGDL,cat,O2

dGDL,cat
(cO2,ch − cO2,cat). (59)

Water transport is more complex because the phase change from the gaseous to the liq-
uid state can lead to a variety of additional phenomena within the GDL [26]. However,
from the simple perspective of causal relations, we also modelled this transport by a simple
effective diffusion:

jH2O,di f =
DGDL,cat,H2O

dGDL,cat
(cH2O,ch − cH2O,cat), (60)

where the effective diffusion coefficient for water DGDL,cat,H2O is different from the oxygen
coefficient DGDL,cat,O2 .

Diffusion fluxes replenish the reactants consumed in the electrochemical reaction and
dispose of the products from the catalyst layer. The following equations describe their
effects on the concentrations of species in the catalyst layer:(

dcH2,an

dt

)
di f

=
jH2,di f

dcatµ0
, (61)

(
dcO2,cat

dt

)
di f

=
jO2,di f

dcatµ0
, (62)

(
dcH2O,cat

dt

)
di f

=
jH2O,di f

dcatµ0
, (63)

where dcat denotes the catalyst layer thickness, and we assumed that gasses reside only
in the void fraction µ0 of the catalyst layer. For simplicity, we assumed the same catalyst
properties on the anode and cathode sides.

The transport of reactants plays a crucial role in fuel cell performance at high current
densities when their consumption in electrochemical reactions is high. Since the lowest
possible value of oxygen and hydrogen concentrations in the catalyst is zero, the transport
fluxes Equations (58) and (59) are theoretically limited by values jH2,di f ,max =

DGDL,an
dGDL,an

cH2,ch
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and jO2,di f ,max =
DGDL,cat,O2

dGDL,cat
cO2,ch. As this limit is approached, the concentration of reactants

in the catalyst decreases due to an imbalance between electrochemical consumption and
diffusion transport, leading to a depletion of reactants and, consequently, a decrease in
electrochemical reaction rates.

6. Proton Transport in the Fuel Cell Membrane

We already explained in Section 3.6 how the protons are produced in the electrochem-
ical reaction in the anode catalyst layer when the hydrogen concentration and electrical
potential are sufficiently high and, in Section 4.3, how the protons are consumed in the cath-
ode catalyst layer. Therefore, to maintain a steady reaction, the protons must be transferred
from the anode to the cathode side of the fuel cell.

In the hydrogen fuel cell, protons are transported across a proton-conducting mem-
brane that prevents (or minimises) the transport of gaseous species, i.e., hydrogen and
oxygen, but allows the transport of protons. In principle, proton transport can occur via
two mechanisms: diffusion, caused by the gradient of the proton concentration, or electric
conduction, where proton movement is forced by the internal electric field in the membrane.
In real systems, the diffusivity of protons is relatively low compared to the conductivity, so
the main mechanism of proton transport is electric conduction [3].

This raises the question: Where does the electric field come from that forces the
transport of protons? To answer this question, we need to understand the basic properties of
the proton-conducting polymers from which the membrane is made. The polymer consists
of long perfluorinated chains of carbon atoms in which side chains are attached [41]. These
side chains end with sulphonic groups (SO3H) from which the proton can easily detach
when the membrane is sufficiently hydrated. This leads to a fixed volume concentration
cSO−3

of immobile negatively charged SO−3 groups, which is overlaid by the concentration

of positively charged protons H+, cH+ , which can move through the membrane material.
At equilibrium, the concentrations of both species are equal cSO−3

= cH+ , resulting in a net
electric charge concentration of zero:

ρe = F(cH+ − cSO−3
) = 0, (64)

where the Faraday constant F transforms the molar concentration to the electric charge density.
When an electrochemical reaction takes place in the fuel cell, the local proton con-

centration on the electrode surface changes: the concentration increases on the anode
surface and decreases on the cathode surface. This leads to a local change in the net electric
charge concentration:

ρe,an = F(cH+ ,an − cSO−3
) > 0, (65)

ρe,cat = F(cH+ ,cat − cSO−3
) < 0. (66)

This electric charge is a source of the electric field according to Gauss’s law:

∇ · ~E =
ρe

εε0
, (67)

where ε is the value of the dielectric constant within the electrolyte.
If we assume that the fuel cell catalyst layer is relatively thin compared to the fuel cell

surface area, the charge density due to proton concentration imbalance can be effectively
expressed as the surface charge density σel = ρeldcatµion, where dcat is the catalyst thickness
and µion is the ionomer volumetric ratio. The anode and cathode catalyst layers can then be
seen as two parallel plates of a plate capacitor, with the charges on the plates producing a
combined electric field of magnitude:

Emem = Ean − Ecat =
σel,an − σel,cat

2εε0
, (68)
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pointing from the anode to the cathode. The difference between the charge densities σel,an−
σel,cat can be expressed by the proton concentrations cH+ ,an and cH+ ,cat using Equations (65)
and (66) as

σel,an − σel,cat = Fdcatµion
(
cH+ ,an − cH+ ,cat

)
. (69)

The electric potential drop across the membrane is calculated as the product of the electric
field and the membrane thickness dmem:

Umem = Ememdmem =
Fdmemdcatµion(cH+ ,an − cH+ ,cat)

2εε0
. (70)

Note that this electric field is completely contained within the electrolyte and is shielded
from the external electric field by the EDL. The field is, therefore, distinct from the electric
field between the anode and the cathode electrode outside the fuel cell, which points from
the cathode towards the anode. The electric field and electric potential profile through the
MEA is schematically presented in Figure 7.

Anode Membrane Cathode

x

cSO−3
cH+

ρe

|~E|
Uion

Umem

Figure 7. Schematic presentation of the electric field and potential in the fuel cell ionomer. The im-
balance between the concentrations of protons (red) and sulphonic groups (dashed orange) in the
anode and cathode layers results in a net positive charge density at the anode and a negative charge
density at the cathode (blue). This creates an electric field within the membrane (purple) that forces
the protons to move through the membrane and also leads to a difference in the ionomer electric
potential (green) between the anode and cathode.

The electric potential in the membrane affects the fuel cell dynamics in two ways.
As explained in Sections 3.6 and 4.3, the electrochemical reaction rates depend on the electric
potential difference between the electrode and ionomer, U = Uel −Uion. The membrane
potential Umem creates the difference in ionomer potential between the anode and cathode
sides Umem = Uion,an −Uion,cat. Since the zero value of the electric potential can be chosen
arbitrarily, we can set the ionomer potential on the cathode surface to zero Uion,cat = 0 and
calculate the ionomer potential on the anode surface as

Uion,an =
Fdmemdcatµion(cH+ ,an − cH+ ,cat)

2εε0
= Umem. (71)

Thus, the ionomer electric potentials Uion,an and Uion,cat depend directly on the concentra-
tions of protons cH+ ,an and cH+ ,cat in the anode and cathode catalyst layers.

In addition to changing the ionomer potential, the electric field in the electrolyte also
causes an electric force on charged particles, in this case protons, forcing them to move in
the direction of the field, i.e., from the anode to the cathode, resulting in an electric current
density jH+ ,el = σH+E, where σH+ is the conductivity of the electrolyte. The molar flux of

protons is proportional to the electric current: jH+ =
jH+ ,el

F , which can, therefore, be related
to the membrane voltage drop Umem Equation (70):

jH+ =
σH+Umem

dmemF
=

σH+dcatµion(cH+ ,an − cH+ ,cat)

2εε0
. (72)
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This equation shows that the transport of protons is a direct result of the imbalance
between the proton concentration in the anode and the cathode, which creates the electric
field in the electrolyte.

The proton flux leads to the balancing of the proton concentrations in the catalyst layers:(
dcH+ ,an

dt

)
mem

= − jH+

dcatµion
= −

σH+(cH+ ,an − cH+ ,cat)

2εε0
, (73)

(
dcH+ ,cat

dt

)
mem

= +
jH+

dcatµion
=

σH+(cH+ ,an − cH+ ,cat)

2εε0
. (74)

The characteristic time of this relaxation τ = εε0/σH+ can be estimated from the electrolyte
conductivity and the dielectric constant. For Nafion with σH+ ∼ 5 S/m [2] and ε ∼ 20 [42],
the relaxation is fast, τ ∼ 10−10 s, indicating that any inhomogeneity in proton concentra-
tion inside the membrane is almost immediately balanced out. Therefore, the imbalance in
electric charge caused by the difference in proton and sulphonic group concentration can
only occur very close to the electrode surface where the protons are generated or consumed.
This justifies our assumption that the net electric charge density inside the membrane
is zero and that the system can, therefore, be effectively described as a planar capacitor.
The magnitude of the proton concentration deviations can be estimated from the typical
electric current density in the fuel cell jel ∼ 104 A/m2 using Equation (72), resulting in
(cH+ ,an − cH+ ,cat) ∼ 10−6 mol/m3, which is very small compared to the concentration of
protons and sulphonic groups in Nafion cna f ∼ 1800 mol/m3 [41].

Short relaxation times and small concentration differences show that the proton concen-
tration in the membrane can be considered homogeneous in most cases, and the modelling
of its dynamics can usually be avoided, unless the model aims at describing the dynamics in
the frequency range ν > 1010 Hz. However, the explanation of these processes is important
to understanding the causal chain between proton production and consumption in the
catalyst layer and the mechanism of their transport inside the membrane.

7. Electron Transport

As explained in Sections 3 and 4, the electrochemical reactions at the anode and cathode
in the fuel cell are a source and sink of electrons that cause a change in the electric potential
of the electrodes. The equilibrium electric potential for the electrochemical reaction at the
cathode is higher than at the anode, resulting in an electric potential difference between
the cathode and anode, which can be used to extract useful electric work from the fuel cell.
The electric voltage of the fuel cell is equal to the electric potential difference between the
cathode and anode UFC = Ucat,el −Uan,el . The electric current through the external load
with resistance R connected to the fuel cell is then

I =
UFC

R
. (75)

This current results in potentially useful electric work performed on the load P = IUFC.
From the point of view of electrochemical processes in the fuel cell, the electric current I
represents an additional sink and source of electrons in the anode and cathode electrodes,
affecting their electric potential as follows:(

dUan,el

dt

)
el
= +

I
Can

, (76)(
dUcat,el

dt

)
el
= − I

Ccat
, (77)

with Can and Ccat introduced previously in Sections 3.6 and 4.3, respectively. By combining
these two equations with electrochemically induced changes in the electrode potential,
the time evolution of the potential at each of the electrodes can be calculated.
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It is instructive to write the fuel cell voltage UFC also in terms of voltage drops
across the anode and cathode EDL and across the membrane Equation (5), which leads to
the expression:

UFC = Ucat,el −Uan,el = (Ucat + Uion,cat)− (Uan −Uion,an) = Ucat −Uan −Umem, (78)

which makes it clear that the fuel cell voltage UFC is affected by both the electrochemical
reaction rates and the proton transport in the membrane. In terms of the anode and cathode
overpotentials ηan = Uan −U0 and ηcat = Ucat −Uc

0, the fuel cell voltage can be written
as follows:

UFC = UFC,0 − ηan + ηcat −Umem, (79)

where we defined the ideal fuel cell voltage UFC,0 = Uc
0 −U0 = 1.23 V. The actual voltage

is smaller than the ideal value because of the anode overpotential ηan > 0, the cathode
overpotential ηcat < 0 and the membrane potential drop Umem > 0.

8. Modelling Results and Discussion

The model was tested by simulating four polarisation curves, measured at different
inlet gas pressures of hydrogen and oxygen: p = [1.0, 1.4, 2.0, 2.5] bar. The gas flows were
set by constant stoichiometry on the anode side λan = [1.3, 1.3, 1.3, 1.3] and on the cathode
side λcat = [1.8, 1.7, 1.7, 1.7], where the stoichiometry is defined as the ratio between the
flow of reactants into the fuel cell and the consumption of reactants in the electrochemical
reaction λ = φreact,in/φreact,EC. The temperature was assumed to be constant and deter-
mined by the cooling medium with temperature T = [70, 73, 74, 76] ◦C. Set of differential
Equations (1) describing the model was implemented in Python programming language
and solved using the solve_ivp routine from Scipy library [43]. The calibration of the
model parameters is described in detail in Appendix C.

The measured polarisation curves are compared in Figure 8 with the modelled results
calculated using the calibrated model parameters. The values agreed well, indicating
that the simple proposed model is able to adequately explain the main physical processes
occurring in the fuel cell. Note that this model is introduced with a pedagogical goal
and, therefore, does not include submodels for specific detailed phenomena, such as the
formation and transport of liquid water [26], which increases the accuracy of the results at
high current densities.

As explained by Equation (79), the drop of fuel cell voltage from its maximal theoretical
value of 1.23 V can be attributed to three contributions: anode overpotential ηan, cathode
overpotential ηcat, and membrane voltage drop Umem. These contributions are shown for
different polarisation curves in Figure 9.
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Figure 8. Comparison between measured polarisation curves and data produced by the model.
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Figure 9. Comparison between the different contributions to the fuel cell voltage drop in Equation (79)
at different gas pressures: 1 bar (black), 1.4 bar (blue), 2.0 bar (green), and 2.5 bar (red). The con-
tributions are: anode overpotential ηan (dashed), cathode overpotential ηcat (solid), and membrane
voltage drop Umem (dotted). Note that the anode and cathode overpotentials depend strongly on the
gas pressure, which changes the concentration of the reactants. Since the membrane conductivity is
assumed to be constant, the membrane voltage drop is the same at all pressures.

The contribution of the cathode overpotential is much larger than that of the anode
overpotential, which is due to the fact that the electrochemical reaction rate of the cathode is
much lower than that of the anode. Both overpotentials depend to a significant extent on the
gas inlet pressure: higher pressure leads to higher reactant concentrations, which require a
lower overpotential for the reaction to proceed at a rate determined by the external current.
Under stationary conditions in which the polarisation curve is measured, the electric
current density through the fuel cell is linearly proportional to the proton flux through the
membrane. The membrane voltage drop Umem Equation (70), therefore, increases linearly
with current density and is independent of the gas inlet pressure.

The model also provides insight into the concentration profiles of other chemical
species, i.e., oxygen, hydrogen, and water, shown in Figure 10. As expected, the concentra-
tions of the reactants decreased linearly with the current density, causing a linear increase
in the reactant flux through the GDL at constant species concentrations in the gas channels.
Note that at sufficiently high current densities, the oxygen concentration on the cathode
surface was so low that it led to a substantial increase in the cathode overpotential, which
is required to maintain a sufficient reaction rate at a reduced reactant concentration (see
the black line in Figure 9). The water concentration (dotted line) increased steadily with
increasing current density due to faster production.

The explanation of the electrochemical reactions and transport processes given in
Sections 3, 4, and 6 and the results calculated using the model allow a schematic repre-
sentation of the contributions to the proton energy as a function of their position in the
membrane–electrode assembly in Figure 11. The total electrochemical energy of the proton
(purple) can be divided into two contributions: the chemical enthalpy resulting from the
reaction between species (orange) and the electric energy (green) due to the interaction of
the proton with the electric field in the fuel cell.
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Figure 10. Concentrations of reactants and products in the fuel cell catalyst layers at different current
densities and gas inlet pressures: hydrogen in anode catalyst (dashed), oxygen in cathode catalyst
(solid), and water in cathode catalyst (dotted linen). Increasing the current density results in a lower
concentration of reactants (hydrogen and oxygen) due to electrochemical consumption and a higher
concentration of product (water).

In the anode, the protons are bound in hydrogen molecules with low chemical enthalpy.
When the hydrogen molecule is split into protons (which enter the ionomer membrane),
their chemical enthalpy increases, but this effect is compensated by the electric energy due
to the proton transition through the EDL. Therefore, the overall change in enthalpy is quite
small. When no current flows through the cell (case a) in Figure 11, the small differences
in the enthalpy levels are the result of concentration contributions to the Nernst potential
Equations (25) and (48). If an electric current flows through the cell (case b) in Figure 11,
the enthalpy of the hydrogen in the anode is higher than the enthalpy of the protons in the
membrane, forcing the hydrogen to split into protons.

The chemical part of the enthalpy of the protons in the membrane is constant, while
the electric part is affected by the internal electric field Equation (68). The field is present
only when electric current flows through the cell and is shown in Figure 11b as a linear
change in the electric energy of the protons through the membrane.

The transition between the membrane and the cathode is characterised by a significant
decrease in chemical enthalpy as protons from the ionomer are bound with oxygen to form
water. The chemical contribution is again balanced by the increase in electric energy due
to the EDL, so that the electrochemical enthalpy in the membrane and cathode is nearly
equal when the electric current is zero (Figure 11a). When the electric current is not zero,
the electric potential at the cathode decreases, resulting in a lower electrochemical enthalpy
at the cathode, which forces a higher reaction rate.
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Figure 11. Schematic presentation of the proton enthalpy in the fuel cell electrode–membrane as-
sembly during operation at two different current densities: (a) jel = 0 and (b) jel = jre f . The total
electrochemical enthalpy (purple) can be divided into chemical (orange) and electrical (green) contri-
butions. Protons in the “Anode” are bound into a hydrogen molecule with low chemical enthalpy
(∆Hch,HOR) and large electric energy (Uan). The transition to the “Membrane” requires the splitting of
the molecule into two protons and two electrons, which increases the chemical enthalpy, but reduces
the electric energy due to electrode charging. The reaction with oxygen at the “Cathode” results in
the binding of protons into a water molecule with a large decrease in chemical energy (∆Hch,ORR) and
an accompanying increase in electric energy (Ucat), which causes a net electric potential difference
between the cathode and anode (UFC). Under OCV conditions without electric current (a), the elec-
trode overpotentials ηan and ηcat are determined by the Nernst Equation (25), while the potential
drop across the membrane is zero. When current flows through the cell (b), larger overpotentials ηan

and ηcat are needed to provide a sufficient rate of electrochemical reactions. Transport through the
membrane requires an electric potential difference Umem across the membrane.

9. Conclusions

The paper presents an educational-scale-bridging modelling approach, resulting in a
simple mathematical model of the electrochemical reactions and species transport in the
hydrogen fuel cell. The aim of the paper was to explain intuitively the physicochemical
processes at different scales in the fuel cell, such as electrochemical reactions, species
diffusion, and conduction, and to describe them in terms of a simple set of differential
equations that provides a better understanding of the causal relationships between the
relevant quantities.

The description of the electrochemical reactions was based on the intuitive description
of molecular dynamics at charged electrodes. As explained in the paper, the charging of the
electrode leads to the formation of an electric double layer in the electrolyte at the electrode
surface, which affects the movement of the protons involved in the electrochemical reactions.
The reaction rate is, therefore, determined by the species concentration and the interplay
between the energy distribution of the species due to thermal excitations, the chemical
enthalpy of the species, and the magnitude of the EDL energy barrier. We showed that,
even for a hydrogen oxidation reaction with a standard potential of 0.0 V, the actual electric
potential difference across the EDL must be large (∼4.4 V) to establish an equilibrium
between the chemical and electrical contribution to the reaction enthalpy. The oxygen
reduction reaction at the cathode results in an even larger EDL potential of (∼5.67 V). This
understanding was used to provide a sound and intuitive mathematical derivation of the
Butler–Volmer equation and apply it to the case of the hydrogen oxidation reaction at the
anode and the oxygen reduction reaction at the cathode catalyst layer of the hydrogen
fuel cell.

Furthermore, we used a simple model of a planar capacitor to explain how the electro-
chemical production and consumption of protons in the catalyst layers affect the electric
field in the electrolyte and the electric potential difference across the membrane. This
allows a simple description of proton transport in the membrane. Combined with the
understanding of the EDL dynamics on the electrode surface, a clear picture of the electric
potential profile across the membrane–electrode assembly was established: the electric
potential drops significantly at the junction between the anode electrode, and the electrolyte
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(∼4.4 V) changes only slightly across the membrane and rises again significantly across the
cathode surface EDL (∼5.6 V).

Finally, we explained how the electric potential of electrodes is affected by the produc-
tion and consumption of electrons in electrochemical reactions and by transport through
the external load. The time dynamics of the electric potential was described mathematically
with a simple picture of the electrode surface as a planar capacitor, where the EDL potential
difference is linearly related to the excess charge on the electrode. This provides a complete
understanding of what happens in the fuel cell when an external load is connected between
the anode and cathode. The electron current moves from the low electric potential of
the anode to the high potential of the cathode, resulting in an increase in the electrical
potential of the anode. This shifts the reaction equilibrium at the anode and promotes the
oxidation of hydrogen into two protons, which are deposited in the electrolyte, and two
electrons, which attempt to compensate for the increased anode potential by their negative
electric charge. The electrons travelling to the cathode decrease its electric potential, thus
shifting the reaction balance toward the direction of protons bonding with the oxygen
and the excess electrons, resulting in an increase in the electric potential at the cathode.
The imbalance between the proton concentrations in the catalyst layers of the anode and
cathode results in the establishment of an electric field in the membrane, which forces the
protons to travel between the anode and cathode, balancing the electrochemical production
and consumption.

The mathematical descriptions of the electrochemical reactions and transport of pro-
tons, gaseous species, and electrons were coupled into a model of fuel cell operation
described as a set of seven first-order differential equations for electric potentials and
species concentrations in the anode and cathode catalyst layers. The electric potentials at
the anode and cathode calculated with the proposed model agreed well with the experi-
mental data, indicating that the model describes all relevant processes in the fuel cell in
sufficient detail while providing a high degree of intuitive understanding of the underlying
processes. Most importantly, the structure of the model provides an adequate understand-
ing of the causal relations between the physical quantities describing the fuel cell operation.
Because of its intuitiveness, we believe that the proposed model will be a great asset in
educating and explaining the details of fuel cell operation to new generations of researchers.
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Appendix A. Electrostatic Energy of Transition States

The electrostatic contribution to the energy of the transition state, which is composed
of protons adsorbed on the electrode surface, can be estimated using a simple schematic
picture of the electric charge distribution shown in Figure A1.

In the initial state (Figure A1a), the proton with charge +e0 (blue circle) is at the
negative potential −U due to the EDL and the electron (red cloud) is at the potential
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0, resulting in the electrostatic energy Eel = −e0U. In the transition state (Figure A1b),
the proton is adsorbed on the electrode surface and is at the negative potential −βU, where
0 < β < 1 is defined by the slope of the EDL potential (i.e., the electric field of the surface)
and the distance of the proton from the electrode surface. In addition, the proton charge
can be partially shielded by an electron cloud with effective charge −δe0, 0 < δ < 1, so that
the effective charge of the adsorbed proton is e = +e0 − δe0. Thus, the electrostatic energy
of the adsorbed proton can be estimated as follows

Eel,H+
ads

= −β(1− δ)e0U = −αe0U, (A1)

where we have reduced the number of parameters by defining charge transfer coefficient
α = β(1− δ), 0 < α < 1.

+

-

+

-

U U

βU

+e0

−e0 −e0(1 − δ)

e = +e0 − δe0

a) b)

Figure A1. Schematic representation of the energy distribution function w(E) and the number of
particles with sufficient energy for the reaction.

Appendix B. Boltzmann Distribution

For a macroscopic system at finite temperature, the energy of the system is distributed
among the individual constituents according to the Boltzmann distribution [34], which
describes the probability density w(E) of a single constituent with a given energy E:

w(E) =
1
Z

e−
E

kBT . (A2)

The probability density w(E) decreases exponentially with energy, where T is the tempera-
ture and kB is the Boltzmann constant. The normalisation factor Z =

∫ ∞
E0

exp(−E/kBT)dE
is calculated by integrating from the lowest possible energy level E0 to infinity. This means
that at any finite temperature, the probability that the reactant has enough energy to
overcome the potential barrier to the transition state ∆H† is obtained by integrating the
probability density:

pE>∆H† =
∫ ∞

∆H†
w(E)dE = cH+ e−

∆H†
kBT . (A3)

The procedure is schematically presented in Figure A2.

∆H†E0

w(E)

E

Figure A2. Schematic representation of the energy distribution function w(E) (red line) and the
probability that a particle has enough energy for a reaction (dashed red area).
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Appendix C. Model Calibration

The model was calibrated on 4 measured polarisation curves (i = 0, ..., 3) describing
the relation between fuel cell electric current density jel,i,j and voltage UFC,exp,i,j, where j
describes the measurement points on each curve. The polarisation curves differed in the
inlet pressures in the gas feed channels pi = [1.0, 1.4, 2.0, 2.5] bar, the stoichiometry on
the anode side λan,i = [1.3, 1.3, 1.3, 1.3] and cathode side λcat,i = [1.8, 1.7, 1.7, 1.7] and the
temperature determined by the cooling medium, Ti = [70, 73, 74, 76] ◦C.

These data were used to determine the operating conditions of the model (listed in
Section 2), which were assumed to be stationary. The average concentrations of reactants
in the channels were set to constant values calculated from inlet pressure, temperature,
and stoichiometry:

cH2,ch,i =
pi

RTi

(
1− 1

2λan,i

)
, (A4)

cO2,ch,i =
pi

RTi

(
1− 1

2λcat,i

)
. (A5)

The average water concentration in the cathode channel was calculated from the humidity
of the cathode inlet gas rh = 80% and the temperature using the Antoine equation [44]:

cH2O,ch,i(t) =
p0

RTi
10
(

A− B
C+Ti

)
, (A6)

with p0 = 133.2 kPa, A = 8.07, B = 1730.6 K, and C = −39.7 K. The external electrical load
was determined for each measurement point from the measured fuel cell voltage UFC,exp,i,j

and current density jel,i,j: Ri,j =
UFC,exp,i,j
SFC jel,i,j

.
Of the 18 model parameters, the values for 10 of them were set to characteristic values

found in the literature. The values of the parameters are listed in the first three columns of
Table A1.

Table A1. List of model parameters.

Fixed Parameter Value Source Fitted Parameter Value Source

SFC 25 cm2 assumed j0,an 3.5× 10−5(1± 0.29)mol/m2 s fitted
dcat 1 µm assumed j0,cat,F = j0,cat,B 4.7× 10−11(1± 0.40)mol/m2 s fitted

dmem 5 µm assumed αan 0.65 (1± 0.07) fitted
dGDL 30 µm assumed αcat,F 0.74 (1± 0.012) fitted
µion 30% Ref. [45] αcat,B 0.29 (1± 1) fitted
µV 50% Ref. [45] DGDL 1.75× 10−6(1± 0.012)m2/s fitted

ESA 60 m2/g assumed σH+ 6.32(1± 0.047) S/m fitted
ρPtLoad 3 g/m2 assumed

ε 20 Ref. [42]
dEDL 0.122 nm Calc. from [46]

8 parameters from the last three columns of Table A1 were obtained by a fitting
procedure aimed at minimising the value of the fitness function χ2, calculated by comparing
the measured values of the fuel cell voltage UFC,exp,i,j with the values of the fuel cell voltage
UFC,mod,i,j calculated from the model:

χ2 = ∑
i,j

(
UFC,exp,i,j −UFC,mod,i,j

)2

UFC,exp,i,j
. (A7)

Modelled values UFC,mod,i,j were obtained by implementing the model Equation (1) in the
Python programming language. The equations were integrated using the solve_ivp rou-
tine from the Scipy library [43], with the constant input values given above. The simulation
time was set to tsim = 7200 s to ensure convergence of all modelled variables. The modelled
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fuel cell voltage was calculated as UFC,mod,i,j = (Ucat,el(tsim)−Ucat,el(tsim))i,j for each set of
operating conditions i, j. The values of the fitted parameters were varied using the Nelder-
Mead [47] routine from the Scipy library to minimise the value of χ2. The list of best-fit
parameters is given in Table A1. Since the reverse direction of the reaction Equation (49) is
strongly suppressed in the fuel cell, the value of the oxidation reaction rate constant was
assumed to be equal to the reduction reaction rate constant j0,cat,Red = j0,cat,Ox.

The use of best-fit parameters in the model results in a relatively small value of
χ2 = 7.8× 10−4, indicating good agreement between model and experiment.
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