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ABSTRACT

With depletion of traditional fossil fuel sources of energy, electrocatalysis is expected to
play an important role in the development of alternate energy electrochemical devices, including
fuel cells and electrolyzers. The design of effective catalysts is necessary to increase the rate of
the electrocatalytic reactions in order to improve the working efficiency of the electrochemical
devices. The reactions occur at the electrode/electrolyte interface, with the reaction rates
controlled by complex interactions between the redox species and electrolytic ions on the
solvated electrode surface that operates under constant applied potentials. These phenomena are
difficult to probe experimentally and computational modeling can provide insight on the impact
of the electrode potential and electrolyte distribution on the electrocatalytic processes. This
dissertation primarily employs Density Functional Theory (DFT) to investigate the effect of the
electrode potential on the thermodynamics and kinetics of electrocatalytic reactions. Modeling the
electrolyte distribution is not feasible with computationally intensive DFT calculations and as
such, classical reactive Molecular Dynamics (MD) simulations are performed to model the
structure and dynamics of the electrolyte at longer length and time scales.
The electrochemical reduction of CO2 is given special emphasis although the methods
and approaches adopted in this dissertation are generally applicable towards investigating any
electrocatalytic reaction of interest. CO2 electroreduction (ER) offers the possibility of generating
hydrocarbons from renewable energy sources, however, the process is limited by (i) the use of
inefficient electrocatalysts that are not selective and active towards hydrocarbon formation, (ii) a
poor understanding of the reaction mechanism and the key rate-limiting and selectivity
determining steps and, (iii) limited insight on the influence of the electrolyte composition on the
selectivity and production rate of key intermediates. In this dissertation, DFT-based calculations
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are used to probe the electrode potential-dependent activity, reactivity and selectivity of various
transition metal electrocatalysts for CO2 ER. A model to estimate the potential-dependent
reaction energies and activation barriers is developed and applied to examine elementary kinetics
of C-H, O-H and N-H bond breaking and forming steps. The implications of DFT model choices
are explored. To address the limitations in the length and time scales of the DFT models, classical
reactive MD simulations using ReaxFF are performed to model the electrochemical interface and
examine the interfacial distribution and dynamics of the solvent and electrolytic ions under
constant applied electrode potentials. The overall objective of this dissertation is to develop
computational modeling tools for electrocatalytic reactions and examine the factors that influence
the rational design of electrode materials for key electrocatalytic processes.
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Chapter 1

Introduction

1.1

Research Overview

Electrocatalysis is expected to play an important role towards meeting the rapidly
growing global energy demands. Improving rational electrocatalyst design is especially crucial
towards the sustainable design, development and commercialization of fuel cells, batteries, photoelectrolytic cells and other alternate energy devices. In key electrocatalytic reactions, including
the oxygen reduction reaction (ORR), carbon dioxide reduction reaction (CO2 RR), methanol
oxidation reaction (MeOR) and hydrogen evolution reaction (HER), elementary bond breaking
and forming steps occurring on the electrocatalyst surface are coupled with electron-ion transfer
and take place at a dynamic solvated interface. To facilitate the rational design of electrode
materials, it is imperative to achieve a molecular-scale understanding of the electrocatalytic
reaction mechanism and factors influencing the activity, stability and selectivity of electrocatalyst
materials.
In this dissertation, the carbon dioxide reduction reaction (CO2 RR) is given special
emphasis, albeit the methods and approaches adopted are generally applicable towards
investigating any electrocatalytic reaction of interest. The electrochemical reduction of CO2 offers
the possibility of generating “solar-fuels,” or hydrocarbons (HC) derived from reducing CO2
using solar-derived electricity, an appealing substitute for petroleum-derived fuels1, 2. The
process, however, has a low energy efficiency and is currently limited by the low activity,
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selectivity and stability of the electrocatalysts. Of the transition metal candidates, copper has been
experimentally observed to show high selectivity towards methane and ethylene but at high
operating overpotentials that lead to low process efficiency3, 4. Several experimental and
computational efforts have attempted to elucidate the reaction mechanism of CO2 reduction,
particularly on copper based catalysts3,

5-15

. The rate-limiting and key selectivity-determining

steps in the CO2 RR are still controversial. Apart from the complex mechanism, the preferred
reduction pathway and the product distribution varies based on the electrocatalyst surface 15-21.
The electrolyte composition also impacts the catalytic rate of CO2 electroreduction at the
metal/electrolyte interface22-37. The faradaic selectivity and production rate of key intermediates
can be tuned with the concentration and identity of the electrolytic ion, although a molecular
understanding of such impact on the reaction mechanism of CO2 RR is not well understood.
Determination of the elementary reaction mechanism of CO2 RR and its dependence on the
electrode potential, electrolyte composition and the electrocatalyst material is an essential step
towards improving the performance and efficiency of CO2 electrolysis devices.
The overall research objectives of this dissertation include the development and
application of multi-scale modeling methods to probe the activity, reactivity and selectivity of
electrocatalysts and investigate the mechanism of electrocatalytic reactions, specifically the
electrochemical reduction of CO2. These methods can provide detailed insight on how the
electrode potential-dependent thermodynamics and kinetics of CO2 RR are dictated by the
stability of key surface-bound intermediates, their relative surface coverage and the impact of
interacting electrolytic ions at the electrode/electrolyte interface. Density Functional Theory
(DFT) serves as the primary method for computing the reaction energies and activation barriers of
elementary electrocatalytic reactions on different transition metal surfaces. The application of
DFT to electrochemical systems is, however, non-trivial and involves significant assumptions,
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including the use of simplified metal/vacuum models with rudimentary approximations of the
underlying physics describing the electrochemical interface. To address these limitations, the
research objectives in this dissertation include the development of rigorous large-scale atomistic
models of the electrode/electrolyte interface and the use of classical Molecular Dynamics (cMD)
to simulate the structure and dynamics of the metal/electrolyte interface at longer time and length
scales under electrochemical (controlled voltage) conditions. A multi-body, bond-order
dependent reactive force-field (ReaxFF) was used to define the interactions between atoms. The
parameters of the force-field were trained against a DFT based data set. These MD simulations
provide insight on long range interfacial features, such as electrostatic and Coulombic
interactions, influencing the elementary oxidation or reduction reactions occurring on the surface,
that are outside the accessible range of DFT.
The sections in this chapter are organized as follows. Section 1.2 provides a general
background and motivation to modeling electrocatalysis and a recent literature review of CO2 RR.
Section 1.3 offers a broad overview on the computational theory adopted in this dissertation.
Section 1.4 summarizes relevant research questions and objectives for this work. Section 1.5
provides an organized outline of the remaining chapters in this dissertation.
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1.2

1.2.1

Background and Motivation

The electrochemical interface
With increasing energy demands, there is a strong interest in developing efficient and

feasible electrochemical energy conversion and storage technologies. Electrochemistry offers a
possibility to not only generate and store clean electricity from spontaneous reactions, the device
concept of fuel cells and batteries38, but also shows a promising potential in producing value
added chemicals or solar fuels1,

39

from electricity using electrolyzers. Present research efforts

often focus on applying fundamental principles of electrochemistry towards the discovery of
novel materials, rational design of catalysts and the optimization of important industrial scale
reactions/processes. The span of research in the field of electrocatalysis has given rise to a
plethora of experimental techniques. Traditional techniques such as voltammetry40, 41 can interrelate electrochemical descriptors (voltage, current) to the reaction rate and kinetics. Modern
surface science techniques42, 43 such as XPS, STM, and AFM probe the surface at an atomistic
level and provide insight to the electrochemical phenomena. Voltammetry extracts macroscopic
details such as distribution of electro-active species, diffusion and reaction rates but fails to
provide atomistic details of the electrochemical interface. For instance, kinetic rates of
electrochemical reactions are often calculated using Butler-Volmer equations with empirical
parameters such as the exchange current density (i0) and the symmetry factor (α) thus describing
reactions on a global scale and not with elementary atomistic steps. While modern surface science
techniques bridge these limitations, the presence of an electrochemically active environment,
complex couplings and the transient nature of the processes obstruct a complete examination of
the electrochemical phenomena. Nevertheless, the versatility of the experimental techniques has
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led to the development of the contemporary model of the electrochemical interface as illustrated
in Figure 1-143.
The defining properties of the electrochemical interface include: (i) the electric potential
and field across each phase, (ii) the rate of charge transport across the phase and (iii) the
thermodynamics and electrokinetics dictating the interfacial reactions. An atomistic level
description is key to a comprehensive understanding of all these aspects in the rational design of
electrocatalytic systems.

Figure 1-1. (Adapted from Ref. 43) Electrified solid-liquid interface with the electrode
structure, solvent structure (water), specifically adsorbed ions and hydrated ions in the diffuse
layer undergoing interfacial electron transfer.

1.2.2

Computational electrocatalysis: A multi-scale modeling approach
The use of Density Functional Theory (DFT) and other quantum chemical/mechanical

based techniques exhibit a high degree of accuracy to predict relevant quantities such as surfaceadsorbate configurations, binding energies, transition states, relative reaction energetics,
thermodynamic state functions, activation barriers, elementary rate constants and the reaction
pathway and mechanism of electrochemical reactions. Several literature reports 44 have
successfully employed DFT to investigate the fundamentals of the oxygen reduction reaction
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(ORR)45, 46, hydrogen oxidation/evolution reaction (HOR/HER)47, 48, water oxidation49 and carbon
dioxide electroreduction (CO2 ER)11, 13, 50 reactions. The application of DFT to electrochemical
systems is, however, non-trivial and involves significant assumptions. The environment (often
vacuum above the surface/adsorbate or explicit solvent molecules) is static compared to the actual
transient nature of the electrolyte. The dynamic electrochemical double layer may influence the
electron transfer rate, the concentration of the electrolytic species and the catalytic activity and
selectivity of the electro-active species undergoing oxidation or reduction reactions at the
interface. The electrochemical double layer capacity is also assumed to be constant, implying that
the electrical double layer structure is unaffected by the reactions occurring inside it. These are
important assumptions, given the transient nature of the electrolyte, and can possibly introduce
interpretative errors. It is thus of vital importance to understand the mechanism of the interfacial
reaction and electron transfer and the role of the electrode potential, the electrochemical double
layer, the effect of temperature and solvent and the nature of the electrode-adsorbate interaction.
Examination of the microscopic processes that take place at the interface is substantially
challenging for computer simulations. Building a realistic picture of the interface with correct
treatment of the interactions between the electrode surface and the redox species, in principle, can
be achieved by first acknowledging the existence of two distinct regimes: atomistic and
macroscopic. As mentioned above, quantum-chemical approaches such as DFT can provide
reliable atomistic data of the interfacial reaction chemistry. The macroscopic properties can be
interlinked to discrete microscopic variables within the framework of statistical mechanics via
ensemble averaging of atomistic scale properties and extending them to a macro-scale
description. This essentially constitutes a multi-scale modeling approach.
Several approaches have been employed to develop an electrochemical interface model
that can capture the behavior and chemistry via a multi-scale effort. Examples include, but are
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not limited to: ab initio Molecular Dynamics (AIMD) using the Car Parrinello (CP)51 approach,
classical Molecular Dynamics (cMD) using non-reactive and reactive force-fields52, kinetic
modeling approaches53-56 such as kinetic Monte Carlo (kMC) and Mean Field (MF) theory and
other quantum-mechanics molecular modeling (QM/MM)57 approaches. In this dissertation, a
multi-scale model is adopted, using a combination of DFT and classical MD, such that
information computed at the quantum mechanical regime is relayed to describe atomistic
interactions at the classical MD scale and compute properties relevant to macro-scale
electrochemical phenomena.

1.2.3

Nuts and bolts of computational electrocatalysis
To accurately estimate the thermodynamics and kinetics of electrocatalytic reactions it is

crucial to understand the role and impact of the electrode potential and the distribution of the
electrolyte in the electrocatalytic reaction mechanism. In this section, the central concepts and a
brief literature review on efforts to incorporate the effects of the electrode potential and
electrolyte distribution are discussed.

1.2.3.1 Effect of the electrode potential on the thermodynamics and kinetics of electrocatalytic
reactions
Figure 1-2 illustrates the potential energy landscape of a general electrochemical reaction
involving the transfer of an ion-electron pair shown in Equation (1). The free energy (G) of both
the reactant (A* + H+(aq) + e–) and product (AH*) state species can be represented as parabolic
energy wells based on Marcus theory58-60. The minima of the parabolas correspond to the
minimum energy configuration of the reactant and product states. The free energies can be
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U1
ΔG

ΔGACT(U1)
U2 < U1
ΔGACT(U2)

ΔG RXN(U1)
ΔG RXN(U2)

A* + H+(aq) + e−

AH*

Reaction coordinate

Figure 1-2. Parabolic free energy representation of a potential-dependent reaction energy
diagram of an elementary surface catalyzed electroreduction reaction shown in Equation (1).

obtained from DFT energies that are calibrated for zero-point vibrational energy (ZPVE), entropy
(TS) and enthalpy (H) corrections using standard statistical mechanics relations. The reaction free
energy change ΔG is calculated using the standard relation of subtracting the Gibbs free energy of
the product (GAH*) from that of the reactant (GA*+H++e−). At the equilibrium potential Ueq, the
chemical potential of the reactant and product state (µA*+H++e− = µAH*) are equal and the free
energy change of the reaction (ΔGRXN(Ueq)) is zero. As the electrode potential is varied from U1 to
U2, as depicted in Figure 1-2, the free energy parabolas of the reactant and product state shift
linearly relative to each other and alter the ΔGRXN(U) value. Since the reaction under
consideration is a reduction reaction, lower/more negative potentials (U2 < U1) destabilize the
energy of the electron reactant and make ΔGRXN(U) more negative. Generally, the potential
dependent change in Gibbs free energy is computed using Equation (2) where n denotes the
number of proton-electron pairs transferred, F is Faraday’s constant and e represents the
elementary charge of an electron.
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A *  H (aq )  e   AH *

(1)

G RXN (U 2 )  G RXN (U1 )  n F e (U 2  U1 )

(2)

The electrode potential-dependent reaction free energy change ΔGRXN(U) of elementary
electrochemical reactions is often calculated with DFT on a reversible hydrogen electrode (VRHE) scale using the computational hydrogen electrode (CHE) approach46.
The intersection point of free energy parabolas of the reactant and product states, as
shown in Figure 1-2, represents the location of the transition state along the reaction coordinate.
The relative height of the transition state denotes the activation energy (ΔGACT(U)) of the
reaction. Variation in the electrode potential (from U1 to U2 in Figure 1-2), linearly translates the
free energy parabolas of the reactant and product states relative to each other and shifts the
reaction free energy (ΔGRXN(U)) by an amount F (U2 –U1), whereas the activation barrier
(ΔGACT(U)) changes by a fraction of this amount dictated by the shape of the free energy
parabolas. The activation free energy is often approximated as a linear function of the electrode
potential U using Butler-Volmer theory61 as shown in Equation (3):
G ACT (U 2 )  G ACT (U1 )   F (U 2  U1 )

(3)

where F (U2 – U1) is the elementary reaction free energy change due to the altered electrode
potential and β denotes a reaction symmetry factor. The reaction symmetry factor is a measure of
the similarity of the curvature of the parabolas and typically varies between 0.3 and 0.7.62, 63 The
symmetry factor denotes the relationship between the change in the activation barrier and reaction
energy change. In the Butler-Volmer theory (Equation (3)), β is assumed as a potentialindependent constant, whereas a full Marcus theory treatment of the shifting parabolas with
potential leads to potential dependent variations in β. β can be given more generally as the first
derivative of the activation barrier with potential.
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1.2.3.2 Implementing the effect of electrode potential in DFT models
Several Density Functional Theory (DFT) based approaches have been developed to
incorporate the effect of the electrode potential on the reaction free energies and activation
barriers. A widely successful model, termed as the computational hydrogen electrode (CHE),
provides a convenient way to use DFT-based evaluation of adsorbate stability at the
metal/vacuum interface to provide potential-dependent reaction energies for elementary steps
involving transfer of a proton-electron pair. This model uses the equivalence of the free energies
of the proton-electron pair (GH++e–) and hydrogen gas (0.5 GH2) at 0 V to rigorously evaluate the
chemical potential of the electrode/electrolyte species46.
Transferring this computational free energy approach to estimate the electrochemical
barriers is, however, challenging because the computed activation barrier needs to reference the
+
ion in the bulk electrolyte (H(aq)
). DFT models employed to compute the reaction energetics use

simplified metal/vacuum interfaces with static solvation to represent the electrode/electrolyte
interface. In most of these models, the H+ is placed near the surface-adsorbed species in the DFT
unit cell and a local activation barrier of proton transfer is calculated. The electrode potential
dependence is commonly obtained from computing the work function of the metal, which
provides the energy of the highest electron on a vacuum scale. This is translated to the Normal
Hydrogen Electrode (NHE) scale as U = φ − φNHE, where φNHE refers to a work function measured
relative to vacuum and has been estimated in literature between 4.44 < φNHE < 4.85 V64-69. Thus,
in models where no vacuum region is present, for instance where the electrolytic counter charges
are modeled with uniform planar distribution, the work function and the bias potential cannot be
estimated70-72.
Several approaches have been proposed and adopted towards calculation of potentialdependent activation barriers. A reaction center model, proposed by Anderson and co-workers
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and used to evaluate the activation barriers of elementary steps in the ORR mechanism, accounts
for the electron transfer when the electron affinity (EA) of the reaction center matches the work
function of the electrode73-78. The models use extremely small metal clusters or single metal
atoms, which may be an unreliable representation of the metal electrode. Neurock and co-workers
introduced a double-reference method in which the electrode potential is calculated using the
work function79, 80. The method was primarily applied in computing potential-dependent reaction
energies and in one study applied towards evaluating activation barriers for elementary steps in
ORR on Pt (111)81, however, this approach becomes computationally expensive for complex
reactions and systems due to the use of fully hydrated models. Nørskov and co-workers have
proposed models to estimate the electrochemical activation energies by varying the concentration
of surface-adsorbed hydrogen and solvated protons in the double layer82 and using multiple larger
unit cells to correct for the unrealistically high H+ concentrations with the DFT models83 All these
approaches are challenged by the difficulty in assigning a meaningful potential-dependence to the
+

calculated activation barrier and by the arbitrary placement of H(aq) in small DFT unit cells. In
this brief review of approaches to estimate potential-dependent reaction energetics, no single
method can be considered universal in its applicability and these DFT models are approximations
to the electrochemical interface. Further developments in this area are necessary to address the
challenges outlined above. This motivates research efforts to improve the capabilities of DFT in
modeling the electrochemical interface and accurately predicting the reaction energetics of
electrocatalytic reactions.
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1.2.3.3 Incorporating the effects of electrolyte at the electrified solid/liquid interface
For a fully developed microscopic perspective of the electrochemical interface and the
reactions that take place within it, it is necessary to accommodate certain features such as (i) the
electrostatics at the interface vary from the bulk and (ii) the composition and geometry of the
interfacial electrolyte is transient and dynamic. An accurate description of the electrolyte must
describe the solvent molecules, ions, their orientations and interactions at a molecular scale. The
challenge in developing a realistic representation of the interface becomes even more complex,
when we acknowledge that these factors interact with one another.
With length and time restrictions imposed by electronic structure calculations, DFT, can
be considered as a first important step in a hierarchy of methods that can provide a
comprehensive computational description of the electrocatalytic phenomena. Apart from the
computational limits, the application of DFT to develop an electrochemical interface model can
provide useful information. The actual interface is a well-solvated structure with interfacial water
playing an integral role in assisting interfacial reactions and stabilizing reaction constituents. DFT
models commonly approximate the solvation stabilization effect by explicitly adding a solvated
structure for 1-2 water bilayers in the region above the electrode. Since these calculations
compute 0 K DFT energies, the interfacial water in these DFT models has an ice-like arrangement
which may not represent the arrangement of interfacial water at room temperature84. The degree
of error in these solvation models can be reduced by conducting a convergence study on the water
layers and density.
Apart from the use of explicit interfacial solvation models85-88, modeling the electric field
distribution across the interface presents an added challenge in DFT calculations. This is often
approximated using the Helmholtz’s model of a planar countercharge distribution parallel to the
electrode surface. Estimating the distance of this planar charge from the surface (ie, the thickness

13
of the electrical double layer) is not a straightforward process and is dependent on the electrolyte
composition. Several other approaches to electrifying the electrode/electrolyte interface have
been developed, including applied electric fields15, 89, 90, explicit charging of the electrode79, 91 and
inclusion of prescribed electrolyte countercharge distributions82, 92, 93. None of these methods are
broadly applicable but instead are system-specific to the employed solvation model and charge
distribution scheme.
Atomistic molecular dynamics modeling94, 95 of the electrochemical interface provides a
feasible alternative over DFT based approaches. The longer length and time scales enable
exploration of interfacial phenomena, including electrode/electrolyte charge transfer and the
orientation, distribution and topology of interfacial electrolyte. While a quantum treatment of the
electrolyte and its distributions is most reliable, the operating time scale of ab initio Molecular
Dynamics96 is insufficient to equilibrate the electrolyte. Classical MD simulations provide a
computationally economic way to predict interfacial aspects such as ion distributions, water
orientation, interfacial capacitance and atomically resolved electrostatic potential profiles. This
provides motivation in the development of coupled DFT + reactive force-fields methods that may
allow examining the dynamic effects of electrolyte structure on the potential-dependent reaction
energetics of electrocatalytic reactions.

1.2.4

CO2 electroreduction: A test bed for improving computational electrocatalysis
CO2 conversion via electrocatalytic reduction using electrical energy, from renewable but

intermittent sources (wind or solar), can produce hydrocarbon based fuels and balance the
intermittency1. This room temperature process can be designed as compact, modular and scalable,
however, large-scale commercial application is prevented due to failure in identification of
effective CO2 electroreduction (CO2 ER) catalysts. Various electrocatalysts have been tested for
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their activity/selectivity towards producing hydrocarbons3-5, 19, 97, 98, with copper noted to display
selectivity towards methane and ethylene formation at reasonable current density and Faradaic
efficiency, albeit at prohibitively large overpotentials3, 5. This emphasizes the need to identify
highly efficient electrocatalysts for CO2 ER.
In recent CO2 electrolytic experiments using sensitive IR-NMR techniques, the presence
of HC and/or alcohols as minor products were detected on all tested late transition metals besides
Cu97, 99, 100, as demonstrated in Figure 1-3 (taken from Ref. 100). The experiments revealed that
Au, Ag, Zn and Cu display activity for CO2 ER and Pt, Ni and Fe, though active, display poor
Faradaic selectivity towards CO2 ER. The analyses go a long way in identifying subsets of metals
that are selective towards CO2 ER, however, there generally exists a fundamental lack of
understating of the factors dictating the activity/selectivity of CO2 ER electrocatalysts.
Several research studies have focused on developing a mechanistic understanding of the
CO2 reduction reaction. In previous DFT studies by Nørskov and co-workers, the reduction of

Figure 1-3. (Adapted from Ref. 100) (a) Current densities from 1 h long CO2 electrolysis and
(b) Potential-dependent current efficiency for CO2 ER
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CO* to CHO* was claimed to be the key rate determining step in the CO 2 reduction pathway on
Cu (211) with the path via the methoxy (CHxO*) intermediate leading to CH4 and CH2O
dimerizing to C2H413. Janik and co-workers reported that CH4/C2H4 were likely products if the
CO2 reduction pathway on Cu (111) proceeded via CO* reduction to COH* instead, leading to
successful reduction of CHX species11, 21. Koper and co-workers suggested an alternate reduction
path wherein CO* reduction to C2 species was the dominant pathway was formation of C2H4 or
C2H5OH on Cu (100)20, 101. Figure 1-4 (taken from Ref. 102) summarizes the possible reaction
pathways of CO2 ER on copper surfaces102. The reaction mechanism of CO2 ER on copper

Figure 1-4. (Adapted from Ref. 102) Proposed reaction pathway for CO2 ER on transition
metals- (a) Pathways from CO2 to CO, CH4, CH3OH, and HCOO–; (b) Pathways from CO2 to
C2H4 and C2H5OH; (c) Pathway of CO2 insertion into a metal–H bond yielding HCOO−.
Species in black are adsorbates, while those in red are reactants or products in solution.
Potentials are reported versus RHE, while RDS indicates rate-determining steps and (H+ + e–)
indicates steps in which either concerted or separated proton–electron transfer takes place.
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surfaces is subject to the extent of interfacial solvation and the surface facet used in the DFT
models, with the exact mechanism still actively being investigated. This underscores the
importance of developing robust and transferable methods to allow estimation of the potentialdependent thermodynamics and kinetics and aid in mechanism determination of electrocatalytic
reactions.
The distribution of ions and solvent molecules at the electrode/electrolyte interface is also
known to alter the rate of key electrocatalytic reactions22, 23. Several previous studies report higher
selectivity or current efficiencies towards CO2 ER on various electrodes in the presence of alkalimetal carbonate solutions24,

25, 103

. Strasser and co-workers reported higher Faradaic selectivity

and production rate of CO and CH4 on copper electrodes due to the addition of potassium halide
salts in the KHCO3 solution during CO2 ER31. This is illustrated in Figure 1-5 (taken from Ref.
31) that shows addition of up to 0.3 M of potassium iodide alters the Faradaic selectivity of the
copper electrode towards CH4 by 20-30%. The effect of electrolytic ions on the rate and
selectivity of CO2 ER has been rationalized by assuming that the ions specifically adsorb on the
electrode surface, however, their exact role is unclear. An improved understanding of how the
electrolyte composition, the electrode potential and the electrode morphology and composition
affects CO2 ER activity and selectivity is needed to rationally design the system.
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Figure 1-5. (Adapted from Ref. 31) Faradaic selectivity of the gaseous products after 10 min of
bulk electrolysis at a constant potential of 0.95 V-RHE.
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1.3

Computational Methods

Density Functional Theory (DFT) calculations performed in this dissertation use the
Vienna ab initio simulation package VASP104-106 to study the electrode potential-dependent
thermodynamics and kinetics of elementary electrochemical reactions, with an emphasis in
particular on the CO2 reduction reaction. To model the long-range electrostatic effects and
interfacial dynamics at the electrode/electrolyte interface, large-scale classical MD (cMD)
simulations are conducted using Large-scale Atomic/Molecular Massively Parallel Simulator
(LAMMPS)107 package. A multi-body, bond-order dependent reactive force-field (ReaxFF)108 is
employed to characterize the atomic interactions between the participating species in the cMD
simulation. This multi-scale modeling effort can provide a robust and transferable method to
develop a fundamental understanding of the electrochemical interface and investigate structural,
dynamic and reactive factors that influence electrocatalyst design that lie outside the simulation
scope of DFT. In the following two sub-sections, the operating principles behind DFT and
ReaxFF are briefly outlined.

1.3.1

Density Functional Theory
DFT is a quantum-mechanics based method that effectively provides a practical solution

to the Schrödinger equation shown in Equation (4). The two principle theorems introduced by
Hohenberg, Kohn and Sham that led to the formulation of DFT109, 110 include:
(i)

The external potential is unique functional of the electron density

(ii)

A universal functional for the energy E(n) can be defined in terms of the density
n(r), where r is a positional variable. The exact ground state is the global
minimum value of this functional.
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The time-independent Schrodinger equation is given by:


H  (r )  E  (r )

(4)



where H is the Hamiltonian operator under the Born-Oppenheimer approximation111, E is the
system energy and Ψ denotes the electronic wavefunction in r coordinates. On the basis of the
Hohenberg-Kohn theorem, the Hamiltonian can be reformulated and written in terms of the
square of the wavefunction, the electron density, such that the total energy is now a function of
the electron density, E [n(r)], and can be calculated using Equation (5).
E[n(r )]  TKS [n(r )] 

1 n( r ) n( r ')
drdr '  nuclei ( r ) n( r ) dr
2  | r  r ' |

  nuclei ( r ) nuclei ( r ) dr E XC [n(r )]

(5)

where the total energy functional consists of contributions from the kinetic energy (first term),
electron-electron (second-term), electron-nuclei (third term), repulsive nuclei-nuclei (fourth term)
electrostatic interactions and the exchange correlation contribution to energy (last term). The first
term TKS [n(r )] denotes the kinetic energy contributions to the total energy of the system. In the
Kohn-Sham equations, this term can be obtained by solving an effective Schrödinger equation
using single electron wavefunction shown in Equation (6):

1
H KS  i (r )  [  2   eff (r )] i ( r )   i  i ( r )
2

(6)

where veff denotes the electrostatic interactions of the nuclei and electrons. The last term in
Equation (5) includes the exchange correlation function that denotes the energy associated with
the exchange and correlation of electrons. The exact expression for this portion of the system
potential energy is unknown and several approximate forms build upon the exact solution for the
free energy of a homogeneous electron gas. Though DFT is, in theory, exact, the unknown form
of the exchange-correlation functional leads to an unknown error that is often difficult to
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ascertain, and the functional must be tested for specific systems of interest. A thorough
description of DFT and its practical implementation can be found in this reference112.

1.3.2

Reactive Force-field (ReaxFF)
ReaxFF or reactive force-field was created by van Duin and co-workers to bridge the gap

between quantum-mechanical based method, including Density Functional Theory, and empirical
force-field methods and has been successfully applied in investigating hydrocarbons, metals and
oxide based systems108,

113-118

. Molecular Dynamics (MD) simulations performed with ReaxFF

can reach much longer length and time scales and at lower computational cost relative to DFT.
While empirical force-fields often define the interactions between atoms and the associated
energy in the form of simple potential functions, ReaxFF advantageously allows for the training
and development of the interactions between atoms using geometry and energy data obtained out
of quantum mechanical based methods. The energy and charge contributions of electrons in DFT
are implicit in ReaxFF making this method computationally inexpensive. Like all force-fields, the
systems modeled and the phenomena investigated are reliant on the quality of the trained
parameters to describe interactions between the constituents. ReaxFF is a bond-order dependent
method, wherein the bond orders essentially define the connectivity between the atoms and are
computed using interatomic distances that are updated at every iteration in the MD simulation.
The lack of any predefined connectivity between the atoms and the use of bond orders
advantageously allows for continuous bond breaking and forming which is a prerequisite to
modeling reactive events. The contributions to the total system energy from non-bonded
interactions, including van der Waals and Coulomb interactions, are computed with a shielding
parameter to correct for excessive short-range repulsion or attraction. Electrostatic interactions
are computed using a variable charge scheme, wherein the partial charge of each atom is
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determined self-consistently at every MD iteration using the electron equilibration method
(EEM)119. Equation (7) presents the contributions to the ReaxFF overall system energy:
Esys  Ebond  Elp  Eover  Eunder  Eval  Etors  Ecoa  Econj  EH bond  EvdW  ECoulomb

(7)

where Ebond is the energy contribution from the bond-order based covalent interaction between the
atoms, Elp is the energy contribution of lone pairs around an atoms, Eover and Eunder is the energy
penalty associated with over-coordination and under-coordination of atoms, Eval and Etors refer to
the energy contributions from three body valence angle strain and four body torsion angle strain,
Ecoa and Econj refer to the energy contributions from three body and four body conjugation effects,
EH-bond denotes energy contribution from the bond-order dependent hydrogen bonds. EvdW and
ECoulomb account for the dispersive and electrostatic energy contributions between all atom pairs,
with shielding of the short-range interactions to avoid excessive repulsion between atoms with a
high bond order. The bond orders (BO) in ReaxFF are calculated using interatomic distances rij
between a pair of atoms i and j as shown in Equation (8). The bond order contributions from the
sigma, pi and double-pi bonds are calculated separately.



ij


ij

BOij  BOij  BO  BO

pbo 2
pbo 4


 rij  
 rij  
 exp  pbo1 .      exp  pbo 3 .    


 ro  
 ro  

pbo 6

 rij  
 exp  pbo 5 .     

 ro  

(8)

where ro and pbo refer to the equilibrium bond length and empirical parameters respectively. A
detailed description of the ReaxFF formalism can be found in this reference108.
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1.4

Research Questions and Objectives

The primary research goals in this dissertation involve: (i) the development of a reliable
atomistic level description of the electrode/electrolyte interface accounting for the effect of the
electrode potential and the electrolyte distribution, and (ii) the accurate estimation of the
thermodynamics and kinetics of key electrocatalytic reactions.
On the basis of the literature discussed in Sections 1.2.3 and 1.2.4, the following research
questions were investigated. The first two questions deal with application of computational
electrochemistry in the context of CO2 electroreduction (ER). The last two questions deal with the
methodology development for the electrochemical interface.
1. What dictates the selectivity and reactivity of transition metal electrocatalysts towards
the electrochemical reduction of carbon dioxide? Why do certain transition metals,
including Au, Ag, Zn and Cu, display activity for CO2 electroreduction (ER), while other
well-known Fischer-Tropsch catalysts, including Pt, Ni, Co and Fe, fail to produce
hydrocarbons during the CO2 electroreduction process?
Several studies have previously reported that the electrochemical reduction of CO is the
key rate-limiting step (RLS) in the reaction pathway of CO2 ER on transition metal
surfaces. We hypothesize that if CO formation from CO2 electroreduction on Pt, Ni, Fe
and Co surfaces is too favorable, CO will dominate the electrocatalyst surface and
prevent H surface access for C-H bond formation and block subsequent reduction to
hydrocarbons including CH4 and CH3OH.
2. How do ions affect the catalysis of electrochemical reactions at the metal/electrolyte
interface? What is the role and impact of electrolytic ions, including alkali-earth metal
cations (K+) and halides (I−), on the electrocatalytic reduction of CO2 on copper
surfaces?
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We hypothesize that if the electrolytic ions, including potassium and iodide are
specifically adsorbed to the surface of the electrocatalyst, they could impact the catalysis
of the CO2 ER on copper electrodes by:
a. Blocking the active sites and affecting the total available surface sites for
reduction
b. Affecting the binding strength of the reaction intermediates
c. Influencing the kinetic barriers of elementary reactions involving C-H and O-H
bond formation
3. How do the activation barriers (GACT) of elementary electrochemical reactions vary with
the electrode potential (U)? In addition to a thermodynamic evaluation, how crucial is
the explicit determination of potential-dependent activation energies for elementary bond
breaking and forming, for instance C-H, O-H and N-H type reactions?
4. How can we model electrocatalytic phenomena at longer length and time scales, beyond
the model approximations and the simulation scope of DFT? How can we conduct
higher-scale simulations of the electrochemical interface at constant electrode potentials
and investigate the interfacial phenomena in response to a constant applied electrode
potential?

The specific research objectives formulated to address these questions are presented below:
1. Using DFT, compute the thermodynamic reaction energy pathway of the electrochemical
reduction of CO2 on Pt, Ni, Fe, Co, Cu and Au surfaces and assess the thermodynamic
feasibility of hydrocarbon (CH4 and CH3OH) formation (Chapters 2-3 and Appendix A).
2. Using DFT, examine the relative potential-dependent surface coverage of CO (the key
rate-limiting intermediate) and H (the precursor of CO2 reduction) to assess if CO
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poisons the transition metal surface and impacts the selectivity of the transition metal
electrocatalysts for CO2 electroreduction (Chapters 2 and 3).
3. Using DFT, develop reactivity trends across CO2 ER catalysts and investigate the
implications of the theoretical choices used in the DFT models on these trends in the
context of electrocatalyst screening (Chapters 2 and 3).
4. Using DFT, investigate if electrolytic ions will specifically adsorb on the electrocatalyst
surface at applied electrode potentials where CO2 ER likely occurs and study their effect
on the stability, reactivity of the intermediates and the elementary kinetics of the CO 2
electroreduction pathway (Chapter 4 and Appendix B).
5. Develop a DFT-based method to estimate constant potential activation barriers for
elementary electrochemical reactions on transition metal surfaces and assess the
generality and transferability of the approach using various elementary electrochemical
reactions. Examine trends in potential-dependent activation barriers for an elementary
electrochemical reaction across metals (Chapters 5 and 6).
6. Develop large-scale atomistic models of the electrode/electrolyte interface using
combined DFT + cMD approach) and examine the structural and dynamical features of
the interface under the effect of constant applied voltage bias (Chapter 7).

25
1.5

Summary of Chapters

This dissertation is organized in the same order of the research objectives outlined in
Section 1.4. Chapters 2-4 concentrate on analysis of the CO2 electroreduction reaction. Chapters 2
and 3 examine the thermodynamic stability and reactivity of key reaction intermediates. Using
DFT, a detailed thermodynamic surface coverage analyses is conducted to examine competitive
coverage effects and their impact on the overall activity and selectivity of transition metal
electrocatalysts to produce hydrocarbons during CO2 reduction. Towards computational screening
of potential electrocatalysts, trends in CO2 ER selectivity across metals are developed using
scaling correlations. The theoretical choices used in these DFT models, including the effect of the
(i) exchange-correlation functional, (ii) surface facet of the electrocatalyst and (iii) interfacial
solvation are investigated comprehensively to determine their qualitative and quantitative impact
on the trends across transition metal electrocatalysts for CO2 reduction. In Chapter 4, the specific
adsorption of electrolytic ions, including K+ and I−, on copper electrodes under CO2
electroreduction conditions is examined using DFT. The effect of the ions on the selectivity,
binding strength of the reaction intermediates and the kinetics of key elementary steps in the CO 2
ER pathway is investigated.
Chapters 5 and 6 examine potential dependent activation barriers, further developing an
approach originated in our laboratory11, 12, 120 and applying it to investigate general features of OH, C-H, and N-H electrochemical bond formation. In Chapter 5, a simple method to approximate
the electrode potential dependent activation energies using DFT is presented. The method is
applied to compute the kinetics of an elementary step of CO2 reduction on the copper surface.
The general applicability and transferability of the method is validated using elementary
electrochemical C-H, O-H and N-H bond formation reactions on close-packed copper and
platinum surfaces. Chapter 6 extends the usability of the method to compute a “database” of
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potential-dependent activation barriers for the electrochemical formation of C-H, O-H and N-H
bonds across various transition metal close-packed surfaces. The energies are then used towards
the formulation of electrode potential-dependent Brønsted-Evans-Polanyi (BEP) relations. The
predictive capability of BEP relations is tested by comparing the BEP-predicted potentialdependent activation energies to those in the database computed using the method presented in
Chapter 5.
In Chapter 7, a novel large-scale MD model of the electrochemical interface, including Pt
(111) electrodes and KOH based electrolyte, is simulated under constant electrode potential
conditions. A multi-body reactive force-field (ReaxFF) using parameters trained to DFT data, is
employed to describe the interactions between the atoms. The structural ordering and
arrangement, diffusion and dynamics of the solvent and electrolytic ions at the metal/liquid
interface under constant potential conditions is investigated.
The final conclusions, significance and recommendations for future work are detailed
in Chapter 8. Two additional appendices are included at the end of the dissertation, both of which
include work in which I was involved but that was led by other group members. Appendix A
contains a comprehensive investigation of CO2 electrochemical reduction on the Fe (100) surface.
The CO2 reduction reaction path and the relative surface coverage of the reaction intermediates,
including O, OH, H, CO and C, is calculated. The thermodynamic feasibility to form bulk FeC x
under CO2 reduction conditions is examined. Appendix B contains a comprehensive investigation
on the specific adsorption of various halides (F−, Cl−, Br− and I−) on the copper electrodes and
examines the potential range at which specific adsorption of surface halides and formation of bulk
copper halides is thermodynamically viable.
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Chapter 2

Poisoning effect of adsorbed CO during CO2 electroreduction on late
transition metals
This chapter is published as: S. A. Akhade, W. Luo, X. Nie, N. J. Bernstein, A. Asthagiri and M.
J. Janik, Physical Chemistry Chemical Physics 16 (38), 20429-20435 (2014).

Abstract
Copper cathodes, at sufficiently negative potentials, are selective for hydrocarbon
production during the electrochemical reduction of carbon dioxide. Other metals, such as Pt, Fe,
Ni and Co, produce low to zero hydrocarbons. We employ density functional theory to examine
the coverage of reaction intermediates under CO2 electroreduction conditions. A detailed
thermodynamic analysis suggests that a high coverage of adsorbed CO at relevant reduction
potentials blocks the metal surface sites for H adsorption, preventing C–H bond formation. The
potential-dependent energetics of H adsorption and CO formation are highly sensitive to the
surface coverage of the adsorbed species. The formation of surface carbon as a competing
adsorption intermediate is also explored at relevant reduction potentials. CO2 electroreduction to
hydrocarbons over metals active for the thermal reduction process (Fe, Ni, Co, Pt) would require
a H supply for C–H bond formation that is competitive with CO* and C* at the surface.
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2

2.1

Introduction

The generation of renewable hydrocarbon-based fuels via the electrochemical reduction
of CO2 is an appealing substitute for petroleum-derived fuels. “Solar-fuels,” or hydrocarbons
(HC) derived from reducing CO2 using solar-derived electricity, may render more flexibility in
renewable energy storage and transportation applications. CO2 electroreduction (ER) across
various metal electrodes, regarded as electrocatalysts, yields different organic molecules such as
CH4, C2H4, CO, HCOOH, CH3OH, secondary alcohols and alkynes1. Research efforts focus on
identifying metals that can offer high overall efficiency, low overpotential and high product
selectivity. Among the potential electrocatalyst candidates, metallic copper is well recognized for
its high product selectivity to methane and ethylene at current densities of ~5 mA cm−2, but the
process requires a high overpotential (~1 V)2. Thus, a highly active catalyst that is selective
towards higher HC is yet to be identified and as such many efforts seek to explain the observed
behavior towards providing a rationale for improved catalyst design.
Recent CO2 electrolytic experiments on late transition metals by Jaramillo and coworkers, using sensitive IR-NMR techniques, have revealed the presence of HC and/or alcohols
as minor products on all tested metals in addition to Cu3, 4. The study confirmed earlier results of
Hori et al.,5, 6 demonstrating that Au, Ag, Zn and Cu display activity for CO2 ER whereas Pt, Ni
and Fe are poor CO2 ER catalysts. Though these trends are useful in rational electrocatalyst
design because they can identify subsets of metals with specific selectivity to HC (e.g. CH 4, C2H6
or CH3OH), CO or H2 evolution; a deeper insight of the surface reaction mechanism is necessary
to elucidate why one metal electrocatalyst (Cu) is more HC selective than others. For instance,
while Fe and Co are well-known active catalysts for CO hydrogenation via Fischer-Tropsch

34
synthesis and for CO2 thermal reduction7-11, it remains unclear why these “active” metals lack
selectivity towards HCs in CO2 ER. In this study, we employ computational electrochemistry
using Density Functional Theory (DFT) to investigate the dominant surface species during CO2
ER on Pt, Ni, Co and Fe surfaces, providing a plausible mechanistic explanation as to why these
metals fail to produce HC during CO2 ER.
Though the exact mechanism of CO2 ER on a metal surface is not fully understood,
several studies report that the rate-limiting step (RLS) occurs after CO formation (through
CO2(g)→COOH*→CO*, where * denotes surface bound). In previous studies, Nørskov and coworkers concluded that the potential-limiting step to successfully reduce CO2 to CH4 involves the
protonation of CO* to CHO* via a C‒H bond formation12-15. The “limiting potential, UL” at
which this step is accessible was reported to be very severe (below U = ‒0.5 V-RHE) and little
affected by the type of metal surface. A narrow overpotential span of 0.2 V-RHE was reported for
the RLS across fcc (211) metal surfaces12, however, experiments report more drastic differences
in CH4/C2H4 production between Cu and other metals. Pt, Ni and Fe show low to zero Faradaic
efficiency to form HC, despite the DFT-computed narrow overpotential span for the RLS. One
possibility for the discrepancy may be that the kinetic barrier of the H+ transfer reaction of
CO*→CHO* varies more than the reaction energy of the step. This seems unlikely, since kinetic
studies of proton transfer on Pt report small barriers at exergonic potentials16, 17.
In our previous electrokinetic DFT studies17, 18, electrode-potential dependent activation
barriers were determined to clarify the elementary electrokinetics on the Cu (111) surface. These
kinetic studies revealed that reduction of carbon-containing species (C‒H bond formation) on the
surface is more favorable via surface hydrogenation irrespective of the solvation effect by water
molecules. This result implies that the direct interaction of hydrogen with the surface is a
prerequisite for C‒H bond formation. The formation of the C‒H bond may occur in the proposed
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RLS of CO*→CHO* or through a C* intermediate that forms via a path through COH*. This
constraint leads us to formulate a hypothesis as to why Pt, Fe and Ni do not produce HC. Since
the binding energy of the CO2 ER reaction intermediates is crucial to the product selectivity12, we
hypothesize that if CO* formation from CO2 ER on Pt, Ni and Fe surfaces is too favourable, CO*
will dominate the surface and prevent H surface access for C−H bond formation. In this study,
we use the competition between CO* and H* for surfaces sites to examine the ability of hydrogen
to access the surface, as required for the subsequent C−H bond formation. Recent theoretical
work reports that a high CO* coverage on the surfaces of reactive transition metals alter the
trends in CO2 ER activity19. A large body of experimental evidence2, 20-32 of CO* blocking sites
for H* adsorption on electrode surfaces helps to further support this hypothesis.
In this work, we investigate this hypothesis on various metals by using a simple
thermodynamic approach to compare the formation of CO* via CO2(g) reduction (Equation (1))
and H* from proton reduction (Equation (2)) under CO2 ER conditions.
CO2(g) + 2 H+ + 2 e− → CO* + H2O(aq)

(1)

H+(aq) + e− → H*

(2)

Since the RLS to form HC is likely to occur after CO* formation, the overall reaction rates on the
metal surfaces are independent of kinetics of CO* formation12, 33 via Equation (1). Thus, provided
that mass transfer limitations can also be ignored, a thermodynamic argument can sufficiently
capture the competing effects between CO* and H* on the electrode surface. By comparing the
free energy of reactions (ΔG) as a function of the electrode potential (U) in an electrochemical
environment, a preferred adsorption potential range for each species can be determined. Our
analysis suggests that CO* or C* may effectively poison the Pt (111), Ni (111), Co (0001) or Fe
(100) surfaces against C−H bond formation, limiting HC formation.
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2.2

2.2.1

Computational Methods

Electronic Structure Methods

Electronic structure calculations were performed using the Vienna ab initio simulation package
(VASP v. 5.2.12), a plane-wave pseudopotential code34-36. The calculations employed the
Perdew‒Burke‒Ernzerhof (PBE)37,
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functional described within the generalized gradient

approximation (GGA)39 and implemented the Projector Augmented Wave (PAW)40, 41 approach
for core-valence treatment. A plane-wave energy cutoff of 450 eV was utilized for all unit cells.
The self-consistent electronic convergence limit was set to 1×10−5 eV while the ionic
convergence limit was set to 0.02 eV Å−1 for the unconstrained atoms. A Methfessel-Paxton
smearing scheme was used with a smearing width (σ) of 0.2 eV.

2.2.2

Slab Model Construction

A surface slab model was used to construct Pt (111) (a = 3.92 Å), Co (0001) (a = 3.54 Å), Ni
(111) (a = 3.52 Å), Fe (100) (a = 2.87 Å), Cu (111) (a = 3.62 Å) and Au (111) (a = 4.08 Å)
surfaces using experimental lattice constants. The periodic slab model comprised of 4 layers of
metal atoms with a vacuum region of ~15 Å to exclude interaction between periodic slab models.
The bottom two layers of the slab were frozen to imitate the bulk arrangement while the top two
layers (and the adsorbed species) were allowed to relax until convergence was achieved. To
model variable adsorbate coverage (θ), unit cells of different sizes were selected: 3×3 for   19
ML, √3×√3 for   13 ML, 2×2 (   1 4 ,   1 2 and   3 4 ML) and 1×1 (   1 ML). At   19 ML, the
adsorbates were assumed to be non-interactive and followed a Langmuir adsorption scheme. The
Brillouin zone was sampled using a Monkhorst-Pack42 k-point mesh of 3×3×1 for 3×3, 3×3×1 for
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√3×√3, 5×5×1 for 2×2, 9×9×1 for 1×1 unit cell. These parameters were selected based on
convergence tests. The most stable configuration of the surface species was selected by
considering high symmetry initial configurations (atop, bridge, hcp and fcc) of the surface bound
species. Although the discrepancy in the DFT-calculated CO* binding site and the experimental
site preference is well described43 and often attributed to the GGA treatment of CO* binding; we
postulate that on the scale of energy differences across metals, the reported relative energies are
reasonably accurate for our purposes.

2.2.3

Energy Calculation Methods

2.2.3.1 Estimation of energies
Using DFT and the computational hydrogen electrode (CHE) model44, the thermodynamic
reaction free energy ΔG associated with ER can be evaluated as a function of potential U13 on a
CHE scale (equivalent to a reversible hydrogen electrode (RHE) scale) and surface coverage  of
the species using Equations (3)-(4):
ΔGCO* [U, θ] = GCO* [θ] – G* − GCO2(g) + GH2O(aq) – GH2(g) + 2 eU

(3)

ΔGH* [U, θ] = GH* [θ] – G* − ½ GH2(g) + eU

(4)

where e is the absolute value of the elementary charge and the coverage  dependence of GCO*
and GH* are determined using a variety of unit cell sizes.
The free energies ΔG can be used to compute potential and coverage dependent
equilibrium constants K[U], for reactions (1) and (2) using Equation (5), where R denotes the
universal gas constant and T is the temperature. The equilibrium constants can be related to
adsorbate coverage of each species H* and CO* on the surface as shown in Equations (6)-(7)
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where * denotes the potential dependent fraction of empty surface sites. A CO2 pressure (pCO2) of
1 atm is presumed in computing the CO* coverage. We also presume that CO* and H* compete
for the same available surface adsorption sites, with no interaction between CO* and H*. This is
an approximation validated as sufficient for our purposes, as discussed in the section 2.3.2. The
corresponding equilibrium relationships Equations (6)-(7) with a site balance Equation (8) can be
simultaneously solved to calculate the coverage of the adsorbed H* and CO* species at varying
electrode potential.

K [U ]  e



K H *[U] 

K CO*[U ] 

G [U]
RT

(5)

 H *[U ]
*[U ]

(6)

CO*[U ]

*[U ] pCO

(7)

 H *[U ]  CO*[U ]  *[U ]  1

(8)

2

2.2.3.2 Free energy corrections
ZPVE
GX *  E XDFT
 TS Xvib*  U Xvib*
*  EX *

(9)

GX 0  E XDFT
 E XZPVE
 T ( S Xtrans
 S Xrot0  S Xvib0 )  (U Xtrans
 U Xrot0  U Xvib0 )  PV
0
0
0
0
(g)

(g)

(g)

(g)

(g)

(g)

(g)

(g)

(g)

(10)

Free energies (G) were calculated using energies obtained from DFT corrected to include the
effect of zero-point vibrational energy (ZPVE), entropy (TS) and enthalpy (U) corrections as
shown in Equations (9)-(10). The vibrational corrections were derived from harmonic vibrational
frequency calculations while the entropic corrections employed statistical mechanic relations at
standard temperature and pressure. In the case of surface bound species X*, Equation (9), only
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vibrational entropic contributions were considered due to loss of translational and rotational
degrees of freedom. All degrees of freedom were included during the entropy and enthalpy
corrections of gas-phase species X0(g), Equation (10). For liquid water, the gas-phase free energy
was calculated at the vapor pressure of the water at room temperature (pH2O = 0.031 atm).
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2.3

Results and Discussion

Low coverage Potential dependent free energy ΔG (U) of CO* formation and H*
adsorption

2.3.1

Figure 2-1 shows the potential dependent free energy ΔG (U) for H* adsorption and CO*
formation on the Cu (111) and Pt (111) surface, calculated at a low coverage of   19 ML and at
a high coverage of 1 ML. Equivalent plots for Ni (111), Co (0001), Au (111) and Fe (100) 33 are
included in Figures S1-S2. Since the potential dependent free energies at   19 and   1 ML
depicted in Figure 2-1 are not normalized by the surface area, a direct comparison between the
two coverages such as ΔGH*(   19 ) and ΔGH*(   1 ) should be avoided. The free energies at two
coverages are included to only illustrate how the competition between H* adsorption and CO*
formation can vary at a low and high coverage limit. A more detailed and comprehensive
approach that implicitly accounts for the free energy variation with coverage is discussed at

(a)

(b)
6
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Pt(111)

2

Free energy ΔG (eV)

Free energy ΔG (eV)
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1

0

ΔG = 0
UC | 1 ML = ‒1.35 V

UC | 1/9th ML = ‒0.25 V
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-2
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-1.5
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Potential U vs RHE (V)

0.5

Figure 2-1. Potential dependent free energies ΔG [U] of CO* formation at 1/9th ML (green
dashed ---) ---) and 1 ML (dark green dashed-dotted ‒ ▪ ‒ ▪ ‒ ) and H* adsorption at 1/9th
ML (orange smooth ▬▬) and 1 ML (dark orange dotted ▪▪▪▪) on (a) Cu (111) and (b) Pt
(111) during CO2 ER. Dotted line denotes ΔG [U0] = 0. UC denotes the competing potential at
which CO* formation becomes more favorable than H* adsorption.
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length in the next section. We thus confine the analysis in this section at a low coverage of   19
ML and discuss the coverage dependent adsorption preferences in the next section. The difference
in slope for the two reactions gives rise to potential regions where ΔGH* or ΔGCO* are more
favorable. A ΔG value of less than zero is required to expect significant adsorbate coverage.
Thus, at potentials of U  0.20 V-RHE, the Cu (111) surface will not significantly adsorb CO* or
H* (Figure 2-1(a)). At U  0.20 V-RHE, we can thermodynamically expect to adsorb H* on the
surface since ΔGH* < 0 for 1/9 ML. At U  0.25 V-RHE, we expect to adsorb CO* more
favorably than H* since ΔGCO* < ΔGH*. We assign −0.25 V-RHE as the competing potential
(UCO) at which CO* can thermodynamically replace H* on the Cu (111) surface, neglecting the
coverage dependence of adsorption energies. For the Pt (111) surface (Figure 2-1(b)), the
competing potential of CO* over H* is at a significantly more positive potential of 0.50 V-RHE.
Figure 2-2 provides a thermodynamic estimate of potential ranges at which H* and CO*
are preferentially present on the metal surfaces, using the adsorption free energies at a low
coverage limit,  

1

9

ML. CO* strongly outcompetes H* on the Pt, Ni, Fe and Co surfaces at

potentials substantially more positive than the CO2 or CO* ER region. Only Au (111) and Cu
CO* favorable

Au

UC = −0.50

Pt

UC = 0.50

Cu

UC = −0.25

Ni

UC = 0.50
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(111) show a potential range where a transition between the H* and CO* regime is relatively
close to the potential where CO* reduction is viable.

2.3.2

Including surface coverage effects
The results presented in the previous section provide an estimate of potential ranges at

which CO* formation and H* adsorption can occur, assuming Langmuir-type adsorption. The
binding energy and interaction between adsorbates is sensitive to the surface coverage and
therefore may modify the extent of H* adsorption and CO* formation. The significant impact of
coverage is observed in comparing the   19 ML and   1 ML adsorption free energies in Figure
2-1. The potential-dependent free energy of CO* formation is more sensitive to coverage than H*
adsorption. The free energies of reactions (1) and (2) are shown as a function of coverage (at
U  0.5 V-RHE) in Figure S3 for the five metals considered, together with details of our

approach to fitting a continuous function (using Equations S1-S2) for these reaction energies as a
function of coverage. Figure 2-3 shows the relative values of H*[U] and CO*[U] on the Pt (111),
Cu (111) and Au (111) surfaces as a function of potential. The results indicate a high CO*
coverage and a low H* coverage at potentials relevant to CO2 ER on the Pt (111) and Cu (111)
surfaces, with CO* reaching high coverages at more positive potentials on Pt (111) than Cu
(111).
The analysis used to produce Figure 2-3 includes the interactions among CO* adsorbates
or among H* adsorbates through their coverage dependent adsorption energies, however,
interactions between CO* and H* are neglected. We considered co-adsorption of CO* and H* on
the Pt (111) surface to assure that neglecting these interactions does not alter the conclusions
reached herein. The details are presented in the Supplementary Information, including the
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analogous plot to Figure 2-3(a) with co-adsorption considered. The effect of co-adsorption has
been examined by computing the coverage-dependent binding energy of H* and CO* at a given
co-adsorbate coverage. The inclusion of a co-adsorbate causes the species to bind weaker. While
the H* binding weakens on average by 0.464 eV due to co-adsorbed CO* at coverages between
1/3 < CO* < 1/9 ML, CO* binding remains largely unaffected (0.095 eV weaker) when H* is coadsorbed up to H*~1/3 ML. The consideration of co-adsorption interactions narrows the potential
region in which both adsorbates are simultaneously present on the surface, causing the surface to
saturate in CO* at higher potentials than when co-adsorption is neglected. These results show
that our major conclusion, that Pt, Co, Fe and Ni electrodes will be saturated with CO*
preventing the formation of H* needed for C-H bond formation, is robust despite neglecting coadsorption interactions across all metals.
The concentration of CO* on the electrode surface is ultimately determined by a balance
between the rate of CO* formation (CO2(g)→COOH*→CO*) and the rate of CO* desorption
(CO*→ CO2(g)) or subsequent reduction. To consider the likelihood of CO* desorbing from the
surface, an equilibrium surface coverage (denoted as desCO*[U]) relative to a low CO pressure of
1 mbar above the surface was determined (the CO pressure during CO2 ER is typically
undetermined). The details for the estimation of desCO*[U] (Equation S3-S4) are present in the
Supplementary Information.
Figure 2-3 includes a dotted line to signify the coverage above which CO* desorption
would be thermodynamically favorable. On the Cu (111) surface, this value is estimated to be
0.61 ML at 298 K. Thus CO* desorption from the Cu (111) surface is likely to occur when

desCO*[U] exceeds 0.61 ML, suggesting that CO* does not completely saturate the surface at
lower potentials of U  0.5 V-RHE, leaving sites for H* adsorption and C‒H bond formation. As
seen in Figure 2-3, the CO* coverage exceeds 0.61 ML at U  0.75 V-RHE, in approximate
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agreement with the potential at which CO formation is observed experimentally from CO2 ER on
Cu electrodes2. For the Pt (111) surface, since the analogous step of CO2(g)→COOH* displays
fast kinetics and the equilibrium coverage of CO* desorption is high, desCO*[U0] = 0.99 ML, the
thermodynamic limit of complete CO* coverage is realizable at potentials relevant to CO2 ER.
For the Au (111) surface, the equilibrium coverage of CO* desorption is very low, desCO*[U0] =
0.006 ML. Weak CO* binding on the Au (111) surface favors desorption over C‒H bond
formation, in agreement with the experimentally observed production of CO(g) on Au (111) 6. The
potential dependent relative coverage of H* adsorption, CO* formation and CO* desorption for
other metals are reported in the Supplementary Information. The results predict a near ML CO*
coverage and low to zero H* coverage at 1.5  U  0.5 V-RHE on Ni (111), Co (0001) and Pt
(111) surfaces with Cu (111) and Au (111) showing partial and near zero CO* coverage
respectively.
The presented thermodynamic analysis is simplistic, but captures the competition
between CO* and H* at potentials relevant to CO2 ER, suggesting that the challenge in forming
C‒H bonds on Pt, Fe, Ni and Co catalysts is due to the inability to obtain surface bound H*
necessary for C‒H bond formation. Although these analyses elucidate the absence of HC
production on Pt, Fe, Ni and Co surfaces, they do not explain the experimental evidence of
hydrogen evolution that occurs during CO2 ER at potentials beyond the CO-poisoned limit. We
speculate that hydrogen evolution may occur through “overpotential deposited hydrogen” often
reported in HER45, 46.
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Figure 2-3. Surface coverage of H*, θH*[U] (▬ smooth) and CO*, θCO*[U] (-- dashed) on the
metal surfaces. Vacant sites θ*[U] are denoted by ▪▪▪ dotted line. Gray region indicates the CO2
ER relevant potential range. Black dotted line (▪▪▪) denotes the equilibrium desorption coverage
for CO*→CO(g).
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2.3.3

Including C* as a competing intermediate
Recent DFT studies of the CO2 ER path on Cu suggest that CO* may reduce through a

COH* intermediate species. The formation of this species will not require surface bound H* to
form an O‒H bond17. This path leads to the formation of C* (with water as byproduct). As the
reduction of C* requires surface H* species, we examine whether C* formation may compete
with CO* and H* and poison the surface. The formation of surface C* species has been observed
during CO2 ER on the Cu electrodes47. Surface carbon formation during CO2 ER can occur
through four proton-electron transfer steps (Equation (11)). The DFT-computed free energy of C*
formation as a function of potential, ΔGC*[U] is calculated using Equation (12).
CO2(g) + 4 H+ + 4 e− → C* + 2 H2O(aq)

(11)

ΔGC* [U] = GC* – G* − GCO2(g) + 2 GH2O(aq) – 2 GH2(g) + 4 eU

(12)

Figure 2-4 depicts a thermodynamic estimate of potential ranges at which C*, CO* and
H* are preferentially present on the metal surface, using the adsorption free energies computed at
a low surface coverage limit (   19 ML). Surface coverage effects were not yet considered. At the
thermodynamic limit, C* formation is favorable over CO* formation and H* adsorption on the Pt,
Fe, Ni and Co surfaces at potentials relevant to CO2 ER ( U  0.5 V-RHE). If the mechanism
preceding C* formation is kinetically limited, it may serve to postpone the effect of carbon
poisoning to lower potentials. If, however, all preceding steps which do not include C‒H
formation are kinetically surmountable, high coverage of surface carbon may block further
reduction steps. The metals susceptible to surface carbon buildup, in order of susceptibility are Fe
>> Pt > Co > Ni > Au > Cu.
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2.3.4

9

Kinetic Implications

In summary, this thermodynamic study predicts that a high coverage of CO* (or C*) on Pt, Ni,
Fe, and Co surfaces blocks surface sites that are required for H* adsorption and subsequent C-H
bond formation. Au electrodes are not poisoned by CO*, but low CO* coverages (and likely
slow C-H formation) limit hydrocarbon formation. Only the Cu (111) surface is observed to allow
for a mixed CO* and H* coverage under CO2 reduction conditions. These conclusions are
arrived at from a thermodynamic standpoint, though elementary kinetics will impact the CO*
coverage, as the surface condition at steady state determines the coverage rather than the
coverage at equilibrium with the fluid phase. However, since CO2(g)→COOH* on the Cu (111)
surface is not kinetically facile at potentials U  0.25 V-RHE17, CO* coverages on Cu (111) may
be less than this thermodynamic value. Coupled with the CO* desorption tendency above 0.61
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ML, H* should remain on the Cu surface at U  0.25 V-RHE. On the other hand, a previous study
reports a theoretical limiting potential (UL | Pt) of 0.40 V-RHE for CO2(g)→COOH* on the Pt (211)
surface12. This suggests that the kinetics of CO* formation on Pt will allow reaching this
thermodynamic limit at potentials positive of the CO2 ER region ( U  0.25 V-RHE), provided the
subsequent steps of CO* removal from the surface are slow. The result implies that CO*
outcompetes H* on the Pt (111) surface at potentials relevant to CO2 ER ( 1.5  U  0 V-RHE). On
the Au (111) surface, weak CO* binding favors desorption over C‒H bond formation, in
agreement with the experimentally observed production of CO(g) on Au (111) 6. Thus, for the Cu
(111) and Au (111) surfaces, slow CO* formation will surely impact coverage at low CO2
reduction overpotentials. Since Pt (111), Ni (111), Co (0001) and Fe (100) surfaces display fast
kinetics for CO2(g)→CO* and slower kinetics of CO* reduction12, we can expect this
thermodynamic analysis to closely resemble the steady state coverage.
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2.4

Conclusions

In summary, we have used simple thermodynamic relations to analyze the competition between
H* adsorption and CO* formation on Pt (111), Ni (111), Co (0001), Au (111), Fe (100) and Cu
(111) surfaces under CO2 ER conditions. Using the DFT-computed free energies in conjunction
with the CHE model, we report a thermodynamic estimate of potentials at which H* adsorption
and CO* formation is favorable on the metal surfaces. A high coverage of CO* is
thermodynamically viable at potentials relevant to CO2 ER, and is likely to block C‒H bond
formation on Pt, Fe, Ni and Co electrodes. The presence of a high CO* to H* coverage ratio at
CO2 ER operating potentials leads to CO poisoning on the Pt, Ni, Co and Fe surfaces. A high
coverage of C* may block the surface and prevent C‒H bond formation if the preceding reduction
steps are kinetically facile. The computational free energy approach adopted for studying the
competing effects between different intermediates is simplistic yet provides a reasonable
explanation of why Pt, Fe, Ni and Co electrodes fail to produce HCs during CO2 ER. The analysis
is computationally convenient and can be extended to different crystal facets and other metal
electrocatalyst candidates.
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Theoretical insight on reactivity trends in CO2 electroreduction across
transition metals
This chapter is published as: S. A. Akhade, W. Luo, X. Nie, A. Asthagiri and M. J. Janik,
Catalysis Science and Technology 6 (4), 1042-1053 (2016).

Abstract
Density Functional Theory (DFT) based models have been widely applied towards
investigating and correlating the reaction mechanism of CO2 electroreduction (ER) to the activity
and selectivity of potential electrocatalysts. Herein, we examine the implications of the theoretical
choices used in DFT models that impact the stability of the reaction intermediates and the
limiting potential (UL) of the activity/selectivity determining steps in CO2 ER across transition
metals. Three theoretical choices are considered: (i) the type of exchange-correlation (XC)
functional, (ii) the surface facet of the metal electrocatalyst, and (iii) the effect of solvation. The
impact of the theoretical choices is also studied in the context of deriving scaling relationships for
electrocatalyst screening. The analyses reveal that the choice of XC functional (PBE versus
RPBE) can alter binding energies of CO2 ER intermediates by 0.30 eV, but have little impact on
surface reaction energetics. Surface termination has greater impact, as OH*-terminated adsorbates
bind weaker on average by 0.26 eV on stepped facets. Including explicit local solvation stabilizes
the OH*-terminated adsorbates, preferentially decreasing the UL for CO*→COH* reduction.
Trends in CO2 ER selectivity across metals predicted using scaling correlations differ
significantly from explicitly calculated values due to deviations from the linear binding energy
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correlations. The difference is most pronounced when the effect of explicit solvation is
considered.
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3.1

Introduction

CO2 conversion using electrocatalytic reduction may produce liquid fuels using
renewable electricity and balancing the intermittency of renewable energy sources. CO 2
electroreduction (ER) presents several advantages in that the room-temperature process is
controllable by electrode potential and can be designed as compact, modular and scalable 1. The
process, however, has a low energy efficiency and is currently limited by low activity, selectivity
and stability of the electrocatalyst. Towards enhancing catalytic activity for CO2 ER, several
innovative electrocatalyst materials including transition metals2-4, bimetallic or over-layered
alloys5-7, metal oxides8-11, metal clusters or complexes12-16 and organometallics17 have been
explored.
Developing accurate insight of the reaction mechanism of CO2 ER and subsequently
correlating the reaction energetics to the structure and function of the electrocatalyst can aid in
the screening of suitable electrocatalysts. Density Functional Theory (DFT) can offer a
molecular-level insight of the underlying physical chemistry affecting the electrocatalytic activity
that is not readily available experimentally18-20. CO2 ER is often conducted using polycrystalline
electrodes where the surface morphology and type of pretreatment strongly influence the
selectivity and performance of the electrocatalyst material8, 21-25. The environment in which the
electroreduction takes place is complex due to the presence of an electrified electrochemical
interface and the dynamic nature of the electrolyte. The binding strength and reactivity of the CO2
ER intermediates vary with the surface facet and solution/electrolyte-adsorbate interactions.
Within the scope of DFT, electrocatalytic systems are modeled in a simplified environment,
beginning with a metal-vacuum interface model and adding solvation or electrification.
Previous DFT efforts have been directed at analyzing the CO2 ER mechanism, mainly on
Cu electrodes. Using the linear free energy method and the computational hydrogen electrode
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(CHE) model within the DFT framework26, Nørskov and co-workers initially proposed a reaction
path for CO2 ER on Cu (211)27 and concluded that the reduction of CO* to CHO* (* denotes
surface-bound) is a key step in the formation of experimentally observed hydrocarbons including
methane and ethylene28. While the authors concluded that the reaction path via the methoxy
(CHxO*) intermediate gives rise to CH4 via a CH3O* intermediate and C2H4 via CH2O*
dimerization, experimental evidence provided by Schouten et. al reported that formaldehyde
electroreduction produced CH3OH in lieu of CH4 29 and rationalized the formation of C2H4 via a
surface-adsorbed CO dimer30. By evaluating potential-dependent activation barriers using DFT,
Nie et. al proposed an alternate path on Cu (111) via a COH* intermediate that yielded CH4/C2H4
31, 32

. This path to CH4 reportedly occurred via successive hydrogenation of CHx* species while

C2H4 was produced via dimerization of intermediates such as CH2*. Using DFT, Koper and coworkers suggested an alternate reaction mechanism of CO reduction to C2 species via a lowpotential C-C coupling of surface-bound CO* that proceeded through a rate-limiting protondecoupled electron transfer on Cu (100) to be subsequently reduced to C2H4 or C2H5OH33, 34. The
performed DFT calculations in that study were purely thermodynamic and assumed that the
kinetic barriers scaled with the reaction energies. A recent DFT study suggested CO*
dimerization could be promoted by the field generated by approach of a proton to the surface35,
albeit in small unit cells that likely represent large reduction overpotentials.
While the exact mechanism of CO2 ER on copper is still actively investigated, these
studies suggest that the reaction path and the product selectivity are sensitive to local solvation
and surface facet of the copper electrode. In a recent study, Nie et. al demonstrated that the
relative stability of the selectivity determining step of CO* reduction to CHO*/COH* is sensitive
to the copper facet,32 which agreed with the experimentally observed variation in the CH4/C2H4
yield ratio with the surface facet36, 37. Further, a detailed exploration of the effect of solvation
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using explicit water molecules up to a water bilayer32 suggested that the potential-dependent
reaction energetics and kinetics were strongly influenced by the adsorbate-water interactions,
creating strong implications on the preferred electroreduction mechanism on copper. The
mechanistic deductions of CO2 electroreduction mentioned earlier are contingent on the model
used for solvation. Previous studies by Nørskov and co-workers typically employ a fixed
solvation energy correction of 0.25 eV to account for solvation induced stability of alkyl-OH*
intermediates27, 38, however, Nie et. al found that the solvation energies vary among intermediates
and depend on the number of explicit water molecules and the DFT exchange-correlation
functional used32.
The search for high selectivity and efficiency in CO2 ER via trends in faradaic yields and
onset potentials across transition metal electrocatalysts, including Pt, Ni, Fe, Co, Cu, Au and Ag,
was first reported by Hori and co-workers formation2, 39-41. The experiments revealed that while
Cu selectively produced hydrocarbons (HCs), Pt, Ni, Fe and Co evolved mostly H2 at active CO2
ER potentials and Ag and Au mostly reduced CO2 to CO with no selectivity towards CH4/CH3OH
formation. In our recent DFT study, a detailed thermodynamic assessment of the surface coverage
of reaction intermediates at CO2 ER conditions aided in providing a simplistic explanation of why
Pt, Fe, Ni, Co and Au electrodes fail to produce HCs during CO2 ER42. Our analyses evaluated
the competitive surface coverage of CO* and H* under CO2 reduction conditions and confirmed
that a high coverage of surface adsorbed CO* on Pt, Ni, Fe and Co surfaces obstructed access of
H to the metal surface sites and prevented C–H bond formation, while weak CO* binding on Au
favored CO desorption over subsequent reduction. Previously, Nørskov and co-workers have
reported theoretical trends in the limiting potential (UL, the potential at which the reduction path
is thermodynamically accessible) of CO2 ER across fcc (111) and fcc (211) metals, developed
using the relative binding energies of the CO2 ER intermediates versus the CO* binding energy
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on the metal surfaces43, 44. The variation in the UL values determined using binding energy scaling
correlations across metals, including Cu, Ni, Pt and Rh, are relatively narrow (0.1-0.2 eV). The
predictions of the CO2 ER activity and selectivity can depend on the quality of the linear fit of the
scaled correlation. The behavior of the scaling correlations is known to be highly susceptible to
the local adsorption environment45,

46

. It is, thus, crucial to examine the choices made in

constructing DFT based models that can alter the correlations and the selectivity towards CO2 ER
across potential electrocatalyst materials47.
In recent CO2 ER experiments by Jaramillo and co-workers, all transition metals (Au, Ag,
Cu, Ni, Pt and Fe) were reported capable of producing at least small amounts of methane or
methanol48-50. Methane was produced at lower onset potentials than methanol, which the authors
attributed to the somewhat greater sensitivity of the experimental methods’ towards methane over
methanol48. In this study, we investigate the implications of theoretical choices used in DFTbased models on the activity and selectivity of CO2 ER across transition metal electrocatalysts.
Decoupling the effect of the theoretical choices can allow us to develop insight into the impact of
modeling choices on predicted reactivity and selectivity of CO2 ER on the transition metals and
the extent of their effect. We examine three theoretical considerations within the DFT framework:
(i) the type of exchange-correlation (XC) functional, (ii) the surface facet of the metal
electrocatalyst and (iii) the effect of solvation. Although an accurate DFT representation of the
electrolyte is challenging, the inclusion of 1-2 water molecules brings us closer to incorporating
the solvation of surface intermediates. To evaluate the accuracy and generality of
activity/selectivity trends based on binding energy correlations in CO2 ER across transition
metals, the effect of the surface facet and solvation on the scaling correlations is examined. The
deductions made in this study are arrived at from a purely thermodynamic stand-point, though
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elementary electroreduction kinetics and the surface coverage of the intermediates play a crucial
role in determining the selectivity and the rate-limiting steps of CO2 ER.
We first present the reaction free energy diagram of CO2 ER to methane and methanol on
five different transition metals, Pt, Ni, Co, Cu and Au, and compute the thermodynamic
theoretical overpotential (OVP) for the potential determining step of CO2 ER across metals. In the
following section, the relative binding strength and selectivity towards forming key intermediates
including CO*, COOH*, CHO* and COH* is evaluated across the three theoretical
considerations. The results suggest that the binding strength of the adsorbates to the metal surface
is sensitive to the type of XC functional employed, while trends in selectivity are largely
unaltered. The effect of the metal surface facet is examined using close-packed (111) and stepped
(211) facets of the fcc metals. The bonding behavior between key intermediates and the metal
electrocatalyst is significantly affected by the surface termination and the presence of solvation
which also alter the OVP predictions of CO2 ER. In the last section, scaling relations are
developed to linearly correlate the calculated binding energy of similar adsorbates such as CO*,
COOH*, CHO* and COH* across different transition metal surfaces. Using the correlations, a
scaled theoretical overpotential is computed for CO2 conversion and compared against the
explicitly calculated overpotential. This comparison reflects the reliability of the scaling
correlations and their corresponding accuracy under different theoretical considerations. The
selectivity of the CO2 ER derived using scaling correlations is found to differ from explicitly
calculated values due to deviations from the linear scaling relations.
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3.2
All

electronic

Methods and Computational Details

structure

calculations

were

performed

using

the

plane-wave

pseudopotential code Vienna Ab-initio Simulation Package (VASP v. 5.2.12)51-53 using the
Perdew-Burke-Ernzerhof (PBE)54 and the revised PBE (RBPE)55 exchange-correlation
functionals that are described within the Generalized Gradient Approximation (GGA) 56. The PBE
functional was used as the default functional in all the calculations, but in Section 3.3.2.1, we
present comparisons between the energetics calculated using the PBE and RPBE functionals. The
Projector Augmented Wave (PAW) method57, 58 was implemented for core-valence treatment. A
plane-wave cutoff energy of 450 eV was employed. The Brillouin zones of all surfaces were
sampled with a 3x3x1 Monkhorst-Pack59 grid, which sufficiently converged all binding energies.
The Fermi level was smeared using the Methfessel-Paxton60 scheme with a Gaussian width (σ) of
0.2 eV for surfaces and 0.003 eV for isolated molecules. The self-consistent electronic
convergence limit was set to 1×10-5 eV while the ionic convergence limit was set to 0.02 eV/ Å
for the unconstrained atoms. A periodic surface slab model was used to construct the following
close-packed and stepped surfaces: Pt (111), Pt (211), Cu (111), Cu (211), Au (111), Au (211), Ni
(111), Ni (211), Co (0001), Co (102) and Fe (100). Experimental lattice constants with values aPt
= 3.92 Å (fcc), aCu = 3.62 Å (fcc), aAu = 3.92 Å (fcc), aNi = 3.52 Å (fcc), aCo = 3.54 Å (hcp) and
aFe = 2.87 Å (bcc) were employed to construct a 3×3 (θ~1/9th ML) supercell with four metal
layers and ~15 Å of vacuum to exclude interaction between periodic slab models. The bottom two
layers of the slab were frozen to imitate the bulk arrangement while the top two layers (and the
adsorbed species) were allowed to relax until convergence was achieved. The most stable
configuration of the surface species was selected by first considering high symmetry initial
configurations (atop, bridge, fcc and hcp) of the surface bound adsorbate and subsequently
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comparing the binding energy of the adsorbate at each configuration to get the lowest energy
structure.

3.2.1

Estimation of Free Energies (G)
The thermodynamic reaction free energy change (ΔG) associated with the CO2 ER can be

computed with DFT and evaluated as a function of potential (U) on a reversible hydrogen
electrode (RHE) scale using the CHE26 model. The potential dependent relative free energy path
was calculated for any intermediate COxHy* formed from CO2 gas as shown in Equation (1) using
Equation (2):
CO2( g )  ( y - 2 x  4) H (aq )  ( y - 2 x  4) e-  C x H *y  (2 - x) H 2O( aq )

(1)

1
G (U )  GC H *  GCO2( g )  G*  (2  x) GH 2O( aq )  ( y - 2 x  4) G H 2( g ) + ( y - 2 x  4) eU
x y
2

(2)

where G represents the free energy of the species, G* represents the free energy of the clean metal
surface, x and y are the number of oxygen and hydrogen atoms in the intermediate and e is the
absolute value of the elementary charge. Since this study primarily focuses on the reduction of
CO* to CHO* or COH* (Equations (3) and (4)), the theoretical overpotential (or limiting
potential UL) for the two intermediate reactions is explicitly calculated using Equation (5). The
theoretical overpotential in this context simply denotes the equilibrium potential at which the free
energy change for electrochemically reducing CO* is zero (ΔGCO*→CHO* or CO*→COH* = 0).
CO*  H (aq )  e-  CHO*

(3)

CO*  H (aq )  e-  COH *

(4)

1
GCOH *or CHO*  GCO*  G H 2 ( g )
2
UL 
e

(5)
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3.2.2

Free Energy Corrections

(6)

ZPVE
GX *  E XDFT
 U Xvib*  TS Xvib*
*  EX *

GX 0  E XDFT
 E XZPVE
 (U Xtrans
 U Xrot0  U Xvib0 )  T ( S Xtrans
 S Xrot0  S Xvib0 )  PV
0
0
0
0
(g)

(g)

(g)

(g)

(g)

(g)

(g)

(g)

(7)

(g)

For surface bound species X*, the vibrational degrees of freedom were included when correcting
the free energy from 0 K to 298 K (Equation (6)). For gas-phase species X0(g), all degrees of
freedom were included in the entropy and enthalpy corrections. For liquid water, the gas-phase
free energy was referenced at the vapor pressure of water at room temperature (pH2O = 0.031 atm)
(Equation (7)).

3.2.3

Estimation of Binding Energies (BE)

The binding energy (BE) of all intermediates was calculated using Equation (8),
DFT
BE (Cx H y Oz * )  ECDFT
 Eclean
 xEC  yEH  zEO
H O*
x

y

(8)

z

DFT

DFT
where ECxHyOz*
and Eclean refer to the DFT energy of the adsorbed intermediate and the clean

metal surface respectively. The reference energies of C (EC), H (EH) and O (EO) were derived
using standard state energies of graphene, H2 (gas) and H2O (liquid), respectively. Solvation was
incorporated by including one and two water molecules above the metal surface in the near
vicinity of the adsorbed CO2 ER intermediates at a configuration such that the H-bonding
interaction between the H2O molecules and the intermediates is maximized. The optimized
configurations of the solvated intermediates are reported in Figures S 1 and S 2 in the
Supplementary Information. The binding energy of the explicitly solvated intermediates was
calculated using Equation (8), with the stoichiometric coefficients (y and z) adjusted to account
for the additional explicit water molecules. The binding energies of the solvated species therefore

62
include both the adsorption of the CO2 reduction intermediate and the energy difference to move
the water molecule from its standard liquid state to its interaction with the surface adsorbate.
The binding energies of key CO2 ER intermediates including COOH*, CO*, CHO* and
COH* on various transition metal surfaces were used to develop scaling relations that linearly
correlate the BE of COOH*, CHO* and COH* to the relative BE of CO* on Pt, Ni, Co, Cu and
Au surfaces. Similar to the analyses by Peterson and co-workers43, the linear BE scaling
correlation (Equation (9)) was used to calculate a scaled theoretical overpotential (UL (scaled)) of
CO* reduction to CHO* and COH* as demonstrated in Equations (10) and (11). The scaled
theoretical overpotential in Equation (11) was derived by substituting Equations (9) and (10) in
Equation (5).
BECOH or CHO*  M BECO*  N

(9)

CORR
GCOH or CHO*  BECOH or CHO*  GCOH
or CHO*

(10)

1
CORR
CORR
U L ( scaled )  (1  M ) BECO*  N  EH  (GCO
GH
*  GCOH or CHO* ) 
2 2( g )

(11)

where M and N correspond to the slope and intercept of the BE correlation, the values of which
for each BE scaling correlation are reported in the Supplementary Information. GCORR
CO* and
GCOH*CORR
or CHO* are the free energy corrections of CO* and the reduced intermediate, respectively,
derived using standard statistical mechanics relations.
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3.3

Results and Discussion

Electroreduction experiments by Hori and co-workers across transition metal
electrocatalysts have shown that Cu can selectively produce HCs including methane, whereas Au
and Ag mostly reduce CO2 to CO, and Pt, Ni, Fe and Co mainly evolve H22, 41. Recent CO2 ER
experiments by Jaramillo and co-workers, however, have reported that all metals are selective
towards CH4 and CH3OH formation albeit at low rates48-50. In Section 3.3.1, using DFT, we
examine the selectivity and activity of the metals towards HC formation, if CO* reduction could
proceed, avoiding CO* desorption or the inability for H to access surface sites. In Section 3.3.2,
we investigate the effect of the theoretical choices employed in DFT-based models on the relative
binding strength and selectivity towards forming key reaction intermediates including CO*,
COOH*, CHO* and COH*. The theoretical choices examined are the DFT exchange correlation
functional, surface facet and explicit solvation. In Section 3.3.3, we examine the variation in the
scaling correlations caused due to these theoretical choices and evaluate their reliability in
capturing trends in activity/selectivity of CO2 ER across transition metals.

3.3.1

Reaction energy path for CO2 ER to methane and methanol
Figure 3-1 compares the thermodynamic reaction free energy (ΔG) path for CO2 ER on

Pt (111) and Au (111) at U = −0.5 V-RHE. The reaction free energy path of CO2 ER on Ni (111),
Co (0001) and Cu (111) are reported in Figure S 3 in the Supplementary Information. The free
energies of the reaction intermediates are calculated relative to that of CO2 gas at room
temperature and 1 atm pressure. Explicit solvation of the surface intermediates is not included.
We consider the first electrochemical step to involve an O-H bond formation to produce COOH*.
The alternate reduction of CO2 to formate (HCOO*) species is discounted based on experimental
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Figure 3-1. Relative free energies using Equation (2) for electroreduction of CO 2 to CH4 (▬)
and CH3OH (▭) at U = −0.5 V-RHE on Au (111) (brown) and Pt (111) (teal) surfaces.
Preferred reduction path is illustrated by the continuous path (―) and the dotted path (∙∙∙∙)
denotes the less favorable reduction path.

evidence of formate being a dead-end species in gas-phase CO2 reduction61, 62 and a lower kinetic
barrier reported using DFT for the solvated formation of COOH*32 relative to hydrogenation of
CO2 to HCOO* on Cu (111)63, 64. The electroreduction of COOH* can proceed to form either
HCOOH* or (CO* + H2O). While HCOOH* formation is reported to be downhill in energy on
Cu (111)27, the reduction step halts the CO2 ER path and prevents further hydrocarbon
production. For this reason, the energetics of the COOH*→HCOOH* step are not considered. In
line with our previous work42, 65, the CO2 ER path leading to two products, methane (CH4) and
methanol (CH3OH) are considered via the CO2→COOH*→CO* + H2O intermediates. CH4
production is dominant over C2* species on Cu (111)48 and C2 species are minor products on all
transition metal electrodes49. CO* dimerization can have surmountable barriers35, however, only
at large overpotentials where large surface negative charges are present and CO* reduction is
favorable. CHX* dimerization is competitive at low potentials31, but this chemical reaction
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becomes less relevant at the larger overpotentials needed to drive significant reduction currents.
The path leading to C2* species (or higher), such as ethylene (C2H4), formed via C-C bond
coupling29, 30, 32, 66, 67 are, therefore, excluded from this study. The path to form CH4 proceeds via
the hydroxymethylidyne (COH*) intermediate, which is reduced to form surface carbon (C*) and
water. The surface carbon is successively reduced to form CH4. On Cu (111), the kinetics of this
path are reported to be facile (at −1.15 V-RHE) with CH4 as the main product of this path31. The
alternate path proceeds via the CHO* intermediate which is subsequently protonated to form
CH2O* and CH3O*. While the reduction of CH3O* can yield either CH4 or CH3OH, an
electrokinetic DFT study on Cu (111) by Nie and co-workers reveal a high activation barrier (at
−1.15V-RHE) of 1.21 eV for CH4 formation versus 0.15 eV for CH3OH formation31, 32. This
provides evidence that CH4 production is kinetically prohibitive and CH3OH is the preferred C1
product of the reduction path via the CHO* intermediate on Cu (111). This is in agreement with
experimental reports of CH2O* reduction on Cu (111) electrodes predominantly producing
methanol28, 29.
The formation of COH* on Pt (111) at U = −0.5 V-RHE (Figure 3-1) is more favorable
than CHO* by 0.55 eV, suggesting that CH4 would likely be the preferred product of CO2 ER on
Pt (111) if CO* poisoning could be avoided. Shi et al. recently examined reactivity trends in CO 2
ER across metals using DFT, but report CHO* as the thermodynamically preferred product over
COH* on Pt (111) surfaces based on scaling relations44. While their study employed the RPBE
functional, our calculations using RPBE, like PBE, suggest that COH* is favorable over CHO*
by 0.39 eV. We speculate the discrepancy may be attributed to the scaling relations not capturing
the underlying physics of chemisorption in these cases. A previous electrokinetic DFT study by
the same authors, however, report that the lowest energy path of CO2 ER on Pt (111) proceeds via
the COH* intermediate, although the basis for this deduction is unclear 68. For Au (111), a free
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energy of 0.97 eV at U = −0.5 V-RHE is required for the reduction of CO2→COOH*, neglecting
the stabilization of COOH* by solvation. Subsequent energetics favor CHO* over COH* by 0.06
eV, suggesting that CO2 would preferentially reduce to CH3OH if CO* reduction were to be
competitive with CO gas formation. Though CO* reduction to COH* is thermodynamically
favorable at U = −0.5 V-RHE on Au (111), weak CO* binding leads to CO* desorption and CO
gas production.
For all metals, the common point of divergence to form CH4 or CH3OH occurs at the
reduction of CO*32. This selectivity determining step is also commonly the activity determining
step and often requires the highest potential in order to become thermodynamically feasible. The
potential at which this potential determining step (PDS) of CO* reduction has a ΔG = 0 is termed
the limiting potential (UL). Thus, by comparing the UL values for CO* reduction to CHO* and
COH*, the hypothetical and approximate CH4/CH3OH selectivity of each metal can be
determined. Although the step requiring the highest overpotential in weak CO* binding metals
such as Au and Ag is reported to be CO2→COOH*43, 44, we only compare the UL of CO*→CHO*
and CO*→COH* steps to illustrate how theoretical factors affect the reactivity and CH4/CH3OH
selectivity across metals.
Figure 3-2 shows the variation in the UL for CO*→CHO* and CO*→COH* reduction
that are explicitly calculated for all close-packed surfaces without explicit solvation and using the
PBE functional. A less negative UL corresponds to a smaller theoretical overpotential for
reduction. Pt (111), Ni (111) and Fe (100)65 have a lower UL for CO*→COH* conversion,
suggesting they would be selective towards CH4 formation if C-H bond formation were viable on
these metals. Previous studies by Hara et al. have reported CH4 as a product from
electroreduction experiments on Pt gas diffusion electrodes (GDE) using gas-phase CO2 and CO
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Figure 3-2. Explicitly calculated overpotential UL (eV) for the electroreduction of
CO*→COH* (orange) and CO*→CHO* (green) across close-packed facets of transition
metal surfaces. Numbers indicate the column value.

albeit at very low CO2 and CO pressures69, 70. The UL on Co (0001) towards either conversion is
equal, suggesting that Co (0001) would lack specific selectivity towards CH4 or CH3OH. In CO2
ER catalyzed by Fe, Ni and Co metals, the formation of small hydrocarbons such as CH 4, C2H4
and C3H6 was suggested to occur via paths similar to the Fischer-Tropsch reaction of thermal
catalysis1, 71-73. Our calculations predict that Au (111) would be selective to CH3OH because of a
lower UL for CO*→CHO* reduction. On Cu (111), while the result is similar to DFT based
predictions by Nørskov and co-workers44, the DFT- computed kinetic path of CO2 ER on Cu
(111) by Nie et. al32 suggests that the inclusion of solvation assists in forming O-H bonds that
significantly lower the activation barrier to preferentially reduce CO*→COH* instead. The
choice of the copper facet and the exchange-correlation functional also impact the selectivity32,
and will be discussed in the subsequent sections. The preference of COH* formation over CHO*
results in the experimentally observed selectivity to CH4 over CH3OH48. The calculated UL to
reduce CO* (Figure 3-2) is computed to be highest on Cu (111) relative to Pt (111), Ni (111) and
Au (111), indicating that if surface coverage effects, CO* desorption, and CO2→CO* limitations
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are excluded, these metals would display high activity towards HC formation during CO2 ER.
Since the DFT-based models used can advantageously decouple these mechanistic effects of CO2
ER on transition metals, in the next section we probe how the activity/selectivity of the transition
metals towards CHO*/COH* varies with specific theoretical choices used in DFT calculations.
We specifically focus on the effect of the (i) exchange-correlation functional, (ii) transition metal
surface facet and (iii) solvation on the binding strength and selectivity of the CO 2 ER
intermediates. For the latter two effects, we focus on a subset of CO2 reaction intermediates and
the selectivity step involving CO* hydrogenation.

3.3.2

DFT approach and model choices affecting stability of CO2 ER intermediates

3.3.2.1 Effect of GGA functional
The binding strength of the CO2 ER intermediates to the metal surface was calculated
with the PBE and RPBE functionals using Equation (8). The selectivity of the PDS was evaluated
by explicitly calculating the overpotential of CO*→CHO* and CO*→COH* reduction using
Equation (5). In order to investigate the effect of the exchange-correlation functional on the
stability and selectivity of the intermediates, the binding energies and overpotential UL computed
using the PBE functional were compared against those calculated with the RPBE functional on
close-packed surfaces of Pt, Ni, Co, Cu and Au and are reported in Figure S 4 in the
Supplementary Information. The binding of the CO2 ER intermediates on close-packed surfaces
is stronger by 0.3 eV on average when the PBE functional is employed, with the average
differences in the binding strengths of the intermediates using PBE and RPBE in the order: COH*
(0.45 eV) > COOH* (0.29 eV) > CHO* (0.27 eV) > CO* (0.17 eV). Reduced overbinding of the
chemisorbed atoms and molecules with RPBE relative to PBE has been previously reported and is

69
attributed to the difference in the mathematical form of the exchange energy enhancement factor
in the XC functional formalism55. The differences in the binding strengths of the CO2 ER
intermediates using the PBE and RPBE functional become more prominent when explicit
solvation is included. On average, the binding strengths of solvated COH* and CHO* (with 1
explicit H2O) using PBE are stronger by 1.31 eV and 0.45 eV respectively relative to RPBE
values. The substantial variation in the binding with PBE and RPBE show how the XC
functionals dissimilarly describe the water/adsorbate and water/metal interactions. The trends in
product selectivity of CO2 ER across metals, however, remain largely unaltered. The UL for
CO*→COH* increases approximately by 0.2 eV on Pt, Ni and Au surfaces when the RPBE
functional is used, with the preferred selectivity of the metals towards COH*/CHO* retained.
Since the selectivity and overpotential considerations use relative energies of two surface bound
states, this relatively consistent effect of the XC functional on the binding energy does not alter
the deductions of the likely reduction path. In addition to examining the effect of the XC
functional, we also investigated the impact of including van der Waals (vdW) interactions on the
stability and selectivity of the CO2 ER intermediates.

On Pt (111), accounting for vdW

contributions increases the binding strength of CO2 ER intermediates on average by 0.25 eV and
0.18 eV when the PBE and RPBE functionals are used respectively. The UL for CO*→CHO* and
CO*→COH* decreases by 0.07 eV and 0.02 eV on Pt (111) when vdW interactions are included,
retaining the preferred selectivity towards COH*/CHO* formation.

3.3.2.2 Effect of surface facet
Figure 3-3(a) shows a parity plot comparing the binding energy of key CO2
intermediates on close-packed surface facets against stepped facets of Pt, Ni, Co, Cu and Au
surfaces. The binding energies are referenced to standard state energies of graphene (EC), H2 gas
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Figure 3-3. (a) Comparison of PBE Binding Energies (BE) of four CO2 ER intermediates
(COOH* (orange □), CO* (green ○), COH* (orange ■) and CHO* (green ●)) on different surface
facets of Pt, Ni, Co, Cu and Au. Solid line denotes parity at which y=x. Dashed line (at 0.26 eV)
denotes the average weakening of the binding strength of COH* and COOH* on stepped
surfaces. (b) Explicitly calculated overpotential UL (eV) for the electroreduction of CO*→COH*
versus CO*→CHO* across close-packed (○) and stepped (●) surface facets of transition metals –
Pt, Ni, Co Cu and Au. Solid line denotes parity at which y=x. Lower U L values correspond to a
higher theoretical overpotential.

(EH) and liquid H2O (EO) that lead to positive values of binding energies, though the relative
values are of interest. The binding strengths in Figure 3-3(a) do not include explicit solvation.
Lower BE values correspond to stronger binding. Data points lying on the parity line (solid line in
Figure 3-3(a)) bind to both facets with the same strength. The coefficient of determination (R2) is
0.88 and the absolute mean deviation of the data points from the parity line is 0.26 eV. The
binding strength of the O-terminated species, CHO* and CO*, is less affected by the surface facet
than that of COH* and COOH*. On average, COH* and COOH* bind more strongly to the
stepped facets by 0.26 V (dashed line in Figure 3-3(a)), indicating that the surface facet strongly
affects the relative stability of key CO2 ER intermediates. Figure 3-3(b) compares the UL for
CO*→CHO* and CO*→COH* conversion on close-packed and stepped surface facets of the Pt,
Ni, Co, Cu and Au metals. The variation in the surface facet can lead to significant deviation in
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the UL, up to 0.70 eV. The weaker binding of COH* on stepped facets of most metals, as shown
in Figure 3-3(a), is reflected in an increased UL for CO*→COH* conversion. The UL values of
CO*→CHO* are relatively less affected, such that the close-packed surfaces show a higher
tendency towards COH* formation than stepped surfaces. For copper, the relative stability of
CHO* over COH* is higher on Cu (211) than Cu (111), which reduces the UL for CO*→CHO*
conversion by 0.24 eV. These observations are in agreement with previous theoretical44, 74 and
experimental21, 75-77 work on the facet-dependence of CO* reduction and the preferential stability
and selectivity of the CO2 ER intermediates on transition metals.

3.3.2.3 Effect of solvation
To incorporate the effect of solvation, the energetics of the CO2 ER intermediates were
computed by explicitly placing 1-2 H2O molecules in the vicinity of the CO2 ER intermediate in a
configuration that maximizes the H- bonding interaction of solvated system. The optimized
configurations of the solvated intermediates are reported in the Supplementary Information. The
inclusion of 1-2 H2O molecules is an approximation of solvation at the electrode/electrolyte
interface although the stability of the adsorbed species may be highly subject to the model of
explicit solvation employed. In a previous mechanistic study of formic acid electro-oxidation on
Pt (111), the inclusion of a water bilayer relative to a few explicit water molecules significantly
affected the reaction pathways78. In our recent study, the impact of the solvation model on the
kinetics and selectivity of CO2 ER on Cu (111) was investigated32. A preferred water-shuttling
mechanism of O-H bond formation (CO2*→COOH*) using 1-2 explicit water molecules lowered
the activation barrier by 0.8 eV approximately, relative to when no solvation model was used.
With the addition of a water bilayer, the barrier for CO2*→COOH* reduction was further
lowered by 0.1-0.2 eV, due to a higher stability of charge separation in the transition state. Thus,
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based on the nature of the transition state, employing an appropriate solvation model can improve
the accuracy of the activation barrier (Eact) and onset potential (U0) relative to experimental
values, albeit is computationally demanding. Since the primary focus of the study is to investigate
the variations in stability and selectivity trends of CO2 ER across metals, we limit our solvation
model to 1-2 explicit water molecules and postulate that the stabilizing effect due to inclusion of a
water bilayer shifts the relative trends by 0.1-0.2 eV.
Figure 3-4(a) compares the binding energy of the CO2 intermediate with and without
solvation on the close-packed and stepped surfaces of Pt, Ni, Co, Cu and Au. Lower BE values
correspond to stronger binding. The coefficient of determination (R2) for the BE of CHO*, COH*
and CO* is 0.93, 0.89 and 0.97 respectively. COH* species are more stabilized by the effect of
solvation due to stronger H-bonds with explicit water molecules except on Co (0001). The
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Figure 3-4. (a) PBE Binding Energies (BE) of CO2 ER intermediates CO* (green ○), COH*
(orange ■) and CHO* (green ●) with and without solvation on the close-packed and stepped
surfaces of transition metals - Pt, Ni, Co, Cu and Au. Solid line denotes parity at which y=x.
Dashed line (at 0.60 eV) denotes the average stabilization of COH* on all metal surfaces due to
solvation. (b) Explicitly calculated overpotential UL (eV) for the electroreduction of CO*→COH*
versus CO*→CHO* when unsolvated (○) and solvated (●) with 1-2 water molecules on the
close-packed surface facet of transition metals – Pt, Ni, Co Cu and Au. Solid line denotes parity
at which y=x. Lower UL values correspond to a higher theoretical overpotential.
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absolute mean deviations of BE from the parity line (solid line in Figure 3-4(a)) of O-terminated
intermediates (CHO* and CO*) are 0.41 and 0.35 eV relative to 0.60 eV for COH* (dashed line
in
Figure 3-4(a)). Figure 3-4(b) compares the explicit UL values for CO*→CHO* and CO*→COH*
conversion with and without solvation. The UL values systematically shift upward when solvation
is included, indicating that the UL for CO*→COH* decreases when solvation is included.
Horizontal shifts in the UL due to solvation in Figure 3-4(b) are minimal as solvation does not
significantly alter the relative CO* and CHO* BE. For Cu (111), the inclusion of explicit
solvation decreases the UL for CO*→COH* reduction from −1.30 V-RHE to −0.85 V-RHE and
shifts the thermodynamic CO* reduction preference from CHO* to COH*. Including solvation is
essential towards capturing the selective stability of CO2 reduction intermediates and should be
explicitly calculated with DFT as its impact can vary across metals and surface facets. In line
with previous work32, we expect that adding additional water molecules (up to a water bilayer)
may further increase the relative stability of COH* over CHO* and reduce the UL for
CO*→COH* reduction.
Overall, the binding energies of the reaction intermediates to the metal surface are
sensitive to the type of XC functional (~0.3 eV) and significantly affected by the surface facet
(~0.3 eV). The presence of solvation plays a crucial role in stabilizing the surface intermediates
and preferentially alters the selectivity of CO* reduction across the metals. In the next section, we
investigate how these variations alter the linear correlations of binding energies of CO*, COOH*,
CHO* and COH* across different transition metal surfaces and evaluate their impact on
theoretical overpotential predictions of CO* reduction.
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3.3.3

Reliability of scaling correlations
Figure 3-5(a)-(c) show the linear correlations of COOH*, CHO* and COH* binding

energies with the binding energy of CO* across Pt, Ni, Co, Cu and Au metals. The variation in
the relative binding strength of the intermediates with the surface facet is reflected in the scaling
correlations. As CO* and CHO* are affected similarly by surface facet, the BE correlations of
the close-packed and stepped surfaces in Figure 3-5(b) are similar. In contrast, the BE scaling
correlations of COOH* (Figure 3-5(a)) and COH* (Figure 3-5(c)) on close-packed and stepped
surfaces are offset by approximately 0.4 eV, reflecting destabilization of COOH* and COH*
surface intermediates relative to CO* on the stepped surfaces. Figure 3-5(d) and (e) show the
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Figure 3-5. Linear scaling correlation of the PBE binding energies of (a) COOH*, (b) CHO*
and (c) COH* relative to the binding energy of CO* on close-packed (○) and stepped (●)
surface facets of transition metals – Pt, Ni, Co, Cu and Au. Figures (d) and (e) denote the BE
correlations of CHO* and COH* versus CO* on the close-packed surfaces with (■) and
without (□) solvation. Line denotes the best linear fit. Details of the fit are reported in the
Supplementary Information.
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linear BE correlations of CHO* and COH* relative to the BE of CO* on the close-packed
surfaces of Pt, Ni, Co, Cu and Au metals with and without solvation. The presence of explicit
H2O molecules increases the favorability of CO* binding to the metal surfaces, with a more
pronounced effect on strong binding metals including Pt, Ni and Co. The increased stabilization
of the solvated CHO* (Figure 3-5(d)) and COH* (Figure 3-5(e)) species relative to solvated CO*
is apparent in the lowered slope of the solvated BE correlation.
The scaled limiting potentials (UL

(scaled))

derived from the BE scaling correlations in

Figure 3-5 are reported in the Supplementary Information. The UL(scaled) values, derived using
scaling correlations, quantitatively and qualitatively disagree with the deductions made in Figure
3-3(b) and Figure 3-4(b), where the explicitly calculated UL trends for CO*→CHO* and
CO*→COH* reduction show a non-trivial variation with the surface facet and predict lower UL
for solvated CO*→COH* reduction. The analysis illustrates the sensitivity of the CO2 ER
selectivity to scaling approximations and underlines the importance of evaluating the quality of
the scaling correlations employed. To evaluate the efficacy of our scaling correlations, we
compare the theoretical overpotentials computed explicitly (UL) against those derived from
scaling correlations (UL

(scaled)).

This is done primarily to help assess an important theoretical

consideration: To what extent do variations in scaling affect the reactivity and activity trends?
Figure 3-6 illustrates the reliability of the scaling correlations in predicting trends in
COH*/CHO* selectivity across the transition metals as a function of the surface facet (Figure 36(a) and (b)) and solvation (Figure 3-6(a) and (c)). Figure 3-6(a) compares the PBE computed
explicit and scaled UL for CO*→CHO* and CO*→COH* conversion on close-packed surfaces
of Pt, Ni, Co, Cu and Au metals. The values for all metals except Co (0001) are in qualitative
agreement with each other suggesting that the overall trend in COH*/CHO* selectivity is not
affected by the choice of the functional in the absence of solvation. The absolute mean deviation
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between the explicit and scaled UL values is 0.16 V-RHE for CO*→CHO* and 0.18 V-RHE for
CO*→COH* conversion with a maximum deviation of 0.28 V-RHE for Cu (111). Because these
deviations are similar for both reaction steps, the relative selectivity between COH* and CHO*
(and therefore CH4/CH3OH) shows less of an effect.
Figure 3-6(b) extends this comparison to the stepped surfaces of Pt, Ni, Co, Cu and Au
metals. While the absolute mean deviation between the explicitly calculated and scaled UL for
CO*→CHO* (0.16 V-RHE) and CO*→COH* (0.17 V-RHE) conversion on stepped surfaces
(Figure 3-6(b)) is similar to that of close-packed surfaces (Figure 3-6(a)), scaling analyses predict
that the stepped surfaces of the transition metals have a lower UL (scaled) for selectively reducing
CO* to CHO* (or CO2 to CH3OH). The deviation in the COH*/CHO* (or CH4/CH3OH)
selectivity trends provided from scaling relations are more pronounced when solvation is included
(Figure 3-6(c)), wherein the absolute mean deviation between the explicit and scaled UL values is
0.14 V-RHE for CO*→CHO* and 0.56 V-RHE for CO*→COH* conversion. The variation in UL
values and selectivity trends across the transition metals is highly susceptible to the noise in the
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Figure 3-6. Overpotential UL (eV) for the reduction of CO*→COH* versus CO*→CHO*
calculated explicitly (teal) and via BE scaling correlations (brown) on the (a) close-packed, (b)
stepped and (c) explicitly solvated close-packed surfaces of transition metals – Pt, Ni, Co Cu
and Au using the PBE XC functional. Solid line denotes parity at which y=x. Lower UL values
correspond to a higher theoretical overpotential.
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scaling correlation fit, as made apparent in Figure 3-6. The effect of the model choices on the
COH*/CHO* selectivity can also be understood by comparing the differences in the limiting
potential for CO*→CHO* and CO*→COH* reduction (ΔUL = UL|CO*→CHO* − UL|CO*→COH*)
between the explicitly calculated and scaled values. The average absolute deviation (ΔUL | scaled −
ΔUL | explicit) in Figure 3-6(a) is 0.09 V-RHE indicating that the scaling relationships reasonably
capture the preferred selectivity of CO* reduction across the close-packed surfaces of the
transition metals. The average absolute deviation across stepped surfaces (Figure 3-6(b)) and
solvated intermediates (Figure 3-6(c)) is 0.14 V-RHE and 0.58 V-RHE respectively, suggesting
that the scaling approximations applied towards studying COH*/CHO* selectivity are highly
sensitive to the surface facet and solvation included in the model.
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3.4

Conclusions

We examine the model choices that impact trends across the reaction intermediate
binding energies and the limiting potential for CO2 ER activity/selectivity across transition metals
including Pt, Ni, Co, Cu and Au. While these analyses neglect potential-dependent reaction
kinetics and competitive surface coverage effects, we evaluate this approach for its common use
in deriving scaling relationships for electrocatalyst screening. It is therefore, important to
understand the role of model choices in such studies. The effect of the exchange-correlation
functional, surface facet and the presence of explicit solvation on the stability of the surface
intermediates, including, COOH*, CO*, CHO* and COH* was investigated. Our results show
overbinding of the surfaces intermediates by 0.3 eV with PBE relative to the RPBE functional on
close-packed surfaces. The binding strength of the surface intermediates showed surface facet
dependence, with COH* and COOH* binding relatively weaker by 0.26 V (average) on stepped
facets. The inclusion of explicit solvation in the DFT models, in general, decreased the UL trends
for CO*→COH* reduction. The efficacy of scaling correlations was evaluated using these
theoretical considerations. The selectivity of the CO2 ER derived using scaling correlations was
found to differ from explicitly calculated values due to the deviations from the linear scaling
relation when the theoretical choices, in particular the effect of solvation, used in the DFT-based
models were changed. We conclude that there are significant differences among facets in key
CO2 reduction energetics, and that direct DFT calculations, rather than scaling relations, should
include explicit solvation to probe these differences.
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Chapter 4

The impact of specifically adsorbed ions on the copper-catalyzed
electroreduction of CO2
This chapter is published as: S. A. Akhade, I. T. McCrum and M. J. Janik, Journal of The
Electrochemical Society 163 (6), F477-F484 (2016).

Abstract
Electrolytic ions are known to impact the rates of electrocatalytic reactions, though a
molecular understanding of the mechanism of such impact is not well understood. We employ
density functional theory to investigate the specific adsorption of potassium and iodine ions on
Cu (111), Cu (100) and Cu (211) electrode surfaces under CO2 electroreduction (CO2 ER)
conditions and explore their effect on the reaction energetics and binding strength of reaction
intermediates. The calculated equilibrium potentials for K* and I* adsorption (* denotes surfaceadsorbed species) suggest that a low coverage of adsorbed K* and/or I* is thermodynamically
favorable, at different pH, at CO2 ER overpotentials. Co-adsorbed I* serves to primarily weaken
CO* binding and may promote CO* desorption or subsequent formation of C-H bonds,
phenomena that are typically obstructed by a high surface coverage of CO*. Co-adsorbed K*
preferentially increases the binding strength of O-terminated species, including CO* and CHO*
relative to COH*. The presence of K* will shift the selectivity and kinetics of CO* reduction
towards the CHO* pathway by destabilizing the COH* formation transition state. The impact of
solvation in conjunction with the effects of ion specific adsorption on the energetics of CO*
reduction are also discussed.
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4.1

Introduction

The electrolyte composition impacts the catalysis of CO2 electroreduction at the
metal/electrolyte interface. Specific adsorption of electrolytic ions to the metal surface can alter
the availability of surface sites or the stability of adsorbed reaction intermediates. Subject to the
electrolyte composition and the electrode potential, ions may specifically adsorb on to the metal
surface1, 2. The specific interaction between an adsorbed ion and the metal surface is not only
electrostatic, but is characterized by the formation of a direct bond with some degree of charge
transfer. The distribution of ions and solvent molecules near the metal electrode impacts the rate
of important electrocatalytic reactions3, 4.
Early experiments by Hori and co-workers examined the electroreduction of CO2 and CO
on a Cu electrode in hydrogen-carbonate solutions of various alkali-metal cations and concluded
that cationic specific adsorption greatly affected the product selectivity of CO2 ER5. H2 evolution
was dominant over CO2 reduction on the Cu electrode with a Li+ containing supporting
electrolyte. The selectivity of C2H4/CH4 increased with the cation size: Li+ < Na+ < K+ < Cs+. In
another study, Hori et al. rationalized the variation of the electrode potential with solution
properties during CO2 ER on a Hg electrode due to the specific adsorption of larger cations, from
Li+ to Na+ to K+ 6. Anagnostopoulus and co-workers reported increasing faradaic yields of
ethylene during CO2 ER on copper electrodes with the cation order: Cs+ ~ K+ > Li+ 7. Ito et. al
demonstrated an increase in the current efficiency of CO2 ER on an In electrode in alkali-metal
carbonate solutions in the order: Rb+ > K+ > Na+ > Li+ 8. Several studies showed that the presence
of SO42− and CO32− enhanced the faradaic yield of CO2 ER relative to PO42− anions in solutions
using various sp- and d-group metal cathodes9-12. Zhou and co-workers reported higher faradaic
efficiencies up to 95% of formate during CO2 ER on a Sn electrode with Na+ and SO42− supported
electrolytes, while HCO3− and K+ containing electrolytes enhanced the production rate of formate
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over 3.8 μmol min−1 at a faradaic efficiency of 63%13. These studies substantiate that electrolyte
composition impacts the CO2 ER activity, yet highlight the lack of molecular-scale insight into
how ions impact these differences. Recently, Strasser and co-workers added 0.3 M potassium
halide (KCl, KBr and KI) to KHCO3 electrolyte during CO2 ER on Cu electrodes, and found that
the faradaic selectivity and production rate of CO and CH4 can be tuned with the concentration
and the nature of added halide (Cl−, Br− and I−). The authors concluded that the modifications in
the electrocatalyst performance are mainly attributed to halides adsorbed on the copper surface 14.
A mechanistic link between the electrolyte composition, electrode potential, and electrode
composition in dictating the CO2 ER activity and selectivity is needed to rationally design the
system.
The role of anions, including halides (F−, Cl−, Br− or I−), cyanide, sulfate, perchlorate and
phosphate, in affecting surface electrochemical processes has been previously investigated using
theoretical and STM, SXS and vibrational spectroscopy (IRAS) techniques15-29. Single crystal
studies using platinum provided clear evidence of anions affecting the rate of electrochemical
reactions including oxygen reduction (ORR), hydrogen evolution (HER), and methanol electrooxidation reactions via specific adsorption30-34. While anions are known to specifically adsorb
onto metal surfaces at high electrode potentials and low pH conditions, cations can specifically
adsorb at lower electrode potentials and higher pH. Unlike anion specific adsorption, the
phenomenon of specific adsorption of cations has seen limited investigation despite evidence of
the cation identity uniquely altering the rate of electrochemical reactions. In previous studies by
Markovic and co-workers, the catalytic activity of platinum towards ORR, hydrogen oxidation
(HOR) and methanol oxidation in alkaline electrolytes varied with the alkali-metal cation in the
order: Li+ << Na+ < K+ < Cs+

35, 36

. Sitta et. al examined the effect of alkali cation on the

oscillatory electro-oxidation of alcohols (CH3OH, C2H4(OH)2, C3H5(OH)3) in alkaline media and
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reported that the oscillation frequencies followed an inhibition trend in the order of KOH >
NaOH > LiOH in which the alkali-metal cations exhibited a site blocking effect due to noncovalent interactions37, 38. While the role of cations in these investigations is rationalized via nonspecific interactions, the exact mechanism through which cations exert their influence is not well
understood.
Due to the complex nature of the electrochemical interface, the experimental
identification of the mechanism by which electrolytic ions affect surface electrochemical
processes is highly challenging. Density Functional Theory (DFT) calculations provide a useful
tool for examining the phenomenon of ion specific adsorption on metal surfaces. Recently, our
group computed the equilibrium potentials for specific adsorption of alkali and alkaline earth
metal cations on fcc (111) electrode surfaces and confirmed that the cations could specifically
adsorb in the potential ranges of HOR and HER catalysis in alkaline solutions 39. Henson and coworkers examined the role of adsorbed alkali-metal cations (Li+, Na+ and K+) on hydrogen
adsorption on Pt (111), Pt (100) and Pt (110) surfaces and demonstrated that cation adsorption
was competitive with hydrogen adsorption in alkaline media40. We previously employed DFT to
compute the specific adsorption of aqueous halides (F−, Cl−, Br− and I−) on Cu (111), Cu (100)
and Cu (211) surfaces and reported that the adsorption depended weakly on the surface facet
relative to the ion identity41. The adsorption preference, in order of the lowest equilibrium
adsorption potential, was calculated as: F− < Cl− < Br− < I−. This study also examined the effect of
solvation on the thermodynamic favorability of halide adsorption by explicitly adding water
molecules to the copper surface. While these studies provide useful insight on ion surface
coverage and the preferred potential range where specific adsorption is favorable; the subsequent
effects on CO2 ER have not been addressed previously. Specifically, adsorbed ions can impact
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electrocatalytic rates by site blocking or via complicated interactions that alter the binding
strength or coverage of reactive intermediates present on the metal surface.
In this study, we use DFT to investigate whether ions specifically adsorbed to copper
electrodes impact the elementary step energetics of CO2 ER. We postulate that, in a similar
fashion that anions impact interfacial chemistry via specific adsorption, cations may specifically
adsorb onto the metal electrodes at high pH and low potentials. In line with Hori’s rationale 6, we
hypothesize that the mechanistic modifications of CO2 ER and differences in selectivity in the
presence of ions can be attributed to the ion specific adsorption on the electrode surface. The
specifically adsorbed ions can (i) block active sites and affect the total available surface sites for
electroreduction, (ii) affect the binding strength of reaction intermediates, and (iii) influence the
kinetic barriers of elementary reactions. DFT can decouple these effects with a simplified
description of the electrochemical environment. This work focuses on the impact of specifically
adsorbed ions on the electroreduction of CO2 at different copper surface facets. The binding
strength of the reaction intermediates and key reaction energetics are computed with and without
ion specific adsorption.
We first employ DFT to estimate the equilibrium adsorption potential (U0) of the
specifically adsorbed ions to determine the favorability of adsorption on the copper surface at
CO2 electroreduction conditions. In particular, we consider the specific adsorption of K+, I− and
co-adsorbed (K+ + I−) on Cu (111), Cu (100) and Cu (211) surfaces at a low surface coverage (θion
= 1/9th ML). Of the alkali metal cations, K+ is selected due to its ability to adsorb more favorably
to the metal surface than Li+ and Na+

39

and for its preferred usage in CO2 ER experiments42, 43.

Previous results show that halide adsorption on the metal surface is more favorable than other
anions including sulfate and phosphate15. While I− is less commonly employed, our previous
findings reveal that I− adsorbs more favorably than F−, Cl− and Br− onto the copper surfaces41.
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Recent experimental evidence of CO2 ER on copper electrodes in the presence of halides
demonstrate that addition of I−, relative to Br− and Cl−, dramatically impacts the selective
production of CH4 14.
CO* (where * denotes surface-adsorbed species) reduction is the key activity and
selectivity determining step in the CO2 electroreduction path on copper electrodes44-47. The effect
of adsorbed K* and I* (where * denotes surface-adsorbed species) is investigated on the binding
strength and reaction free energy (G) of three CO2 ER intermediates: CO*, CHO* and COH*. In
previous electrokinetic DFT studies, the key selectivity determining step in the production of
CH4/CH3OH was determined to be the reduction of adsorbed CO* to form either CHO* or COH*
44, 48

. The path to form CH4 proceeds via the COH* intermediate which is cleaved to form surface

carbon C* and water. The surface carbon C* is successively reduced to form CH 4. The alternate
path proceeds via the CHO* intermediate, which could yield CH3OH through successive
reduction, but is also likely a path that leads to dimerization or C2 formation49. To examine the
effect of the specifically adsorbed ions on the selectivity determining step of CO* reduction, we
compare the potential-dependent reaction free energies and activation barriers of two steps:
CO*→CHO* and CO*→COH* in the presence of K* and I*.
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4.2

Methods and Computational Details

Electronic structure calculations were performed using the Vienna ab initio Simulation
Package (VASP v. 5.3.3)50-52 with the Projector Augmented Wave method53, 54 for core-valence
treatment. The Perdew-Burke-Ernzerhof (PBE)55,

56

exchange-correlation functional described

within the Generalized Gradient Approximation (GGA)57 was employed. The plane-wave basis
set cutoff energy was set to 450 eV. A Monkhorst-Pack58 k-point mesh of 5×5×1 and 5×5×5 was
used to sample the Brillouin zones of all surfaces and bulk structures respectively. The Fermi
level was smeared with the Methfessel-Paxton59 scheme using a Gaussian width (σ) of 0.2 eV for
surfaces and 0.003 eV for isolated molecules. The ionic convergence limit for unconstrained
atoms was set to 0.02 eV/ Å while the self-consistent electronic convergence limit was set to
1×10-5 eV. A periodic surface slab model was employed to construct the copper surfaces: Cu
(111), Cu (100), Cu (211) using an experimental lattice constant (a

Cu

= 3.62 Å). The surfaces

were modeled as a 3×3 supercell with a thickness of four metal layers and ~15 Å of vacuum to
exclude pseudo-slab interactions. The bottom two layers of the slab were constrained to imitate
the bulk arrangement while the top two layers were relaxed. This surface cell allows for isolation
of ion-intermediate interactions at low total surface coverage. Structural optimization of the
surface bound species was conducted by initially considering high symmetry configurations
(atop, bridge, fcc and hcp) of the adsorbate on Cu (111), Cu (100) and Cu (211) to compute the
lowest energy stable configuration. The transition state and the corresponding activation barriers
were calculated using the climbing-image Nudged Elastic Band (CI-NEB) method60 with 4-5
intermediate images. Vibrational frequency calculations were performed to confirm transition
states. The optimized site preference, final converged configurations of the surface-bound
adsorbates and transition states are presented in the Supplementary Information.
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4.2.1

Estimation of Free Energies (G)
The free energy of surface bound species X* (GX*) is calculated using Equation (1) and

includes vibrational correction terms that correct the free energy from 0 K to 298 K. For the
chemical potential of gas-phase species X0(g), computed at standard conditions of 298 K and 1 atm
pressure, all degrees of freedom are included in the enthalpy and entropy corrections as shown in
Equation (2). For liquid water, the gas-phase free energy is determined at the room-temperature
vapor pressure of water (pH2O = 0.031 atm). The free energy of solid-phase species X(s) (GX(s)) is
set equal to their DFT energy as shown in Equation (3):

GX *  E XDFT
 E XZPVE
 U Xvib*  TS Xvib*
*
*

(1)

GX 0  E XDFT
 E XZPVE
 (U Xtrans
 U Xrot0  U Xvib0 )  T ( S Xtrans
 S Xrot0  S Xvib0 )  PV
0
0
0
0

(2)

GX ( s )  E XDFT
(s)

(3)

(g)

(g)

(g)

(g)

(g)

(g)

(g)

(g)

(g)

G represents the free energy of constituent X that may be a surface bound (X*), gas-phase (X(g)) or
solid (X(s)) species. EDFT and EZPVE refer to the 0 K DFT and zero-point vibrational energy
with U, TS and PV as the entropy, internal energy and pressure-volume corrections,
respectively. The free energy of aqueous-phase iodide, I−(aq) and potassium ion, K+(aq), are
computed using the standard-state free energy of iodine gas, I 2(g) (assuming ideal gas
behavior), and solid potassium, K(s) respectively, along with the experimental standard
reduction potential (U0)61, 62 in V-SHE as shown in Equations (4)-(7) . Equations (5) and
(7) are valid when the free energy change of iodide and potassium dissolution is zero.

I 2  2e   2 I aq

(4)

1
GI  ( aq )  GI 2 ( g )  eU I02
2

(5)
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K (aq )  e   K ( S )

(6)

GK  ( aq )  GK ( s )  eU K0

(7)

where e represents the absolute value of the elementary charge. Standard reduction potential
values (at 25 ○C) of U0 I2 = 0.54 V-SHE and U0 K = −2.93 V-SHE are used.

4.2.2

Estimation of Equilibrium Adsorption Potential (U0 NHE) for Ion Adsorption
The specific adsorption of iodide and potassium ions onto the solvated copper surface is

described in Equations (8) and (9) respectively:

( H 2O)*n  I aq
 I ( H 2O)*n  e 

(8)


( H 2O)*n  K aq
 e   K ( H 2O)*n

(9)

where (H2O)n* represents the copper surface with n H2O molecules explicitly adsorbed, I(H2O)n*
and K(H2O)n* represent surface-adsorbed iodide and potassium solvated by n H2O molecules and
I−(aq) and K+(aq) are the aqueous-phase ions. Owing to the difficulty in representing a
dynamic ensemble of the H 2O molecules within the framework of DFT, we instead resort
to the use of a static explicit structure of H 2O molecules at a local minimum. Final
converged structures of solvated K* and I* on the copper surface are presented in the
Supplementary Information. Detailed discussions on the adopted approach to model ion
solvation was previously reported 39,

41

. We neglect longer range solvent stabilization of

adsorbed ions in this model, which would act only to further stabilize adsorbed species.
The thermodynamic free energy change (ΔG) of solvated ion adsorption as a function of
the electrode potential on an NHE scale (UNHE) is calculated using Equations (10) and (11):
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GIADS U NHE   GI ( H 2O )n *  G( H 2O )n *  GI  ( aq )  eU NHE 

GKADS U NHE   GK ( H 2O )n *  G( H 2O )n *  GK  ( aq )  eU NHE 

 I ( H O ) *  ( H O ) *
2

n

2

n

d

(U NHE  U PZC )

 K ( H O ) *  ( H O ) *
2

n

2

d

n

(10)

(U NHE  U PZC )

(11)

where the free energy of aqueous-phase ions (G(aq)) is calculated using Equations (5) and (7), μ
represents the dipole moment in the surface normal direction, UPZC is the potential of zero
charge and d represents the Helmholtz layer thickness. The last term serves as a correction
to the free energy change of ion adsorption and accounts for the interaction between the
surface dipole moment (μ X(H2O)n* − μ(H2O)n*, due to charge retention of the adsorbed ion)
and the electrode/electrolyte interfacial electric field (UNHE – UPZC)/d. This term
effectively allows ion adsorption with partial electron transfer. The formalism for this
correction has been previously reported 39,

41, 63

, and we approximate a UPZC of 0 V-RHE

and d of 3 Å as used in these previous studies. The equilibrium adsorption potential (U0NHE)
for iodide and potassium adsorption is calculated using Equations (10) and (11), when ΔGADS =
0, as shown in Equations (12) and (13):
U I0NHE 

GI ( H 2O )n *  G( H 2O )n *  GI  ( aq )

U K0 NHE 

e 

 I ( H O ) *  ( H O ) *
2

n

2

(12)

n

d

GK ( H 2O )n *  G( H 2O )n *  GK  ( aq )
 e 

 K ( H O ) *  ( H O ) *
2

n

2

d

n

(13)
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4.2.3

Estimation of Binding Energies (BE)
The binding energies of all surface-bound CO2 ER intermediates are calculated using

Equation (14). Equation (15) is employed to estimate the effect of the co-adsorbed ion on the
binding energy of the CO2 intermediate.
DFT
BE  Cx H y Oz   ECDFT
 EClean
 ECDFT
x H y Oz *
x H y Oz ( g )

(14)

DFT
DFT
BE  Cx H y Oz  Ion   ECDFT
 EIon
*  EC x H y Oz ( g )
x H y Oz *  Ion*

(15)

where * denotes surface-adsorbed species, and E DFT
𝐶𝑥 𝐻𝑦 𝑂𝑧 (𝑔) is the gas-phase DFT energy of
the CO2 ER intermediates.

4.2.4

Estimation of potential-dependent reaction energies
The reaction free energy change (ΔG) of CO2 ER reactions as a function of electrode

potential U can be calculated on a reversible hydrogen scale (RHE) using the computational
hydrogen electrode (CHE) model63. The relative free energy of an intermediate COxHy* formed
from CO2(g) in the CO2 ER pathway as shown in Equation (16) is calculated using Equation (17).
To estimate the effect of a co-adsorbed ion on reaction free energies of CO2 ER, Equation (17) is
modified to account for the free energy of the adsorbed ion as shown in Equation (18).
CO2( gas )  ( y  2 x  4) H (aq )  ( y  2 x  4) e   COx H y*  (2  x) H 2O( aq )

(16)

G U   GCOx H y *  G*  GCO2 ( g )   2  x  GH 2O  aq   ½  y – 2 x  4  GH 2  g    y – 2 x  4  eU

(17)

G U   GCOx H y *  Ion*  GIon*  GCO2 ( g )   2  x  GH 2O  aq   ½  y – 2 x  4  GH 2  g    y – 2 x  4  eU

(18)
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4.2.5

Estimation of potential-dependent Activation Barriers (ΔGACT(U))
We have previously developed a simple, transferable method to approximate a potential-

dependent activation barrier for a surface-mediated elementary electrochemical reaction

44, 48, 64

.

DFT models are unable to accurately capture the chemical potential of an aqueous phase proton
in bulk electrolyte, within limited unit cells and static H2O structures. We assume that the
reduction reaction in Equation (19) can be approximated as an inner shell reaction, with the
transition state being local to the surface species (A*) and that electron motion is rapid once the
nuclei attain the transition state. Under these assumptions, we can use local models of adsorbed
species and the ion being transferred such that the elementary electrochemical reaction (Equation
(19)) can be recast in the form of an analogous non-electrochemical reaction as shown in
Equation (20). The main approximation of this method is that the transition state located for the
analogous non-electrochemical reaction (Equation (20)) is equivalent to the potential-dependent
reaction (Equation (19)) at a specific potential U0. The equilibrium potential for the addition of H
into the DFT model cell (to form (A*+H*)), denoted by U0 in Equation (21), allows the
determination of the electrode potential at which the proper reference reactant state, A* + H+ + e−,
and its intermediate state, (A + H)* have the same chemical potential. This allows the energy of
the transition state to be referenced back to the chemical potential of the ion in the bulk
electrolyte.

A *  H   e   AH *

(19)

( A  H ) *  AH *

(20)

U0 

 GA* H *  GA*  ½ GH 2  g 
e

(21)

95
The activation barrier corresponding to the transition state of the reaction in Equation
(20) is labeled G0act and is the barrier obtained from DFT with ZPVE corrections at U = U0. The
barrier can be extrapolated to other potentials using the Butler-Volmer formalism as shown in
Equation (22)64
0
Gact (U )  Gact
(U 0 )   (U  U 0 )

(22)

where β denotes an effective reaction symmetry factor, similar to the Brønsted-Evans-Polanyi
coefficient65 and typically varies between 0.3 and 0.766. In this study, we approximate β = 0.5 for
all reactions. While future work will address improved estimation of the symmetry factor for
various elementary steps, within the scope of this study, we assume that the relative activation
barriers with and without ion co-adsorption will have minor variations in the values of β.
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4.3

4.3.1

Results and Discussion

Equilibrium adsorption potentials of K* and I* on Cu (111), Cu (100) and Cu (211)
The equilibrium adsorption potentials, U0 (in V-NHE), for K+ and I− adsorption in a low-

coverage limit (θ = 1/9th ML) on Cu (111), Cu (100) and Cu (211) surfaces were calculated using
Equations (12) and (13) and are summarized in Table S1 of the Supplementary Information. A
low-coverage limit is considered based on previous studies that concur that the favorability of
adsorption decreases with increasing coverage, most likely due to the steric or Coulombic
repulsion between adjacent ions at higher coverages41,

67

. The specific adsorption of K+ is

0
favorable at any potential more negative of 𝑈𝐾∗
, while I− adsorbs favorably at potentials more
0
positive of 𝑈𝐼∗
. Iodide adsorption is more favorable on the Cu (100) (U0 = −0.89 V-NHE) and Cu

(211) (U0 = −0.85 V-NHE) surfaces and least favorable on the Cu (111) surface (U0 = −0.59 VNHE). The favorability of potassium adsorption on the copper surfaces follows the order: Cu
(211) (U0 = −2.04 V-NHE) > Cu (111) (U0 = −2.50 V-NHE) > Cu (100) (U0 = −2.65 V-NHE).
The effect of surface solvation on the equilibrium potentials of K* and I* adsorption was
investigated by explicitly solvating K* and I* with up to 4-6 water molecules. Surface solvation
dependence on the equilibrium adsorption potential of ions was calculated by systematically
varying the number of explicit water molecules and is reported in Figure S14 of the
Supplementary Information. Based on the analyses, we observe that the equilibrium adsorption
potential is converged with respect to the number of explicit water molecules included with 6
molecules, albeit with noise that remains significant on the 111 surface.

The equilibrium

adsorption potentials of the explicitly solvated ions (Table S1) and the final converged
configurations are reported in the Supplementary Information. Solvation increases the
0
favorability of specific adsorption of K+ by shifting 𝑈𝐾∗
to more positive potentials. The shift is
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greatest on Cu (100) (1.14 V) followed by Cu (211) (0.73 V) and Cu (111) (0.41 V). This
significant increase in adsorption favorability when surface solvation is included matches
approximately the solvation interactions during alkali cation specific adsorption onto Pt (111)39.
Relative to K+, the effect of solvation on I− adsorption across the copper surfaces is minimal with
0
a shift of 0.01-0.02 V-NHE in 𝑈𝐼∗
values on Cu (111) and Cu (211) surfaces and 0.16 V-NHE on

Cu (100). The relative impact of solvation can be rationalized by examining the charge retained
by the ion upon adsorption and the resulting surface normal dipole moment (Figures S4 and S5 of
the Supplementary Information). The magnitude of the surface dipole moments is significantly
larger for adsorbed K* relative to I*, indicative of the higher amount of charge retained by K*
than I*. By explicitly solvating K*, the surface dipole moment is lowered while K* retains more
charge due to the H2O molecules that stabilize the adsorbate. Conversely, due to the small surface
dipole moment and lower charge retention of I*, the effect of solvation on the stability of I* is
minimal. This observation concurs with our previous investigations of the effect of solvation on
the adsorption favorability of aqueous-phase halides on copper surfaces41.
Figure 4-1 shows the equilibrium adsorption potentials, U0 (in V-NHE), for explicitly
solvated K* and I* in a low-coverage limit (θ = 1/9th ML) on Cu (111), Cu (100) and Cu (211)
surfaces. This Pourbaix diagram thus indicates potential-pH regions at which specific adsorption
of potassium and iodide on the copper surfaces is thermodynamically favorable. The solid black
line in Figure 4-1 shows the thermodynamic equilibrium potential (U0 = 0.17 V-RHE)46 for CO2
reduction to CH4 (CO2 + 8 H+ + 8 e− → CH4 + 2 H2O). Previous experiments, however, have
typically reported significant operating overvoltages of more than 0.5 V on copper electrodes to
produce appreciable product yields68, 69. Under CO2 ER conditions, we expect a low coverage of
iodide to adsorb on all three surface facets, with I* stability extending to larger CO2 reduction
overpotentials at low pH and on Cu (211) and Cu (100) facets. A low coverage of K* can adsorb
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Figure 4-1. Pourbaix diagram for adsorbed K* (teal), I* (brown) and co-adsorbed (K* + I*)
(green) explicitly solvated using six H2O molecules on (a) Cu (111), (b) Cu (100) and (c) Cu
(211) surfaces. Solid black line denotes the thermodynamic equilibrium reduction potential for
CO2 → CH4.

favorably at higher pH values on all three facets, though a significant CO2 ER overpotential is
required for K* adsorption on the Cu (111) facet.
Though the potential ranges of isolated K* and I* formation do not overlap, the expected
attraction between them could create a potential window in which the co-adsorption of K* + I* is
favorable. We, therefore, also compute the equilibrium potential range that favors their coadsorption. Figure 4-1 also shows the potential window within which the co-adsorption of
0
explicitly solvated K* and I* is favorable. On Cu (111), the 𝑈𝐾∗
value shifts from −2.09 to −1.24
0
V-NHE due to I* co-adsorption, while the 𝑈𝐼∗
value shifts from −0.58 to −1.45 V-NHE when K*

is co-adsorbed, giving rise to a potential window within which K* and I* can co-adsorb on the Cu
(111) surface. Under high pH CO2 ER operating conditions, co-adsorption of K* and I* is only
favorable on the Cu (111) surface when explicit solvation effects are considered, and only under a
0
narrow potential range (−1.45 < 𝑈𝐾∗+𝐼∗
< −1.24 V-NHE). Similar narrow potential ranges for K*

+ I* co-adsorption are observed for Cu (211) and Cu (100), as shown in Figure 4-1. Since the coadsorbed ions are stabilized due to their attractive interaction, as evidenced by a higher charge

99
retention (see Figure S5), it is plausible that higher coverages of co-adsorbed K* + I* could be
favorable and expand the co-adsorption window.

4.3.2

Effect of adsorbed K* and I* on the binding energies of CO2 intermediates
To calculate the effect of co-adsorbed ions on the binding strength of the reaction

intermediates, the ions and the reaction intermediates were adsorbed at their preferred site in a
3×3 unit cell (θ = 1/9TH ML/adsorbate). The ions were placed in the preferred site nearest to the
reaction intermediate to quantify their interaction. Figures 4-2 and 4-3 illustrate a top view of the
configurations used in modeling CO* reduction to CHO* and COH* (with explicit solvation)
with and without ion co-adsorption on Cu (111), the results of which are elaborated in greater
detail in the subsequent sections. The final converged configurations of the reaction intermediates
with co-adsorbed ions on Cu (100) and Cu (211) surfaces are reported in the Supplementary
Information. Figure 4-4 shows the variation in the binding energy of CO2 ER intermediates on
three copper facets with ion co-adsorption. The binding energies of the CO2 ER intermediates are
calculated using the gas-phase molecular energies as reference. More negative binding energy
values correspond to stronger binding of the intermediates with the copper surface. The binding
strength of the CO2 ER intermediates on all three copper surfaces varies in the order: COH* >
CHO* > CO*. The O-terminated species, including CO* and CHO*, bind slightly stronger to the
stepped Cu (211) facet than the close-packed Cu (100) and Cu (111) facets (Figure 4-4(a)-(b)).
This trend is reversed in the case of COH* (Figure 4-4(c)) which binds weakest to Cu (211) and
strongest to the Cu (100) surface.
When I* is co-adsorbed on the copper surface, the CO2 ER intermediates bind weaker, on
average by 0.14 eV. For all CO2 ER intermediates, the weakening effect due to I* co-adsorption
is most pronounced on Cu (211) (ΔBE ~0.26 eV), then Cu (100) (ΔBE ~0.11 eV) and least on Cu

100
(a)

(b)

(c)

Figure 4-2. Top view of the initial, transition and final state of CO*→CHO* reduction via
direct surface hydrogenation on Cu (111) without ion co-adsorption (a), with co-adsorbed K*
(b) and with co-adsorbed I* (c). (Orange = copper, purple = potassium, brown = iodine, gray =
carbon, red = oxygen and white = hydrogen)

(111) (ΔBE ~0.08 eV). Conversely, the effect of co-adsorbed K* is opposite but similar in
magnitude to co-adsorbed I*. K* co-adsorption strengthens the binding of the CO2 intermediates
on the copper surfaces, on average by 0.16 eV. The effect of co-adsorbed K* is more apparent on
the binding strength of O-terminated species (CO* and CHO*) than COH*, indicated by the
smaller surface dipole moments (Figure S10), with the effect most pronounced on the Cu (111)

101
surface (ΔBE ~0.20 eV) and the Cu (100) (ΔBE ~0.16 eV), least on Cu (211) (ΔBE ~0.01 eV)
surfaces. Thus, while co-adsorbed I* weakens the binding of all CO2 ER intermediates, coadsorbed K* generally promotes stronger binding of the intermediates, more so the O*terminated species (CO* and CHO*).

(a)

(b)

(c)

Figure 4-3. Top view of the initial, transition and final state of CO*→COH* reduction via
solvation assisted H-shuttling on Cu (111) without ion co-adsorption (a), with co-adsorbed K*
(b) and with co-adsorbed I* (c). (Orange = copper, purple = potassium, brown = iodine, gray =
carbon, red = oxygen and white = hydrogen)

102
Under operating CO2 ER conditions, solvation coupled with co-adsorbed ions likely play
a crucial role in affecting the binding strength and stability of the CO2 ER intermediates.
Explicitly solvated K* (shown in Figure 4-4) serves to strengthen the binding of CO2 ER
intermediates by 0.29 eV on average relative to co-adsorbed K* alone. Since solvation effects on
I* adsorption is minimal, as reported in the previous section, we only explore the impact of
explicitly solvated K* on the binding of the CO2 ER intermediates. Solvation alone serves to
stabilize the CO2 ER intermediates on the copper surfaces, with a significant effect on COH*
(0.58 eV) relative to CHO* (0.35 eV) and CO* (0.15 eV) on the copper surfaces. The preferential
stability of COH* with inclusion of explicit solvation can be attributed to a strong H-bond
network. When the effects of K* co-adsorption are taken into account, however, the stability of
COH* due to explicit solvation is reduced from 0.58 eV to 0.34 eV. Since co-adsorbed K* retains
most of its charge, we expect strong cation-water interactions to disrupt the H-bond network and
lower the binding stability of COH* on the copper surfaces.
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Figure 4-4. Binding energy BE (eV) of CO2 ER intermediates including (a) CO*, (b) CHO*
and (c) COH* on the Cu (111), Cu (100) and Cu (211) surfaces without ion co-adsorption
(black ■) and with co-adsorbed I* (orange ■), K* (blue ■), explicitly solvated K* (dotted blue
).
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4.3.3

Effect of adsorbed K* and I* on the CO2 ER elementary reaction energies
Figure 4-5 shows the reaction free energy diagram for CO* reduction on Cu (111), Cu

(100) and Cu (211) at U = −0.5 V-RHE with and without ion co-adsorption. Before considering
the effects of co-adsorbed ions, we summarize the reaction free energies of CO* formation and
reduction without co-adsorbed ions. The relative reaction energy of CO2 gas reduction to CO*
formation is downhill in energy on all three copper facets, suggesting that the CO* formation is
thermodynamically viable at U = −0.5 V-RHE. The reaction energy of CO* reduction to CHO*
on copper is more favorable by 0.34 eV on average than that of CO*→COH*, with reduction
being more favorable on Cu (211) > Cu (100) > Cu (111). Previous DFT studies on the reaction
mechanism of CO2 ER on Cu (111) report that solvation plays a crucial role in lowering the
activation barriers of OH bond formation and preferentially reducing CO*→COH*44,

48

.

Differences in the reaction energetics and selectivity of CO* reduction due to solvation and
explicitly solvated ions are addressed in the latter part of the section.
The reaction energies of the CO2 ER intermediates are significantly affected by the
presence of co-adsorbed K* and I*, as seen in Figure . K* promotes CO* formation, whereas coadsorbed I* weakens the relative energy of CO* formation from CO2 (gas) with the effect most
pronounced on Cu (211) (0.34 eV) > Cu (100) (0.14 eV) ~ Cu (111) (0.067 eV). In our recent
study, we confirmed that a tendency to form a high coverage of CO* on transition metals
obstructed access of H* to the metal surface sites and prevented subsequent C-H bond
formation70. The presence of co-adsorbed I* could lead to more CO gas phase products by
reducing the CO* binding strength. This is evident in Figure 4-5(c), where the reaction energy of
CO* formation on Cu (211) at U = −0.5 V-RHE differs by only 0.1 eV from the standard gasphase CO formation energy.
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Figure 4-5. Relative free energy (eV) of CO2*→CO* and CO*→COH*/CHO* reduction at U =
−0.5 V-RHE on (a) Cu (111), (b) Cu (100) and (c) Cu (211) surface without ion co-adsorption
(gray ) and with co-adsorbed I* (orange ■), K* (blue ■). Preferred reduction pathway is
illustrated by the solid lines. All free energies are referenced to the free energy of gas-phase CO2
(ΔGCO2(g) = 0) at 298 K and 1 atm pressure (black dotted line). Red bar indicates the free energy to
form gas-phase CO at standard conditions.

While co-adsorbed I* weakens the stability of both CHO* and COH* on the copper
surface, co-adsorbed K* increases the stability of CHO* on the copper surfaces relative to COH*.
On Cu (211), the decreased stability of CO* due to co-adsorbed I* reduces the reaction free
energy of CO*→CHO* reduction from 0.21 eV to 0.06 eV and from 0.77 eV to 0.68 eV for the
CO*→COH* reduction step. On Cu (100), the relative reaction free energy of CO*→COH*
remains largely unaltered with K* co-adsorption, but the reaction free energy of CO*→CHO* is
reduced by 0.20 eV, making the pathway exergonic at U = −0.5 V-RHE. Table 4-1 summarizes
the differences in the relative free energy of COH* and CHO* with and without ion coadsorption. Positive values reflect GCOH* > GCHO*, with higher stability towards CHO* formation.
Co-adsorbed I* weakens the stability of both CHO* and COH* slightly, while co-adsorbed K*
increases the relative stability of CHO* over COH* significantly on all copper surfaces. The
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preferred stability of CHO* over COH* with K* adsorption can be attributed to the higher
sensitivity of CHO* BE to co-adsorbed K* than that of COH*.
Table 4-1 also compares the relative stability of CHO*/COH* when solvation effects are
considered. Solvation preferentially stabilizes COH* with a strong H-bond network, with the
effect most pronounced on Cu (100) > Cu (111) >> Cu (211). The use of a single explicit H2O
molecule in our DFT models to calculate the relative stability of CHO*/COH* is an
approximation to the fully solvated electrode/electrolyte interface, with the stability of the
adsorbed species being subject to the structure of explicit solvation used. In our previous study,
including explicit surface solvation using a single water molecule was found to shift the relative
trends in CHO* and COH* binding on Pt, Ni, Co, Cu and Au surfaces by 0.41 eV and 0.60 on
average respectively

47

. Adding additional water molecules up to a water bilayer has been

previously shown to further stabilize the adsorbates by 0.1-0.2 eV

48

, though with additional

computational demands. The use of a single explicit water molecule serves to capture the major
effect of surface solvation on the relative stability of CHO*/COH*. When explicit solvation and
K* co-adsorption are considered, the stability of CHO* over COH* is accentuated on the copper
surfaces, with the effect most pronounced on Cu (211). Thus, co-adsorbed K* with the inclusion

Table 4-1. Relative stability of COH* versus CHO* formation (in eV) as a function of ion coadsorption on copper surfaces
Cu(111)

Cu(100)

Cu(211)

Without co-adsorbed ion

0.27

0.21

0.56

With co-adsorbed I*

0.26

0.25

0.62

With co-adsorbed K*

0.62

0.36

0.72

With solvation

0.03

−0.12

0.46

With co-adsorbed solvated K*

0.66

0.31

0.95
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of solvation significantly promotes a CHO* path and generally stronger binding of all three
reaction intermediates to the copper surfaces. In contrast, I* does little to affect the selectivity of
CHO*/COH* formation, but will promote CO* desorption on the copper surfaces. The
differences in binding strength and relative stability of CHO* and COH* species with ion coadsorption play a crucial role in dictating the CO* reduction selectivity towards CHO*/COH* on
the copper surfaces. These conclusions are arrived at from a thermodynamic standpoint, however,
elementary kinetics and competitive surface coverage effects will impact the formation of CO*
and selectivity of CO* reduction to CHO* or COH*. In the next section, we address the impact of
co-adsorbed ions on the potential-dependent activation barriers of the CO* reduction to CHO*
and COH*.

4.3.4

Kinetic implications of specifically adsorbed ions on CO* reduction
Figure 4-6 shows the reaction energy diagram and the activation barriers for CO*

reduction to CHO* (Figure 4-6(a)) and COH* (Figure 4-6(b)) on Cu (111) at U = −0.5 V-RHE
with and without ion co-adsorption. The relative energies of CO* and CHO* formation shown in
Figure 4-6(a) are the same as those in Figure 4-5(a), with the corresponding activation barriers
now included. Figure 4-6(b) shows the relative energies of CO* and COH* formation modeled
with using one explicit water molecule. The corresponding initial, transition and final state
configurations of both elementary reduction steps are illustrated in Figure 4-2 and Figure 4-3. The
calculated activation energies (G0act), initial state formation potentials (U0) and activation energies
at U = −0.5 V-RHE computed using Equation (22) are reported in Table 4-2. Imaginary
frequencies along the reactive modes are also given in Table 4-2.
A direct surface hydrogenation mechanism is employed in calculating the barrier for
CO*→CHO* (C-H bond formation in Figure 4-2). The mechanism transfers H* to surface-
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Figure 4-6. Relative free energy (eV) diagram of (a) CO*→CHO* (via direct surface
hydrogenation) and (b) CO*→COH* (via water-assisted H-shuttling) reduction at U = −0.5 VRHE on the Cu (111) surface without ion co-adsorption ( ) and with co-adsorbed I* (orange
■), K* (blue ■). All free energies are referenced to the free energy of gas-phase CO2 ( ΔGCO2(g)
= 0) at 298 K and 1 atm pressure (black dotted line).

adsorbed CO* species. Previous DFT electrokinetic studies revealed that all C-H bond formation
reactions proceeded over lower barriers through surface hydrogenation paths, rather than proton
shuttling through water44, 48. This conclusion is intuitive given the expected role of the metal in CH dissociation steps and the principle of microscopic reversibility.
A solvation assisted proton shuttling mechanism is used in calculating the barrier for
CO*→COH* (O-H bond formation in Figure 4-3) based on previous reports wherein the barriers
associated with O-H bond formation and C-OH bond dissociation were significantly lowered via
the H-shuttling H* transfer mechanism44,

48

. Modeling the solvation assisted proton shuttling

mechanism using a single water molecule in our work is an approximation. Previous reports
indicate that the use of one explicit water molecule can lower the activation barrier of
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Table 4-2. Parameters in estimating potential-dependent activation barriers for the
electrochemical reduction of CO* to CHO* and COH* on Cu (111) assuming β = 0.5.
Elementary

G0act

U0

TSVIB

Gact at

(eV)

(V-RHE)

(cm–1)

–0.5 VRHE

Model
electrochemical step
CO* → CHO* No ion

No solvation

1.01

0.07

i 113.9

0.73

CO* → CHO* With K*

No solvation

0.84

0.09

i 239.8

0.55

CO* → CHO* With I*

No solvation

0.97

0.07

i 234.9

0.68

CO* → COH* No ion

1 H2O shuttle

0.65

0.13

i 814.9

0.33

CO* → COH* With K*

1 H2O shuttle

1.32

0.08

i 930.4

1.03

CO* → COH* With I*

1 H2O shuttle

0.59

−0.07

i 934.9

0.38

CO2→COOH* on Cu (111) by 0.8 eV and inclusion of a water bilayer can further stabilize the
barrier by 0.1-0.2 eV48. Although the water bilayer generally serves to improve the accuracy of
the solvation model and can influence the energetics of CO2 ER, the use of a single water
molecule in our model is expected to capture the relative variations in the activation barriers of
CO* reduction with and without ion co-adsorption.
Neglecting ion adsorption effects, the presented reaction energetics in Figure 4-6 and
Table 4-2 suggest that the CO* reduction to COH* on Cu (111) at U = −0.5 V-RHE has a lower
barrier of 0.33 eV compared to a barrier of 0.73 eV for CO*→CHO* reduction. The relative
reaction energy for CO*→COH* is also lower by 0.48 eV relative to CO*→CHO*, indicating
that solvation plays a crucial role in lowering the activation barriers of O-H bond formation and
the preferential selectivity of CO* reduction to COH*.
Co-adsorbed I* slightly weakens the stability of the CO2 intermediates and the activation
barriers of CO* reduction to CHO* and COH* on Cu (111) in the presence of co-adsorbed I* are
mainly unaltered (~0.05 eV) relative to without ion co-adsorption. Since co-adsorbed I* loses
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most of its charge, we expect it to have a low impact on the electron transfer at the transition state
for both mechanisms. Co-adsorbed K* preferentially increases the stability of CO* (0.23 eV) and
CHO* (0.36 eV) on Cu (111) as shown in Figure 4-6(a), however, decreases the stability of
solvated COH* by 0.33 eV (Figure 4-6(b)) by disrupting the H-bond network between COH* and
the water molecules. The activation barrier for CO*→CHO* reduction is lowered by 0.18 eV (at
U = −0.5 V-RHE) in the presence of co-adsorbed K*. The barrier for CO*→COH* reduction, via
the water-assisted proton shuttling mechanism, increases by 0.70 eV with co-adsorbed K*,
inverting the selectivity of CO* reduction to CHO* when the effects of co-adsorbed K* are taken
into account. The preferred selectivity towards CHO* formation with co-adsorbed K* can be
rationalized in terms of the higher charge retained by K* that increases the surface dipole
moment, thereby facilitating the electron transfer process from the surface to the transition state
in a surface hydrogenation mechanism. For the water-assisted proton shuttling mechanism, the
extreme 0.70 eV barrier increase occurs due to the difficulty in shuttling a positive charge through
a water molecule interacting with a partially positively charged K* species. The high charge on
K* (qK = +0.82 e) and the shuttling H* (qH = +1.00 e) in the transition state destabilizes the state
and increase the corresponding activation barrier, rendering the CO*→COH* path kinetically
unfavorable relative to CO*→CHO*. This specific 0.70 eV impact of K* is reliant on the relative
positions of K*, CO*, and H2O, however, the qualitative effect of K* retaining positive charge,
slowing H+ transfer to CO* adsorbed in its vicinity, is expected to be robust. Although the
solvation model, reaction mechanism and the approximations in estimating potential-dependent
activation barriers can give rise to quantitative variations in the activation barriers, the qualitative
impact of co-adsorbed K* on the kinetics and selectivity of CO* reduction are emphasized here.
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4.4

Conclusions

In summary, we have used DFT calculations to explore the impact of specifically
adsorbed ions on the reaction energetics of CO2 electroreduction on Cu (111), Cu (100) and Cu
(211) surfaces. The calculations show that under different pH conditions for CO2 ER, a low
coverage of I* and/or K* can be specifically adsorbed on the copper surfaces. The binding
strength of the CO2 ER intermediates is significantly affected by the presence of the specifically
adsorbed ions. Co-adsorbed I* generally weakens the binding of CO*, CHO* and COH*
intermediates and therefore will impact the surface coverage of the intermediates during CO 2 ER.
I* has a minor effect of the elementary reaction energetics between the reduction species. Coadsorbed K* strengthens the binding of all three CO2 ER intermediates and promotes the stability
of CO* and CHO* over COH*, thereby making paths through CHO* more favorable. The results
suggest that co-adsorbed I* can promote CO(g) formation, and may allow for greater subsequent
C-H bond formation by reducing the coverage of CO* and allowing for more surface H*. Coadsorbed K* may promote paths through the CHO* intermediate that can lead to C 2 products.
However, more rigorous microkinetic analyses are needed to draw robust product distribution
conclusions. By accounting for the presence of specifically adsorbed ions under CO2 ER
conditions, this study lays emphasis on the qualitative impact these ions can have on reaction
energetics of elementary electrochemical reactions.
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Chapter 5

A simple method to approximate electrode potential-dependent activation
energies using Density Functional Theory
This chapter is submitted for publication as: S. A. Akhade, N. J. Bernstein, Monica R. Esopi,
Michael J. Regula and M. J. Janik, Special Issue in Catalysis Today

Abstract
Density functional theory (DFT) examination of electrocatalytic mechanisms are useful
in fuel cell/electrolysis development, but the calculation of potential-dependent activation barriers
for elementary steps involving electron and ion transfer remains challenging. A simple and
transferable DFT approach to estimate these constant potential barriers for inner sphere
electrochemical reactions is presented. The challenge of finding the transition state for an
electrochemical reaction step (A* + H+ + e– → AH*, where * denotes surface-adsorbed species)
is met by using an equivalent analogous non-electrochemical reaction (A* + H* → AH*). The
transition state of the non-electrochemical step is referenced to an equilibrium potential (U0), at
which the analogous non-electrochemical state μ(H*) is in equilibrium with its equivalent
electrochemical state μ(H++e–), allowing for the barrier to be referenced to the chemical potential
of the ion in the bulk electrolyte. The potential-dependence is incorporated by extrapolating the
activation energy using Marcus theory. The first elementary step of CO2 electroreduction to
COOH* is used as a detailed example case for illustrating the method. Additional elementary
reduction reactions involving C-H, O-H and N-H bond formations are included to demonstrate
the transferability of the method. The method is simple and easy to implement to approximate
potential-dependent activation energies at the computational cost of a singly hydrogenation
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barrier calculation and can aid in the development of more active and selective catalysts for
electrochemical reactions.
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5.1

Introduction

With increasing energy demands there is a strong interest in developing efficient and
feasible electrochemical energy conversion and storage technologies. Rational design of
electrodes for fuel cells and electrolysis units requires mechanism determination for key
electrocatalytic reactions including the oxygen reduction reaction (ORR), the carbon dioxide
reduction reaction (CO2 RR) and the hydrogen evolution reaction (HER). A comprehensive
mechanism for multi-step electrocatalytic reactions includes knowing the potential-dependent
reaction energy and activation energy of every step. These parameters dictate the thermodynamic
feasibility and the kinetic rate of the electrocatalytic reaction of interest.
A theoretical description of the electrochemical interface is extremely demanding
due to the presence of the electrolyte at the electrode surface and the varying electrical potential
of the electrode. The electrified interface has active charge transfer and operates under nonequilibrium conditions when an electrochemical reaction occurs. Density Functional Theory
(DFT) based approaches have been developed to incorporate varying complexity towards
modeling this interface. In its simplest form, the computational hydrogen electrode (CHE) model
uses DFT based evaluation of adsorbate stability at the metal/vacuum interface to provide
potential-dependent reaction energies for elementary steps involving transfer of a proton-electron
pair. Building from this approach, interfacial solvation (explicit or continuum) 1-4, applied electric
fields5-7 or explicit charging of the electrode8, 9 and inclusion of electrolyte countercharges10-12 can
be added to better represent the environment about an adsorbate at the electrode surface. Though
these approaches have had significant successes, they have mainly been applied to investigate the
thermochemistry and compute elementary reaction free energies and are not trivially transferrable
to evaluate transition states and electrochemical kinetic barriers.
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In representing potential-dependent reaction free energies, the CHE model takes
advantage of the equivalence of the free energies of the proton-electron pair (GH+

–
+ e

) and

hydrogen gas (0.5 GH2) at 0 V to rigorously evaluate the chemical potential of the
electrode/electrolyte species13. Transferring this computational free energy approach to estimate
the electrochemical barriers is challenging as this requires tracing the reaction path of the ionelectron pair, for a reduction reaction, from the electrolyte to the surface-adsorbed species. DFT
representation of the ion in the bulk electrolyte is difficult due to the limited unit cell size and the
use of static solvation models. A few approaches have been previously suggested, all of which
place the H+ in the DFT unit cell, generally in the vicinity of the adsorbed species that it is
transferring to, and calculate a local activation barrier of H+ transfer. Anderson and co-workers
proposed a reaction center model14-17 that was used to investigate potential-dependent barriers of
elementary steps in the ORR mechanism on Pt (111)18, 19. Here, the electron transfer, between the
reaction center and the surrounding electrode, took place when the reaction center’s electron
affinity (EA) or ionization potential (IP) matched the work function of the electrode. The models
used, however, are extremely small metal clusters of single metal atoms, and the electron affinity
converges to the metal Fermi level for large systems making the suitability of this method for
extended electrodes unclear. Neurock and co-workers introduced a double-reference method9 and
applied it to calculate the potential-dependent reaction energy and activation barrier for the
reduction of O2* to OOH* (where * denotes surface-adsorbed species) at the Pt (111)/water
interface surface20. The static nature of the electrolyte, finite unit cell size and the use of fully
hydrated models, however, makes applying this method computationally challenging for complex
reactions and systems. Rossmeisl and co-workers proposed models to estimate the potentialdependent activation energies of elementary steps in the HER mechanism on Pt (111) by varying
the concentration of surface-adsorbed hydrogen and solvated protons in the double layer11. To
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account for unrealistic H+ concentrations in small unit cells, the electrochemical barriers were
extrapolated using multiple larger unit cells making the method prohibitively expensive for
complex reaction mechanisms21. All these approaches are challenged by the improper referencing
of energies to an arbitrary initial state with H+ in small DFT unit cells and/or difficulty in
assigning a meaningful potential-dependence to the calculated barrier.
Two more recent developments in DFT approaches to estimating electrokinetic barriers
present further options. Chan and Nørskov recently proposed a charge-extrapolation technique
that has been applied to calculate the electrokinetics of hydrogen evolution on Pt (111) 22, 23 and
CO reduction on Cu (100) surfaces24. This technique conveniently allows estimation of potentialdependent activation energies using a single DFT calculation and the charges of the surface
species, however, it relies on the choice of initial state and the use of interfacial charges that are
sensitive to charge delocalization and partitioning schemes. Recently, Head-Gordon and coworkers examined the energetics of C-C bond formation during electrochemical CO2 RR using an
elegant constant potential self-consistent field procedure25. The scheme self-consistently solves
for the charge density of an implicit solvent and electrolyte at constant potential, thereby
incorporating explicit treatment of the electrochemical potential, electrolyte, solvent and electric
fields. However, each energy calculation is reported to be three times more expensive
computationally than potential-free DFT calculations, and a series of energy calculations are
needed to give potential-dependent values. Both of these new approaches, as presented, lead to
local barriers that reference an initial state with the transferring ion in the unit cell rather than a
state with the chemical potential of the ion in the bulk electrolyte.
In this study, we illustrate a simple method to approximate elementary electrochemical
barriers that are potential-dependent and can be referenced to the bulk electrolyte. In this method,
potential-dependent activation energies (ΔGACT(U)) are extrapolated from non-electrochemical
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hydrogenation/dehydrogenation reactions to their equivalent electrochemical redox reactions.
Since the elementary reaction rate depends on the electrocatalyst, we presume these are inner
sphere reactions, wherein we expect the highest energy state along the reaction path to be local to
the electrocatalyst surface, allowing for the use of localized models of the surface-adsorbed
species and ion transfer15,

16

. The activation energy for the non-electrochemical reaction

(ΔGACT(U0)), computed using well-established DFT models26, 27, is assigned to an appropriate
equilibrium potential (U0) at which the analogous non-electrochemical state, μ(H*), is in
equilibrium with its equivalent electrochemical state, μ(H+(aq) + e–). By referencing to the
chemical potential of ion in the bulk electrolyte, we ensure that the calculated transition state is
referenced back to its equivalent electrochemical reactant state regardless of the nature of the
analogous non-electrochemical model used. This method allows for the potential-dependence to
be referenced to a useful potential scale (NHE/RHE). Effects of solvation and interfacial electric
fields are neglected herein but can be included within the same framework. The activation energy
is then extrapolated to other potentials using Marcus Theory wherein varying the potential from
U1 to U2 shifts the relative free energies of the reactant and product states (and consequently the
activation barrier) of an elementary redox reaction by β(U) (U2–U1)28, 29. Here, β(U) is a reaction
symmetry factor, typically measured and reported in literature to vary between 0.3-0.730,

31

.

Collectively, the method presented provides an approximate barrier at any electrode potential at
the computational expense of a DFT evaluation of a single hydrogenation barrier.
We have previously applied the method presented herein to examine the elementary
barriers of carbon dioxide electroreduction10, 32, 33 and borohydride oxidation34, 35 reactions. This
method has helped explain the overpotentials, selectivity and electrolytic ion effects on the CO 2
electroreduction reaction on Cu (111)10, 32, 33. Linear sweep voltammograms for the kinetic regime
of borohydride oxidation over Au (111) were previously simulated with elementary rate constants
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derived using this approach35. In these previous studies, the reaction symmetry factor (β) was
presumed to be constant and approximately 0.5. In the present work, we further develop the
method to approximate potential-dependent activation energies by demonstrating two approaches
that allow us to better estimate the potential dependence of barriers, improving on the previous
assumption of β being a constant near 0.5. The electroreduction of CO2 to COOH* on Cu (111)
via a solvation assisted proton-shuttling mechanism is used as the primary reaction for illustrating
our approach. Additional elementary electrochemical reactions including C-H, O-H and N-H
bond formation on Cu (111) and Pt (111) surfaces are considered to exhibit the general
applicability and transferability.
In the following sections, we show how the challenge of finding a transition state for an
elementary electrochemical reaction is met by using an equivalent analogous non-electrochemical
reaction. We then illustrate how Marcus Theory can be used to calculate the intersection point
between the reactant and product free energy parabolas that shift continuously with potential U.
We consider multiple definitions of the reaction coordinate to construct the free energy parabolas
using (i) Bader charges and (ii) the geometric bond distances between the reactant, transition and
product states and compute potential-dependent activation energies (ΔGACT(U)). Section 5.3
shows the application of our approach to examining the elementary electrokinetics of CO2 to
COOH* electroreduction on Cu (111). The last section evaluates the transferability of the method
to alternate elementary electrochemical reactions. We find that the partitioning of charges in the
Bader scheme limits its use as a universal reaction coordinate. A geometric distance based
reaction coordinate shows higher transferability for a wider set of elementary electrochemical
reactions.
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5.2

5.2.1

Methods and Computational Details

Potential-dependent free energy barriers
To compute potential-dependent activation barriers for electrochemical reactions, the free

energies of the reactant (GA*), reference (GA*+H*), transition (GTS) and product (GAH*) states are
first computed using DFT. The potential-dependent reaction free energy change (ΔG(U)) of the
elementary electrochemical reaction is then calculated using the computational hydrogen
electrode (CHE) approach13. Using an analogous non-electrochemical reference reaction, the
activation barrier in this method is computed using DFT, first at a specific potential U0 and then
as a function of U using free energy parabolas derived from the Marcus theory approach36.

5.2.1.1 Estimation of Free Energies (G) with corrections
The free energy G of a surface bound species X* (where X can represent the adsorbed
reactant (A*), reference (A*+H*), product (AH*) or explicitly solvated (A*+ n H2O) species) is
calculated using Equation (1) and includes vibrational correction terms that correct the free
energy from 0 K to 298 K.
ZPVE
GX *  E XDFT
 U Xvib*  TS Xvib*
*  EX *

(1)

where EDFT refers to the 0 K DFT energy, EZPVE is the zero-point vibrational energy, and Uvib and
TSvib represent the internal energy and vibrational entropic corrections of the constituent at room
temperature (298 K).
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5.2.1.2 Estimation of potential-dependent reaction energies ΔG(U)
The electrode potential (U) dependent reaction free energy change ΔG of elementary
electrochemical reactions is calculated on a reversible hydrogen electrode (V-RHE) scale using
the computational hydrogen electrode (CHE) approach13. In this approach, the equivalence in the
chemical potentials of a proton-electron pair (GH+ + e−) and a hydrogen molecule (GH2) at 0 VRHE at all pH values allows equating their free energies and applying a linear shift in potential by
–eU. All U values in this study are on the RHE scale. The relative free energy of a general
elementary reduction reaction (Equation (2)) is shown in Equation (3).
A *  H (aq )  e   AH *

(2)

G U   GAH *  G*  ½ GH 2  g   eU

(3)

where GAH* is the ZPVE and TS corrected free energy of the product, GA* is the corrected free
energy of the reactant, G* denotes the free energy of the clean electrode surface, GH2 is the free
energy of gas-phase H2 at 300 K and e is the elementary positive charge.
Table 5-1 summarizes the elementary reduction reactions examined in this study. The
electroreduction of CO2 to COOH* on Cu (111) via a 2 H2O assisted Heyrovsky-like H-shuttling
mechanism (Reaction 1) is used as the primary reaction for illustrating our approach for
approximating potential-dependent activation energies. Reactions 2-8 are included to test the
general applicability and transferability of our approach (detailed in Section 5.3.4). Explicit water
molecules used to solvate the surface species are included in the reactant and product states in
Table 5-1. Heyrovsky-like reaction steps are modeled to involve the transfer of H+ through water
molecules to form X-H (where X = C, O and N) bonds, whereas Tafel-like reactions occur
directly through a surface hydrogenation process.
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Table 5-1. Summary of the elementary reduction reactions on Cu (111) and Pt (111) surfaces
with different solvation models considered in this study
Surface

#

Elementary Reduction Reaction

Mechanism

Cu (111)

1

CO2 + 2 H2O + H+ + e– → COOH + 2 H2O

Heyrovsky-like with 2 H2O

2

CO2 + H2O + H+ + e– → COOH + H2O

Heyrovsky-like with 1 H2O

3

N + H+ + e– → NH

Tafel-like

4

N + H2O + H+ + e– → NH + H2O

Heyrovsky-like with 1 H2O

5

CH2 + H+ + e– → CH3

Tafel-like

6

CH3 + H+ + e– → CH4

Tafel-like

7

OH + H+ + e– → H2O

Tafel-like

8

O2 + H+ + e– → OOH

Tafel-like

Pt (111)

5.2.1.3 Review of electrochemical rate theory
Before describing our approach in detail, we first review concepts of electrochemical rate
theory that describe how the transition state energy of an elementary electrochemical reaction
varies with the electrode potential U. The potential energy landscape of a general electrochemical
reaction involving the transfer of an ion-electron pair (Equation (2)) can be represented using
Marcus theory28, 29, 36, as depicted in Figure 5-1. The free energy of both the reactant (A* + H+(aq)
+ e–) and product (AH*) state species are approximately modeled as parabolic energy wells. Here,
the chemical potential of the ion being transferred (H+) in the reactant state is its value in the bulk
electrolyte while the electron chemical potential is given by the electrode potential (–
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U0
ΔG
ΔGACT(U0)
U < U0
ΔGACT(U)

A* + H+(aq) + e−

AH*

Reaction coordinate

Figure 5-1. Marcus theory representation of a potential-dependent reaction energy diagram of a
surface catalyzed electroreduction reaction (A* + H+ + e– → AH*).

eU). The minima of the parabolas correspond to the ground state energy of the reactant and
product states. The intersection point along a designated reaction coordinate represents the
transition state energy (ΔGACT) of the reaction, which will vary with the electrode potential U.
Variation in the electrode potential (from U0 to U in Figure 5-1), linearly translates the free
energy parabolas of the reactant and product states relative to each other by an amount F(U–U0).
The reaction free energy shifts by F(U–U0) due to the potential change, whereas the activation
barrier changes by a fraction of this amount dictated by the shape of the free energy parabolas.
The activation free energy for Equation (2) is often approximated as a linear function of the
electrode potential U using Bulter-Volmer theory37:
G ACT (U )  G ACT (U 0 )   F (U  U 0 )

(4)

where F is the Faraday’s constant, F(U – U0) is the elementary reaction free energy change due to
the altered electrode potential and β denotes a reaction symmetry factor. The reaction symmetry
factor is a measure of the similarity of the curvature of the parabolas. It typically varies between
0.3 and 0.730, 31 and is comparable to a Bronsted-Evans-Polyani coefficient38 because it denotes
the relationship between the change in the activation barrier and reaction energy change. The
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value of U0 does not necessarily correspond to the equilibrium potential of the reaction, but any
potential at which the activation free energy is known. Using Equation (4), the activation barrier
for an electrochemical reaction can be determined at an electrode potential U if the barrier at a
specific potential (U0) and the symmetry factor (β) is known. Though the Butler-Volmer theory
approximates β as a potential-independent constant, a full Marcus theory treatment of the shifting
parabolas with potential leads to a potential dependent β, and β can be given more generally as
the first derivative of the activation barrier with potential:
 (U ) 

G ACT (U )
U

(5)

5.2.1.4 Method for approximating potential-dependent activation barriers GACT (U)
Since the chemical potential of the reactant state in Equation (2) involves a proton in the
bulk electrolyte and an electron from the electrode, it is far from trivial to construct a DFT model
that can accurately locate the desired transition state and reference the free energy of the
transition state to that of the reactant state. Current DFT models cannot accurately represent the
chemical potential of an aqueous phase proton in the bulk electrolyte due to the limited unit cell
size and the use of static solvation models. We approximate that, for an inner-sphere
electrocatalytic reaction involving an ion-electron transfer, the transition state for the
electrochemical step (A* + H+(aq) + e– → AH*) is equivalent to that of an analogous chemical step
(A* + H* → AH*) at a specific potential U0, as illustrated in Figure 5-2. In this approach, the
elementary electrochemical reaction in Equation (2) can be thought of as occurring in two steps
as described in Equations (6) and (7):
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A *  H (aq )  e   A *  H *

(6)

A *  H *  AH *

(7)

U0  

GA* H *  GA*  G*  ½ GH 2  g 
e

(8)

In the first step (Equation (6)), the proton is transferred from the bulk electrolyte (H +aq) to a
position in the DFT unit cell (H*) which may be on the electrocatalyst surface or in the solvent
region of an explicitly static surface solvation model. Equation (7) is the subsequent nonelectrochemical reaction, and its transition state may be determined using standard DFT
approaches26, 27. The activation barrier computed for this non-electrochemical surface reaction
(ΔGACT(U0)) is assigned to the equilibrium potential (U0) of the reaction in Equation (6),
thereby referencing the barrier back to the relevant initial state for the electrochemical reaction.
This approach allows extrapolation of the transition state located for the analogous nonelectrochemical surface reactions to the solvated, potential-dependent system. This is an
important step that avoids the potential pitfalls of concluding an electrochemical barrier is small
simply because the transition state was referenced to an unstable initial state with the H+ in a
small DFT unit cell. The equilibrium potential of the reaction in Equation (6) can be easily
computed using the CHE model13 as shown in Equation (8).
Our method takes advantage of the assumption that the electrocatalytic elementary
reaction expressed in Equation (2) is intrinsically an inner-sphere reaction, wherein the reaction
rate is dependent on the identity and surface of the electrocatalyst 39. The highest energy transition
state along the reaction path therefore requires nuclei arrangements local to the surface adsorbed
species (in this instance A* and H* with a few explicit solvating H2O molecules) and presumes
that the electron transfer is rapid once the nuclei attain the transition state configuration. Under
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this presumption, we can readily evaluate the reaction rate from transition state theory without the
explicit consideration of electron motion.
At U0

Free Energy (eV)

A* + H+ + e-

A* + H*

AH*

G TS
ΔGACT(U0)
G AH*

G A* + H*

xTS

xA*

xAH*

Reaction coordinate

Figure 5-2. Schematic reaction energy diagram illustrating referencing of a nonelectrochemical barrier to the electrochemical system by constructing free energy parabolas of
the reactant (A* + H+(aq) + e–), reference (A* + H*) and product (AH*) states at a specific
potential U0 along a selected reaction coordinate. The activation barrier at U0 is thus
determined using analogous non-electrochemical hydrogenation reaction (A* + H* → AH*).

5.2.1.5 Constructing the free energy parabolas
Once the activation barrier ΔGACT is determined at one potential, U0, extrapolation to
other potentials requires application of Marcus Theory28, 29, 36 to examine the intersection point
that shifts with the electrode potential. Figure 5-2 shows a schematic version of the reaction
energy diagram of the electrochemical reaction in Equation (2) and the corresponding analogous
non-electrochemical hydrogenation reaction in Equation (7) at the equilibrium potential U0 that is
calculated using Equation (8). The energy minima GA*+H*, GAH*, and GTS represent the free
energies of the intermediate, product and transition states, respectively calculated using Equation
(1). xA*, xTS and xAH* represent the position of the reactant, transition and product states along the
reaction coordinate, with xA* set to 0 and xAH* set to 1 such that xTS scales between 0 to 1 along the
reaction coordinate. Selection of an appropriate reaction coordinate is crucial and non-trivial and
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is detailed in the subsequent section. With a reaction coordinate selected, equations of the
parabolic energy wells of the reactant and product states are written as follows:
G G

GA* H * ( x)   TS 2 A* H *  x 2
xTS



(9)

 G  G (U 0 ) 
AH *
 ( x  1) 2  GAH * (U 0 )  GA* H *  e (U  U 0 )
GAH * ( x,U )   TS
2


 xTS  1



(10)

Using Equations (9) and (10), the intersection point of the two parabolas xTS can be
determined as a function of potential U. For a given xTS(U), the corresponding activation energy
GACT(U) can be calculated using Equation (11):
G ACT (U )  GA* H * ( xTS (U ))  GAH * ( xTS (U ))

(11)

Note that in Equations (9) and (11) it is arbitrary whether we denote the reactant parabola
as GA* or GA*+H*, as the referencing of the free energy in Equation (10) to U0 assures that both
states, A* and A*+H*, have the same free energy (GA*(U0) = GA*+H* (U0)).

5.2.1.6 Defining the reaction coordinate to construct the reactant and product state parabolas
The reaction coordinate essentially denotes the progress of a reaction between the initial
and final states. Selection of an appropriate reaction coordinate is vital towards approximating the
position of the transition state. We set xA* to 0 and xAH* to 1, with xTS scaled between 0 to 1 using
Equation (12):

xTS 

 TS   A* H



 AH *   A* H

 e


(12)

 e

where γ denotes a physical property that is used to represent progression along the reaction
coordinate. A xTS value of 0.5 (at the equilibrium potential of Equation (7)) denotes a symmetric
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reaction. We consider two choices for γ in Equation (12) to calculate the fractional position of the
transition state along the reaction coordinate:
Bader charges: The Bader charge scheme40, 41 is used to calculate the charge of A* in the reactant
state (qA*), A* and H* in the transition state (qTS), and AH* in the final state (qAH*) and essentially
measures the progress of electron transfer during the electrochemical reaction. This approach has
the advantage of avoiding the use of the reference state (A*+H*) in its definition and providing a
physically meaningful definition as the extent of charge transfer. However, as all charge
assignment schemes are inherently formalistic and imprecise, the choice of using the Bader
scheme is relatively arbitrary based on its convenient implementation in the VASP code40.
Geometric bond distances: Interatomic distances between the transferring H and the accepting
atoms, for instance COO--H, in the reference (d A*+H*), transition (d TS) and product (d AH*) state is
measured. This approach is simple and easily determined, however, is subjective to the placement
of H* in the analogous reference state.

5.2.2

Electronic Structure Method
Electronic structure calculations were performed within the framework of DFT, as

implemented in the Vienna ab initio simulation package (VASP)42-44, a plane-wave
pseudopotential package. Within the generalized gradient approximation (GGA) 45, the exchangecorrelation energy for all calculations on the Cu (111) surface used the Perdew, Burke, and
Ernzerhof (PBE) functional46. For the additional calculations conducted on the Pt (111) surface to
demonstrate method transferability, the Perdew and Wang (PW-91) functional47 was employed.
The projector augmented wave (PAW)48 approach was implemented for core-valence treatment.
Plane waves with a kinetic energy cutoff of 450 eV were utilized. The ionic convergence limit
was set to 0.02 eV Å-1 while the electronic convergence limit was set to 1×10-5 eV. A Methfessel-
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Paxton smearing scheme49 was used with a smearing width (σ) of 0.2 eV. Transition states and
the corresponding activation barriers were computed using the Climbing Image Nudged Elastic
Band (CI-NEB) method26 with 4-5 intermediate images. Vibrational frequency calculations were
conducted to confirm the transition states.

5.2.3

Model Construction
A 3×3 surface slab model was used to construct a periodic Cu (111) surface using an

experimental lattice constant, a = 3.62 Å. The Cu (111) slab model comprised of 4 layers of metal
atoms. A vacuum region of ~15 Å was inserted in the models to exclude periodic interaction
between the slabs. Selective dynamics was implemented, and the top two layers of the slab were
allowed to relax until convergence was achieved, while the bottom layers were fixed to imitate
their bulk arrangement. The sampling of the Brillouin zone for all 3×3 surface cells was
conducted with a k-point mesh of 3×3×1 generated automatically using the Monkhorst-Pack
method50, which sufficiently converged all reaction and activation energies. To demonstrate
transferability of our method, additional calculations were performed on a 3×3×5 periodic Pt
(111) surface (a = 3.92 Å) with the top two layers relaxed. Structural optimization of surface
species was conducted by considering high symmetry configurations (atop, bridge, fcc, hcp sites)
to compute the lowest energy stable configuration.
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5.3

Results and Discussion

In Sections 5.3.1 – 5.3.3, we examine the potential-dependent activation energy
(ΔGACT(U)) of CO2 electroreduction to COOH* with different approaches to extrapolate the
activation barrier as a function of potential. In Section 5.3.4, we test the general applicability of
the approaches in computing electrochemical barriers for other elementary electrochemical
reduction reactions listed in Table 5-1.

5.3.1

CO2 electroreduction to COOH* assuming constant β
The potential-dependent energetics of CO2 electroreduction on the Cu (111) surface

computed using DFT have been reported in previous studies32, 33. The initial reduction of CO2 to
COOH* on Cu (111) occurs preferentially through a Heyrovsky-like proton-electron transfer step
resulting in O-H bond formation with interfacial water playing a crucial role in facilitating proton
transfer. Figure 5-3 shows the optimized structures of the reactant (CO2 + 2 H2O), reference (CO2
(a)

(b)

(c)

(d)

Figure 5-3. Top and side view of the (a) reactant, (b) reference, (c) transition and (d) product
state of the electroreduction of CO2 to COOH* (CO2 + H+ + e− → COOH*) on the Cu (111)
surface via water assisted H-shuttling mechanism. (Orange = copper, gray = carbon, red =
oxygen and white = hydrogen)
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+ 2 H2O + H*), transition and product (COOH* + 2 H2O) state used to compute the potentialdependent activation barrier of CO2→COOH* reduction. The activation barrier GACT(U0) is 1.00
eV (EACT(U0) = 0.89 eV) computed using DFT at U0 = −0.19 V-RHE. For the Tafel-like
mechanism for this step, the barrier was reported to be substantially higher (EACT(U0) = 1.65 eV at
U0 = −0.06 V-RHE) due to the difficulty in directly transferring surface H* to the weakly bound
CO2* molecule. An extensive examination of the effect of solvation on the potential-dependent
activation energy of CO2→COOH* reduction on Cu (111) revealed that inclusion of up to an
explicit water bilayer generally served to stabilize the charge separation in the transition state,
subsequently lowering the activation barriers by 0.1-0.2 eV33. In this study, we focus on
illustrating our method to approximate the potential-dependent activation barrier of
CO2→COOH* reduction via a water assisted H-shuttling mechanism using two explicit H2O
molecules. In the reference state, as shown in Figure 5-3(b), a hydrogen bond network is
established between the H2O and CO2 molecules (interatomic distance HH2O--OCO2 = 2.32 Å). The
transition state configuration (Figure 5-3(c)) resembles a H5O2+ species that shares a strong
hydrogen bond with a bent CO2δ− molecule (interatomic distance HH2O--OCO2 = 1.73 Å, O--C—O
angle = 141.86°).
By substituting the activation energy for CO2→COOH* reduction at the reference
potential U0 (GACT (U0) = 1.00 eV at U0 = −0.19 V-RHE) in Equation (4) with β = 0.5, the
activation energy at room temperature is approximated to be 0.85 eV at U = −0.50 V-RHE. β
values are reported to typically vary between 0.3 to 0.7 with β = 0.5 denoting a symmetric
reaction30,
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. Figure 5-4(a) shows the variation in the activation energy with potential for

CO2→COOH* reduction using β values of 0.3, 0.5 and 0.7. At U = −0.50 V-RHE, the activation
energy of CO2→COOH* reduction can vary by 0.12 eV for values 0.3 < β < 0.7 and by 0.52 eV
at U = −1.50 V-RHE. Depending on the accuracy required, and the range of the applied potential
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Figure 5-4. Potential-dependent activation barrier (eV) of the electroreduction of CO2 to
COOH (CO2 + H+ + e− → COOH*) via 2 H2O assisted H-shuttling mechanism on the Cu
(111) surface at (a) constant β values of 0.3 (dotted), 0.5 (flat) and 0.7 (dashed) and (b)
potential-dependent β determined using interpolation (black flat), Bader charges (blue
dotted) and geometric bond distances (orange dashed).

being considered, assuming a constant β of 0.5 may be sufficient. However, as the choice of β =
0.5 used here was arbitrary, we present different approaches to estimate the reaction symmetry
factor and assess the accuracy and transferability of the approaches to approximate potentialdependent activation energies of elementary electroreduction reactions.

5.3.2

CO2 electroreduction to COOH* with β determined by interpolating between two
different transition states
In this approach, we evaluate the reaction symmetry factor by comparing the activation

energies (GACT (U0)) of an elementary electrochemical step at two different reference potentials
(U0). To illustrate this approach, we again consider the CO2→COOH* reduction reaction via a 2
H2O assisted Heyrovsky-like mechanism. The reaction was modeled using two different reference
states and two different transition states were located. The first reference state, discussed in the
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previous section and illustrated in Figure 5-3(b), has the H in a surface-adsorbed configuration on
the Cu (111) surface and the mechanism proceeds by shuttling the H through 2 H 2O molecules to
form COOH*. The equilibrium potential (U0) at which this reference state (Figure 5-3(b)) is in
equilibrium with the reactant state (Figure 5-3(a)) was computed as U0 = −0.19 V-RHE, with a
corresponding activation barrier, GACT (U0) = 1.00 eV. The second reference state has the H as a
solvated H5O2+ complex, as illustrated in Figure 5-5(b), that then transfers its H+ to reduce CO2 to
COOH*. The equilibrium potential (U0) of this reference state is computed as U0 = −2.19
V-RHE, with the corresponding activation barrier, GACT (U0) = 0.0075 eV. Figure 5-5 shows the
optimized structures of the reactant (CO2 + 2 H2O), reference (CO2 + H2O--H3O+), transition and
product (COOH* + 2 H2O) states. The H5O2+ structure in the reference state (Figure 5-5(b)) is a
relatively unstable configuration indicated by the steep equilibrium potential, U0 = −2.19 V-RHE

(a)

(b)

(c)

(d)

Figure 5-5. Top and side view of the (a) reactant, (b) reference, (c) transition and (d) product
state of the electroreduction of CO2 to COOH (CO2 + H+ + e− → COOH*) on the Cu (111)
surface via solvated proton transfer mechanism. (Orange = copper, gray = carbon, red =
oxygen and white = hydrogen)
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and a low corresponding barrier. The transition state configuration (Figure 5-5(c)) resembles a
H5O2+ species that shares a strong hydrogen bond with a bent CO2δ− molecule (interatomic
distance HH2O--OCO2 = 1.61 Å, O--C—O angle = 155.93°).
The DFT-calculated activation energies (GACT (U0)) and the reference potentials (U0) for
CO2→COOH* reduction using both reference states were substituted in Equation (4), yielding β
= 0.49. The reaction symmetry factor computed using this approach matches well with the initial
assumption of β = 0.5. The linear variation in activation energy with potential using this
interpolation approach is shown in Figure 5-4(b). Estimating β using this approach is subject to
successfully identifying multiple stable reference states that can be used for interpolation. In this
instance, only two reference states were used for interpolation highlighting the lack of
generalizability of this approach for reactions where multiple optimized reference states may be
difficult to identify.

5.3.3

CO2 electroreduction to COOH using Marcus theory
The Marcus theory representation of the electrochemical reaction (Figure 5-2) provides a

tractable method of estimating a potential-dependent activation barrier. We fit the DFT-computed
free energy parabolas of the reference (GA*+H*), transition (GTS) and product (GAH*) states against
a reaction coordinate that is described either using Bader charges or geometric bond distances as
discussed in Section 5.2.1. To illustrate this approach, we consider the CO2→COOH* reduction
reaction via the Heyrovsky-like mechanism using 2 explicit water molecules as shown in Figure
5-3.
Figure 5-6(a) shows the free energy parabolas of the reference and product states at the
reference potential U0 = −0.19 V-RHE. The overall charges (q) of the participating species
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(summed over qC, qH and qO of all atoms) in the reactant (CO2 + 2 H2O + H+), transition (CO2 + 2
H2O--H) and product (COOH* + 2 H2O) states were calculated using the Bader charge scheme
(reported in Table S 5-1 of the Supporting Information) to define the reaction coordinate of
Figure 5-6(a). By normalizing the value of xA* and xAH* to 0 and 1 respectively, the fractional
position of the transition state (xTS) along the reaction coordinate was located at xTS (U0) = 0.58
and represents the intersection point of the free energy parabolas. The height of the intersection
point denotes the activation energy at the reference potential, ΔGACT(U0). The reaction free
energy at U0 = −0.19 V-RHE was ΔGACT(U0) = 1.00 eV. The free energy parabolas shift linearly
with potential U, thereby varying the intersection point xTS (U) and its corresponding height
ΔGACT(U). The variation in activation energy with potential using this Bader charge based
reaction coordinate is shown in Figure 5-4(b). Figure 5-6(c) shows the variation of the reaction
symmetry factor with potential (β(U)). β varies between 0.42 to 0.74 across the wide potential
window of −1.00 < U < 1.00 V-RHE.
Figure 5-6(b) shows the free energy parabolas of the reference and product states at the
reference potential U0 = −0.19 V-RHE using a geometric distance based reaction coordinate.
Relative to Figure 5-6(a), the free energy parabolas have higher asymmetry. The average H(b)
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COOH*
CO2 + H*

5

ΔG

ΔG

10

(c)
1.0

COOH*

β (U)

(a)

5

0.5

CO2 + H*

0.0

0

0

-1

0

1
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2

-1

0

1
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2

β Bader charges (U)

β Bond distance (U)

-1.0

0.0
1.0
U (V-RHE)

Figure 5-6. Free energy parabolas of the reactant and product states (illustrated in Figure 5-3)
using the Marcus theory representation at a specific potential U0 calculated using (a) Bader
charges and (b) geometric bond distances. Potential-dependent activation barriers are given in
Figure 5-4(b) and potential-dependent β values are shown in panel (c).
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shuttling distance (d O-H) between all participating O-H pairs in the reactant (CO2 + 2 H2O + H+),
transition (CO2 + 2 H2O--H) and product (COOH* + 2 H2O) state (reported in Table S 5-1 of the
Supporting Information) were used to define the reaction coordinate of Figure 5-6(b). The
fractional position of the transition state at U0 = −0.19 V-RHE was calculated as xTS (U0) = 0.77,
again a “late” transition state for a reaction with a positive reaction free energy of 1.00 eV at U0 =
−0.19 V-RHE. The variation in activation energy with potential using this geometric distance
based reaction coordinate is shown in Figure 5-4(b). The potential-dependent activation energy
shows a non- linear variation that can be attributed to the sharper shape of the product parabola
relative to the initial state parabola. Its impact on the reaction symmetry factor β(U) is shown in
Figure 5-6(c).
Table 5-2 compares the potential-dependent activation barriers for CO2 electroreduction
to COOH* at U = –0.50 V-RHE and U = –1.00 V-RHE extrapolated using all approaches
discussed in Sections 5.3.1-5.3.3. Extrapolation of activation energies at potential values close to
the equilibrium potential of the reaction (U0 = –0.19 V-RHE) yields similar results (ΔGACT = ±
0.10 eV) using any of the approaches. For electrode potential values that vary further from U0,
for instance U = –1.00 V-RHE, the extrapolated barriers deviate by ± 0.20 eV. In general, we
expect the potential-dependent activation barriers to deviate between 0.10-0.30 eV for
extrapolated potential values of 1 V from U0 using the various extrapolation schemes.
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Table 5-2. Potential-dependent activation energy (in eV) for CO2→COOH electroreduction
(given in Figure 5-4) on Cu (111) at U = –0.50 V-RHE and U = –1.00 V-RHE determined using
constant β assumptions (Section 5.3.1), via interpolating between two transition states (Section
5.3.2), and the Marcus theory based approach (Section 5.3.3)
ΔGACT at U = –0.50 V-RHE

ΔGACT at U = –1.00 V-RHE

Constant β = 0.30

0.91

0.76

Constant β = 0.50

0.85

0.60

Constant β = 0.70

0.78

0.43

Interpolated β = 0.49

0.85

0.60

Marcus theory (Bader)

0.84

0.61

Marcus theory (distance)

0.90

0.77

Approach

5.3.4

Transferability of the method to other electrochemical reactions
To test the general applicability of the Marcus theory approach in approximating

potential-dependent activation energies using a defined reaction coordinate, we tested the method
on the elementary electroreduction reactions on Cu (111) and Pt (111) surfaces listed in Table 51. The optimized structures of the reactant, reference, transition and product state for Reactions 28 are reported in Figure S 5-1 to S 5-7 in the Supporting Information. The overall charge (q) and
the average H transfer distance (d O-H) of the optimized structures are reported in Table S 5-1 and
S 5-2 of the Supporting Information. By normalizing the value of reactant/reference (qA* or
dA*+H*) and product (qAH* or dAH*) state along the reaction coordinate to 0 and 1 respectively, the
fractional position of the transition state (xTS (U0)) was computed for all reactions (see Table S 51 and S2 of the Supporting Information). For Tafel-like reactions, when the reaction coordinate is
defined in terms of the Bader charges, the transition state (xTS) was predicted to lie near the final
state. The Tafel mechanism presumes electron transfer occurs prior to X-H bond formation, such
that these may be reasonable values, however, we proceed with the geometric bond distance
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based reaction coordinate definition to allow for extrapolation independent of the charge
assignment scheme.
Table 5-3 shows the parameters used in estimating the potential-dependent activation
energies of the elementary reduction reactions using a Marcus theory approach with the reaction
coordinate defined using geometric bond distances. The extrapolated activation energy (GACT)
and reaction symmetry factor (β) at U = –0.50 V-RHE are listed for comparison. Figure 5-7
shows the continuous variation of activation energy with potential (ΔGACT(U)) for all considered
reduction reactions. The corresponding β(U) for the reactions is reported in Figure S 5-8 of the
Supporting Information.
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Table 5-3. Parameters in estimating potential-dependent activation energies ΔGACT (U) for
elementary electroreduction reactions, 1-4 on Cu (111) and 5-8 on Pt (111) surfaces using β
(U) estimated from a geometric distance based reaction coordinate
G0act

U0

TSVIB

Gact(eV) at

β at

(eV)

(VRHE)

(cm–1)

–0.5 VRHE

–0.5 VRHE

1.00

–0.19

i 102.88

0.90

0.29

1.40

–0.04

i 953.56

1.19

0.43

0.68

–0.07

i 1029.30

0.61

0.15

0.15

–0.12

i 454.40

0.12

0.07

5 CH2 + H+ + e– → CH3

0.63

0.41

i 366.09

0.01

0.62

6 CH3 + H+ + e– → CH4

0.89

0.51

i 900.24

0.74

0.12

7 OH + H+ + e– → H2O

0.14

0.39

i 378.84

0.07

0.07

8 O2 + H+ + e– → OOH

0.61

–0.03

i 215.93

0.44

0.32

#

Reaction
CO2 + 2 H2O + H+ + e–

1
→ COOH + 2 H2O
CO2 + H2O + H+ + e–
2
→ COOH + H2O
3

N + H+ + e– → NH
N + H2O + H+ + e– →

4
NH + H2O

For the electroreduction of N* to NH* on Cu (111) (Figure 5-7(a)), the potentialdependent activation barriers suggest that N-H bonds prefer to form via the Heyrovsky-like
mechanism with the H transferred through the water. At U = –0.50 V-RHE, the barrier for this
mechanism is favorable by 0.50 eV relative to a direct surface hydrogenation mechanism
(Reactions 3 and 4 in Table 5-3). The N-H formation barrier is small on Cu (111), suggesting this
surface will quickly form N-H bonds at N2 reduction potentials, if Cu had activity for N2
activation.

141
(a)

(b)
2.0

GACT(U) (eV)

2.0

GACT(U) (eV)

1.5
1.0

1.5
1.0

0.5

0.5

0.0

0.0

-1

0

U (V-RHE)

1

CH2* → CH3*

-1

0

1

U (V-RHE)

Figure 5-7. Potential-dependent activation barriers (eV) of the elementary electrochemical
reduction reactions of (a) CO2→COOH* and N*→NH* on Cu (111) and (b) CH2*→CH3*,
CH3*→CH4, OH*→H2O, O2→OOH* on Pt (111) surfaces computed using Marcus theory free
energy parabolas with bond distance based reaction coordinate.

Figure 5-7(b) shows the potential-dependent activation barriers for C-H bond formation
on Pt (111) via the Tafel-like mechanism. We consider the reduction of CH2*→CH3* and
CH3*→CH4 (Reactions 3 and 4 in Table 5-3) since they are known to be important steps in the
electroreduction of CO2 to CH432, 51. Previous studies have reported that all C-H bond formation
reactions on Cu (111) proceeded over lower barriers through the Tafel-like mechanism, rather
than H shuttling through water32, 33. At U = –0.50 V-RHE, CH2* → CH3* reduction is kinetically
feasible but CH3*→CH4 has a high activation barrier of 0.74 eV. In a recent DFT study, a
comprehensive evaluation of the potential-dependent activation barriers of CO2 electroreduction
on Cu (111) revealed that an on-set potential of –1.15 V-RHE was required for the pathway to be
kinetically accessible (all barriers < 0.4 eV at room temperature) to forming methane 32. For Pt
(111), previous results show that the surface is likely to be poisoned with a high coverage of CO*
at much earlier potentials (U < –0.5 V-RHE), subsequently preventing the reduction of CO* →
COH* → C* →CHx52. Were platinum to be able to form surface CH2* species, they would be
feasibly reduced to CH3* species at CO2 reduction potentials. Reduction of CH3* appears to
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require larger overpotentials, however, the higher value is due to the low β value that results from
the approximation of C-H distances as a reaction coordinate.
Figure 5-7(b) also shows the potential-dependent activation barriers for two O-H forming
reduction reactions, O2 → OOH* and OH*→ H2O. These are two important steps in the oxygen
reduction reaction20. The calculated barriers for these reactions at 1.00 V-RHE are 1.20 (O2 →
OOH*) and 0.25 (OH*→ H2O). The low barriers for OH*→ H2O is expected as this reaction is
considered equilibrated in the ORR potential range. Using a Tafel-like reaction for these steps,
however, should overestimate the barrier as O-H bond formation typically occurs more rapidly
through a Heyrovsky-like mechanism. The large barrier for O2 → OOH* greatly exceeds the
experimental estimate of 0.44 eV at U = 1.23 V-RHE53. Attempts to examine this reaction
through a Heyrovsky-like mechanism illustrates a limitation in our approach. If explicit H2O is
included in the model with a H-bond network between the transferring H and the accepting O2*,
structural optimization of O2* + H (H2O)n directly leads to the OOH* product state, suggesting
that the O2 to OOH* reduction is barrier-less at U0. This is not surprising as the experimental
barrier of 0.44 eV at 1.23 V-RHE suggests this reaction would be barrier-less at such a low
potential. However, as U0 is well outside the potential range at which we would like to compute
the barrier, our approach can only conclude that ΔGACT becomes near zero at U0, and cannot
provide further information to allow extrapolation to higher voltages.
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5.4

Summary and Conclusions

We have presented a simple approach to approximate electrode potential-dependent
activation barriers of elementary electrochemical reactions using standard DFT calculations. The
potential-dependent activation energies (ΔGACT(U)) are extrapolated from non-electrochemical
hydrogenation/dehydrogenation reactions to their equivalent electrochemical redox reactions. The
activation energy for the non-electrochemical reaction (ΔGACT(U0)) is assigned to an appropriate
equilibrium potential (U0), at which the analogous non-electrochemical state μ(H*) is in
equilibrium with its equivalent electrochemical state μ(H++e–), allowing for the barrier to be
referenced to the chemical potential of the ion in the bulk electrolyte. The barriers are then
extrapolated to other electrode potentials using Marcus theory. The location of the transition state
(xTS) on the reaction coordinate is scaled between the reactant (xA* set to 0) and product (xAH* set
to 1) states using geometric bond distances. We have demonstrated this model in approximating
the potential-dependent activation energies of various elementary electrochemical steps involving
C-H, O-H and N-H bond formation. This approach can be considered as comparable to the
Computational Hydrogen Electrode (CHE) model13 applied for activation barriers. Our approach
allows for a convenient estimation of an electrochemical barrier using the computational cost of a
single hydrogenation barrier calculation, and while explicit treatment of the electrolyte, solvent
and potential was not considered in this study, the inclusion of external electric fields, continuum
solvent or potential control schemes can be viewed as extensions equivalent to extending
potential-dependent reaction energies beyond the CHE model.
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5.6

5.6.1
(a)

Supplementary Information

Optimized configurations of surface-adsorbed adsorbates
(b)

(c)

(d)

Figure S 5-1. Top and side view of the (a) reactant, (b) reference, (c) transition and (d) product
state of the electroreduction of CO2 to COOH* (CO2 + H+ + e− + H2O → COOH* + H2O) on
the Cu (111) surface via one water assisted H-shuttling mechanism. (Orange = copper, gray =
carbon, red = oxygen and white = hydrogen)
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(a)

(b)

(c)

(d)

Figure S 5-2. Top and side view of the (a) reactant, (b) reference, (c) transition and (d) product
state of the electroreduction of N to NH* (N*+ H+ + e− → NH*) on the Cu (111) surface via
surface hydrogenation mechanism. (Orange = copper, blue = nitrogen, red = oxygen and white
= hydrogen)

(a)

(b)

(c)

(d)

Figure S 5-3. Top and side view of the (a) reactant, (b) reference, (c) transition and (d) product
state of the electroreduction of N to NH* (N*+ H+ + e− + H2O → NH* + H2O) on the Cu (111)
surface via one water assisted H-shuttling mechanism. (Orange = copper, blue = nitrogen, red =
oxygen and white = hydrogen)
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(a)

(b)

(c)

(d)

Figure S 5-4. Top and side view of the (a) reactant, (b) reference, (c) transition and (d)
product state of the electroreduction of CH2* to CH3* (CH2* + H+ + e− → CH3*) on the Pt
(111) surface via surface hydrogenation mechanism. (Blue = platinum, gray = carbon and
white = hydrogen)

(a)

(b)

(c)

(d)

Figure S 5-5. Top and side view of the (a) reactant, (b) reference, (c) transition and (d)
product state of the electroreduction of CH3* to CH4 (CH3* + H+ + e− → CH4) on the Pt (111)
surface via surface hydrogenation mechanism. (Blue = platinum, gray = carbon and white =
hydrogen)
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(a)

(b)

(c)

(d)

Figure S 5-6. Top and side view of the (a) reactant, (b) reference, (c) transition and (d)
product state of the electroreduction of OH* to H2O (OH* + H+ + e− → H2O) on the Pt
(111) surface via surface hydrogenation mechanism. (Blue = platinum, red = oxygen and
white = hydrogen)

(a)

(b)

(c)

(d)

Figure S 5-7. Top and side view of the (a) reactant, (b) reference, (c) transition and (d)
product state of the electroreduction of O2* to OOH* (O2* + H+ + e− → OOH*) on the Pt
(111) surface via surface hydrogenation mechanism. (Blue = platinum, red = oxygen and
white = hydrogen)

148
5.6.2

Reaction coordinate values of states calculated using Bader charges and geometric
distances

Table S 5-1. Cumulative Bader charges (q) of participating species in the reactant (A*),
transition (TS) and product (AH*) state computed to locate the fractional position of
the transition state along the reaction coordinate at U0 for elementary electrochemical
reactions 1-4 on Cu (111) and 5-8 on Pt (111) surfaces. xA* and xAH* are set to 0 and 1
respectively.
q A* (e)

q TS (e)

q AH* (e)

X TS (U0)

32.01

32.81

33.40

0.58

24.01

25.39

25.35

1.03

5.87

6.86

6.73

1.16

13.94

15.30

14.72

1.73

5 CH2 + H+ + e– → CH3

6.02

7.01

7.03

0.98

6 CH3 + H+ + e– → CH4

7.03

7.82

8.01

0.81

7 OH + H+ + e– → H2O

7.34

8.12

7.90

1.39

8 O2 + H+ + e– → OOH

12.45

13.47

13.31

1.19

#

Reaction
CO2 + 2 H2O + H+ + e–

1
→ COOH + 2 H2O
CO2 + H2O + H+ + e–
2
→ COOH + H2O
3 N + H+ + e– → NH
N + H2O + H+ + e– →
4
NH + H2O
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Table S 5-2. Average geometric distance (d) between the participating species in the
reference (A* + H*), transition (TS) and product (AH*) state calculated to locate the
fractional position of the transition state along the reaction coordinate at U0 for elementary
electrochemical reactions 1-4 on Cu (111) and 5-8 on Pt (111) surfaces. xA* and xAH* are set
to 0 and 1 respectively. For the water assisted H-shuttling mechanism reactions, an average
geometric distance (d O--H) is calculated.
d A*+H*
#

d TS (Å)

d AH* (Å)

X TS (U0)

2.37

1.31

0.99

0.77

2.79

1.59

0.99

0.67

2.90

1.72

1.02

0.63

2.29

1.57

1.00

0.56

Reaction
(Å)
CO2 + 2 H2O + H+ + e–

1
→ COOH + 2 H2O
CO2 + H2O + H+ + e–
2
→ COOH + H2O
3

N + H+ + e– → NH
N + H2O + H+ + e–

4
→ NH + H2O
5

CH2 + H+ + e– → CH3

2.98

1.12

1.10

0.99

6

CH3 + H+ + e– → CH4

3.66

1.48

1.10

0.85

7

OH + H+ + e– → H2O

2.89

1.66

0.98

0.64

8

O2 + H+ + e– → OOH

3.47

1.86

0.99

0.65
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5.6.3

Potential-dependent symmetry coefficients of elementary electrochemical
reactions extrapolated from Marcus theory free energy parabolas using a
geometric distance based reaction coordinate

1.0

β (U)

1

0.5
2

8

7
6

3

4
5

0.0
-1

0

1

U (V-RHE)
Figure S 5-8. Potential-dependent symmetry coefficients β(U) of various elementary
electrochemical reduction reactions on Cu (111) (Reactions 1-4) and Pt (111) (Reactions 58) surfaces computed by constructing the free energy parabolas using geometric bonddistances to define the reaction coordinate. Reactions are numbered in the same order
reported in Table 5-1 of main text.
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Chapter 6

Using Brønsted-Evans-Polanyi relations to predict electrode potentialdependent activation energies
S. A. Akhade, R. M. Nidzyn and M. J. Janik

Abstract
Various elementary (de-)hydrogenation reactions at transition metal surfaces in
heterogeneous catalysis have shown a linear Brønsted-Evans-Polanyi relation (BEP) between the
activation energy and the reaction energy across metal surfaces. Using Density Functional Theory
(DFT), we investigate if these BEP relations can be extended to elementary electrochemical
reduction reactions involving transfer of a proton-electron pair. We examine the effect of the
applied electrode potential on the BEP relations. We focus in particular on elementary
electrochemical C-H, O-H and N-H bond formation reactions on 7 close-packed transition metal
surfaces, including Ag (111), Au (111), Cu (111), Ni (111), Pt (111), Pd (111) and Rh (111). The
potential-dependent activation energies used to construct the BEP relations are calculated using a
Marcus theory based approach, which we have fully elaborated in our previous study. The role of
interfacial water in the kinetics and the reaction mechanism of C-H, O-H and N-H bond
formation is explored. Specifically, two mechanisms are considered, a Tafel-like scheme
involving direct surface hydrogenation and a Heyrovsky-like mechanism in which the proton is
shuttled via an explicit water molecule. The potential-dependent elementary kinetics across three
reduction reaction series, C*→CH4, O*→H2O and N*→NH3, are also discussed.
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6.1

Introduction

With depletion of traditional fossil fuel energy sources and negative environmental
impacts of fossil fuel use, deploying alternate electrochemical energy conversion and storage
technologies is necessary to meet the growing global energy demands. Many electrochemical
processes are reliant on the use of active and selective electrocatalysts with low operating
overpotentials1-3. To facilitate the rational design of electrocatalysts, a molecular scale
understanding of the underlying thermodynamics and kinetics of the surface catalyzed processes
is essential.
In the past two decades, advances in quantum-chemical based approaches, in particular
those based on Density Functional Theory (DFT), have offered the possibility of calculating
reaction energetics with reasonable accuracy and feasibly screening a large range of catalyst
materials4-7. The development of first-principles computational electrochemistry approaches7-10,
including the computational hydrogen electrode (CHE) model11, has allowed estimation of
potential-dependent reaction energies of elementary surface-mediated dissociation and
association of bonds occurring through the transfer of an ion-electron pair. The computational
free energy method has been widely applied towards mechanistic determination of key
electrochemical reactions, including methanol oxidation12,

13

, CO2 reduction14-17 and oxygen

reduction18-21, however, the method does not directly assess elementary kinetics and the potentialdependent elementary activation barriers. Determination of a reaction mechanism based on
elementary step reaction energies requires an assumption that the barriers for all reaction steps
scale equivalently with reaction energy. Comparing the relative catalytic activity between two
metals based on reaction energies assumes the activation barriers scale equivalently with reaction
energies across metals. These assumptions have not been evaluated due to challenges in applying
DFT methods for the evaluation of electrochemical activation barriers.
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An accurate estimation of electrochemical barriers is essential for deciphering the
elementary reaction mechanism. Computing electrochemical barriers may require a
comprehensive ab initio treatment of the electrified interface that explicitly accounts for the
electrode potential, electric double layer and solvent fluctuations. Several efforts have been made
to incorporate these features and compute electrochemical activation barriers22-28, however, the
computational cost of such undertakings is often prohibitive.
In our previous study, we introduced a simple DFT-based method to estimate the
potential-dependent activation barrier of an elementary electrochemical step at the computational
cost of a single hydrogenation barrier calculation. The activation energy (∆GACT) for any
+
elementary electrochemical step (X* + H(aq)
+ e− → XH* where * denotes surface-adsorbed

species), involving the transfer of a proton-electron pair, is extrapolated from a nonelectrochemical hydrogenation/dehydrogenation reaction (X* + H* → XH*). The hydrogenation
barrier is assigned as the barrier for the equivalent electrochemical redox step at a specific
potential, U0, at which the electrochemical and analogous non-electrochemical states are in
equilibrium. This allows the barrier to be referenced to the chemical potential of the aqueous
phase ion. The potential-dependence is incorporated by extrapolating the barrier to other
electrode potentials using Marcus Theory29. The method was previously applied to investigate the
elementary kinetics of CO2 reduction to COOH* on Cu (111), as discussed in Chapter 5. We
demonstrated the transferability of the method by evaluating the electrochemical barriers of
elementary steps involving C-H, O-H and N-H bond formation on Cu (111) and Pt (111) surfaces.
In this study, we extend this method to evaluating the potential-dependent activation
energies of C-H, O-H and N-H bond formation across several different close-packed fcc transition
metal surfaces including Ag, Au, Cu, Ni, Pd, Pt and Rh. C-H bond activation is crucial in the
functionalization of hydrocarbons. O-H and N-H bond formation are intrinsic to O2 and N2
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reduction, and their reverse dissociation steps dictate the kinetics of water electrolysis and
electrochemical ammonia oxidation. Two distinct reaction mechanisms for the formation of C-H,
O-H and N-H bonds are considered: 1) a Tafel-like mechanism in which the reduction of C*, O*
and N* takes place via a direct surface hydrogenation process and 2) a Heyrovsky-like
mechanism where the reactive species is reduced via water assisted proton shuttling.
From a broader perspective, there is a strong interest in understanding the role of
interfacial water on the reactivity of elementary steps including C-H, O-H and N-H bond
formation. Interfacial water is known to drastically affect the kinetics by altering the stability of
transition states and the extent of charge separation30-34. Previous electrokinetic DFT based
investigations of CO2 electroreduction on Cu (111)35, 36, report that for all O-H bond forming
reactions, including concerted C-OH dissociation, the barriers are lower for the H-shuttling
scheme (Heyrovsky-like reaction mechanism). In contrast, elementary steps associated with C-H
bond formation on Cu (111) occur over lower barriers through direct surface hydrogenation
(Tafel-like mechanism). Thus, probing the role of interfacial water, as an assistor versus
spectator, in elementary electrochemical bond formation is important towards constructing
reaction mechanisms.
The explicit evaluation of electrochemical barriers for any key electrochemical reaction
across a large number of potentially interesting catalytic surfaces is non-trivial, not even with the
use of a simple, transferable DFT method as described in this study. Computational screening can
further become cumbersome for more complex models of the electrochemical interface that
account for solvent dynamics and electric field variations across the double layer. A popular
approach to improve the efficiency of estimating the catalytic activity of electrode materials in
heterogeneous catalysis makes use of linear energy relations that correlate the activation
energy/transition state energy with the reaction energy of an elementary step. These Brønsted-
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Evans-Polanyi (BEP) relations have been previously reported for a number of surface reactions
on different transition metal surfaces37-45. The activation barriers and reaction energies for
essential bond breaking and forming reactions, including C-H, O-H, N-H, C-C, C-O, C-N, N-O,
N-N, O-O, were found to be linearly correlated across different transition metals. The main
advantage in the use of BEP relations lies in its simplicity to connect the selectivity and activity
of a catalyst to one or few descriptors. This dramatically reduces the parameters needed to
describe trends underlying the kinetics of a complex reaction pathway. The quality of the BEP
relations for these complex systems is reportedly sensitive to the size of the DFT unit cell size
and the use of the generalized gradient approximation (GGA) type DFT 41, 46. Recent studies,
however, have shown that classes of similar reactions on transition metal surfaces follow a
universal BEP relationship wherein the linear trends are reaction independent but surface
structure dependent38-41, 45. Though the application of BEP relations has had significant successes,
they have mainly been applied to establish trends in catalytic activity for non-electrochemical
processes and have not been investigated for potential-dependent kinetics barriers of elementary
electrochemical reactions.
In this study, we determine the potential-dependent activation energies and reaction
energies for electrochemical C-H, O-H and N-H bond formation across close-packed Ag, Au, Cu,
Ni, Pd, Pt and Rh surfaces. We use the results of these calculations to answer three questions: 1)
Do X-H (X=C, O, N) bonds form through Tafel or Heyrovsky elementary steps, and does this
vary with X or metal, 2) Do ‘electrochemical BEP’ correlations hold to correlate the activation
barrier with the elementary reaction energy for X-H bond formation steps at a constant electrode
potential across metals, and 3) Are the electrochemical BEP relationships for C-H, O-H, and N-H
bonds equivalent such that comparing their relative reaction energies is sufficient to determine
rate limiting steps in complex multi-step electrocatalytic mechanisms?
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In the following sections, we illustrate how our previously reported method to
approximate potential-dependent activation barriers of elementary electrochemical steps is used
to investigate the reaction mechanism of C-H, O-H and N-H bond formation on fcc (111)
transition metal surfaces and examine the role of interfacial water in dictating the kinetics of these
elementary reactions. The potential-dependent kinetics of C*→CH4, O*→H2O and N*→NH3
reduction reaction series are also examined. In the last section, we construct Brønsted-EvansPolanyi relations (BEP) for elementary C-H, O-H and N-H bond activation across fcc (111)
metals and assess the effect of electrode potential on the BEP relations. The potential-dependent
ACT

activation energies derived from the BEP relations (G BEP (U)) are compared to those calculated
ACT
using the Marcus theory29 based approach (GMarcus
(U)).
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6.2

Methods and Computational Details

Electronic structure calculations were performed using the plane-wave pseudopotential
package, Vienna ab initio simulation package (VASP v. 5.3.5)47-49 with the projector augmented
wave (PAW)50 method for core-valence treatment. The exchange-correlation energy was
calculated using the Perdew, Burke, and Ernzerhof (PBE)51 functional described within the
generalized gradient approximation (GGA)52. A plane-wave basis set cutoff energy of 450 eV
was used. The ionic convergence limit was set to 0.02 eV Å-1 while the electronic convergence
limit was set to 1×10-5 eV. The Fermi level was smeared with the Methfessel-Paxton53 scheme
using a smearing width (σ) of 0.2 eV for surfaces and 0.003 eV for molecules. The sampling of
the Brillouin zone for surface calculations was conducted with a k-point mesh of 5 x 5 x 1
generated automatically using the Monkhorst-Pack method54,
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. Transition states and the

corresponding activation barriers were computed using the Climbing Image Nudged Elastic Band
(CI-NEB)56 method with 4-5 intermediate images. Vibrational frequency calculations were
conducted to confirm the transition states.
Periodic surface slab models were used to construct the fcc (111) metal surfaces: Ag
(111), Au (111), Cu (111), Ni (111), Pd (111), Pt (111) and Rh (111) using experimental lattice
constants. The surfaces were modeled as a 3×3 supercell comprised of 5 layers of metal atoms
and a vacuum region of ~15 Å to exclude periodic interaction between the slabs. The bottom
three layers of the slab were constrained to imitate the bulk arrangement while the top two layers
of the slab were relaxed. Structural optimization of surface species, including C*, O*, N*, H*,
CH*, CH2*, CH3*, CH4, OH*, H2O*, NH*, NH2* and NH3 (where * denotes surface bound
adsorbates), was conducted by initially considering high symmetry configurations (atop, bridge,
fcc, hcp sites) to compute the lowest energy stable configuration. In all activation barrier
calculations, the acceptor atom (C*, O* or N*) and the H* being transferred were placed in the
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high-symmetry fcc site. For the Heyrovsky-like mechanism, the explicit water molecule was
placed to maintain a hydrogen-bond between the transferring hydrogen and the oxygen (H*-OH2O). The hydrogen atom of the explicit water molecule was positioned to allow the H to
dissociate from the water molecule and associate with the acceptor atom (HH2O--X* where X = C,
O, N).

6.2.1

Estimation of Free Energies (G)
The free energy G of any species X* (where * denotes surface-bound) is calculated using

Equation (1) and includes a vibrational correction terms that correct the free energy from 0 K to
298 K.
ZPVE
GX *  E XDFT
 U Xvib*  TS Xvib*
*  EX *

(1)

where G represents the free energy of a surface bound constituent X, EDFT refers to the 0 K DFT
energy, EZPVE is the zero-point vibrational energy, and Uvib and TSvib represent the vibrational
entropic and internal energy corrections of the species at room temperature (298 K).

6.2.2

Estimation of potential-dependent reaction energies, ΔGRXN(U)
The reaction free energy change (ΔG) of an elementary electrochemical reaction as a

function of the electrode potential (U) is calculated on a reversible hydrogen electrode scale (VRHE) using the computational hydrogen electrode (CHE)11 approach, in which the chemical
potentials of a proton-electron pair (μH+ + e−) and a hydrogen molecule (½ μH2) are equal at 0 VRHE at all pH values. The potential-dependent reaction free energy change of a general
elementary reduction reaction (Equation (2)) is shown in Equation (3).

161
X *  H (aq )  e   XH *

(2)

G U   GXH *  G*  ½ GH 2  g   eU

(3)

where G*, GX* and GXH* are the ZPVE and TS corrected free energies of the clean electrode
surface, reactant and product states respectively, GH2 is the free energy of gas-phase H2 at 300 K,
e is the elementary positive charge and U is the electrode potential on a relative hydrogen
electrode scale (V-RHE).

6.2.3

Estimation of potential-dependent activation energies, ΔGACT(U)
We have previously reported a simple method to approximate potential-dependent

activation barriers for elementary surface-mediated electrochemical reduction reactions35, 57, 58. In
this method, we assume the reduction reaction, shown in Equation (2), as an inner sphere reaction
with the transition state being local to the surface species (X*) and that electron motion is rapid
once the nuclei attain the transition state. The transition state for the electrochemical step
(Equation (2)) is located by analogy to a non-electrochemical step (Equation (4)) involving
equivalent local models of adsorbed species and the ion being transferred. The main
approximation in this approach is that the transition state located for the non-electrochemical step
is equivalent to that of the electrochemical step at a specific potential U0. Here the value of U0
does not necessarily correspond to the equilibrium potential of the reaction. At U = U0 (Equation
(5)), the chemical potentials of the analogous non-electrochemical state (μ(X+H)*) and the
electrochemical state (μ(X*+H++e−)) are equal, allowing for the barrier to be referenced to the
chemical potential of the ion in the bulk electrolyte using the CHE model11.
( X  H ) *  XH *

(4)
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U0 

 G( X  H )*  GX *  ½ GH 2 ( g )

(5)

e

The activation barrier of the non-electrochemical surface reaction can be computed using
standard DFT approaches56,

59

and is assigned to the specific potential U0 and is labeled

(ΔGACT(U0)).
The potential-dependence is incorporated by extrapolating ΔGACT(U0) to other electrode
potential values using Marcus theory29, 60, 61 based free energy parabolas of the reactant (GX*+H*),
and product (GXH*) states. Details regarding the construction of the free energy parabolas and
locating their intersection point have been reported previously in Chapter 5. The intersection
point of the parabolas, xTS, represents the location of the transition state on the reaction coordinate
and is scaled between the reactant (xX* set to 0) and product state (xXH* set to 1) using Equation
(6) where dTS and dXH* denote the interatomic distance between the transferring H and the
accepting atom X* in the transition and product state, respectively. To compare early/late
progression of the transition states systematically across different reaction intermediates on the
metal surfaces, the interatomic distance between the transferring H and X* in the initial state,
d(X+H)*, is kept constant and approximated as 2.3 Å. The potential-dependent activation energy
ACT
(ΔGMarcus
(U) can be calculated by solving for the intersection point of the free energy parabolas at

potential U as shown in Equation (7).
The reaction symmetry factor β is calculated as the first-order derivative of the activation
barrier with potential as shown in Equation (8). β(U) measures the change in activation barrier
with the reaction energy change. Although the Butler-Volmer theory approximates β as a
potential-independent constant typically between 0.3 < β < 0.763, 64, a full Marcus theory treatment
of the potential-dependent parabolas leads to β values that vary with potential.
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xTS (U 0 ) 

dTS  2.3
d XH *  2.3

(6)

ACT
GMarcus
(U )  G( X  H )* ( xTS (U ))  GXH * ( xTS (U ))

 (U ) 

6.2.4

(7)

ACT
GMarcus
(U )
U

(8)

Using Brønsted-Evans-Polanyi (BEP) relations to predict potential-dependent
activation energies
Based on previous DFT calculations, the activation energy and the reaction energy of

several surface-mediated (de-)hydrogenation reactions on different transition metal surfaces have
been linearly correlated and found to obey a universal BEP relation38-40, 42, 44, 46, 62. In this study,
we test whether BEP relations hold when comparing across metals or across reactions at a
constant electrode potential, as shown in Equation (4):
ACT
GBEP
(U )  a (U ) ( G RXN (U  0)  neU )  b(U )

(9)

where a(U) and b(U) represent the slope and intercept of the BEP scaling relation that vary with
ACT
potential, derived by correlating calculated values of ∆GMarcus
(U) with ∆G

RXN

(U). In section

6.3.3, we compare the potential-dependent activation energies calculated using a full Marcus
theory treatment (Equation (7)) versus that derived from a BEP relation (Equation 10).
Since at U = U0, the activation energy is calculated using an analogous nonelectrochemical step, we expect the activation barrier ΔGACT(U0) and the reaction free energy
ΔGRXN(U0) to be linearly correlated. This is in agreement with previous studies that report the
existence of a single universal BEP relation that correlates the activity of the metal surfaces to the
reaction energy of all essential bond breaking and forming reactions on the metal surfaces 40, 41, 46.
As the value of U0 and the function β(U) can vary across metals, the existence of the non-
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electrochemical BEP hydrogenation correlation (equivalent to the “U0 BEP”) does not necessitate
that a BEP relationship will hold when correlating barriers with reaction energies at a constant
electrode potential, U. We test the reliability of constant potential BEP correlations, and show
that their reliability allows for facile estimation of potential dependent activation barriers. The
activation energy can then be approximated at any electrode potential U by substituting ∆GACT
BEP
(U) in Equation (9) at U = U0 into the Butler-Volmer formalism shown in Equation (10):
ACT
G ACT (U )  GBEP
(U 0 )   F (U  U 0 )

(10)

Using Equations (9) and (10), we can thus predict the potential-dependent activation energy
(ΔGACT(U)) for an elementary reaction, given the value of ΔGRXN(U0), U0 and an approximate
potential-independent β, without the need to conduct an explicit DFT barrier calculation.

165
6.3

Results and Discussion

In Sections 6.3.1 – 6.3.2, we compute the potential-dependent activation energy of
elementary C-H, O-H and N-H reduction reactions on fcc (111) metal surfaces via two different
reaction mechanisms, including the Tafel-like (direct surface hydrogenation) and the Heyrovskylike (solvation assisted H shuttling) schemes. The preferred reaction mechanism for elementary
C-H, O-H and N-H reduction reactions and the kinetics of C*→CH4, O*→H2O and N*→NH3
reduction reaction series are discussed. In Section 6.3.3, we construct Brønsted-Evans-Polanyi
relations for C-H, O-H and N-H reduction reactions across fcc (111) metals and assess the
validity of BEP relations across a wide range of electrode potentials. We then use BEP relations
to predict the potential-dependent activation energies (GACT
BEP (U)) for C-H, O-H and N-H bond
ACT
formation and compare the predicted values to the extrapolated energies (GMarcus
(U)) derived

using Marcus theory.

6.3.1

Potential-dependent activation energies for C-H, O-H and N-H bond formation on
fcc (111) metals

We use the reduction of N* to NH* on Cu (111) as an example reaction to illustrate the
calculation of potential dependent activation barriers and comparison of Tafel and Heyrovsky
mechanisms. Figures 6-1(a)-(d) show the optimized structures of the reactant (N*), reference (N*
+ H*), transition and product (NH*) states used to compute the potential-dependent activation
barrier for N-H formation on Cu (111) via a Tafel-like direct surface hydrogenation process. The
activation barrier GACT(U0) is 0.68 eV computed using DFT at U0= −0.07 V-RHE. For the
Heyrovsky-like mechanism for this reduction reaction, the H is shuttled through the water
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(a)

(b)

(c)

(d)

(e)

(f)

(g)

(h)

Figure 6-1. Top and side view of the reactant, reference, transition and product state of the
electroreduction of N* to NH* on the Cu (111) surface via the Tafel-like (a-d) and the
Heyrovsky-like (e-h) mechanism. (Orange = copper, blue = nitrogen, red = oxygen and white
= hydrogen).

molecule to form a N-H bond. The barrier for the water assisted proton shuttling mechanism is
lower than the Tafel-like mechanism (GACT(U0) = 0.53 eV at U0= −0.12 V-RHE). The optimized
structures of the reactant (N* + H2O), reference (N* + H2O + H*), transition and product (NH* +
H2O) state used to compute the Heyrovsky barrier for N-H formation are shown in Figure 6-1(e)(h). In the reference state of the Heyrovsky-like mechanism (Figure 6-1(f)), the explicit H2O
molecule serves to stabilize the N* and H* (interatomic distance H*--OH2O = 2.54 Å, N*--OH2O =
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2.02 Å). The transition state configuration (Figure 6-1(g)) resembles a H3O+ species in close
proximity to the N* (interatomic distance N*--HH2O = 1.61 Å). With the Marcus Theory approach,
the potential-dependent activation energy (GACT(U)) of N* reduction on Cu (111) at room
temperature can be estimated (see Figure 6-2(a)). At U = −0.50 V-RHE, the activation energy for
N-H bond formation on Cu (111) via the Tafel-like mechanism is 0.56 eV (with β = 0.26) and the
Heyrovsky-like mechanism is 0.47 eV (with β = 0.16). Figure 6-2(a) compares the variation in
activation energy with potential for N-H formation on Cu (111) via the Tafel-like (solid blue line)
and Heyrovsky-like (dashed blue line) mechanisms. Across an applied potential range of 2 V, the
Heyrovsky-like mechanism yields lower barriers by approximately 0.15 eV relative to the Tafellike mechanism for N*→NH* reduction on Cu (111), highlighting the crucial role of interfacial
water in facilitating proton transfer during N-H bond formation. Solvation by additional water
molecules would be expected to further stabilize the Heyrovsky transition state relative to the
Tafel transition state due to the greater degree of charge separation in the H3O+-like transition
state.
Figure 6-2(a) also compares the variation in activation energy with potential for C-H
(black) and O-H (red) bond formation on Cu (111) via the Tafel-like (solid line) and Heyrovskylike (dashed line) mechanisms. The optimized structures of the reactant, reference, transition and
product states, equivalent to Figure 6-1 for C-H and O-H formation, are reported in Figures S 6-1
and S 6-2 of the Supplementary Information. For O*→OH* reduction reaction, the activation
barrier (GACT(U0)) computed using DFT for the Tafel-like mechanism is 0.83 eV at U0 = −0.07 VRHE and 0.38 eV for the Heyrovsky-like mechanism at U0 = −0.28 V-RHE. For C*→CH*
reduction, the activation barrier (GACT(U0)) computed using DFT for the Tafel-like mechanism is
0.52 eV at U0 = 0.00 V-RHE and 0.58 eV for the Heyrovsky-like mechanism at U0 = 0.15 V-RHE.
As shown in Figure 6-2(a), the potential-dependent activation energies suggest that O-H bonds
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Figure 6-2. Potential-dependent (a) activation barriers (eV) and (b) β values for C*→CH*
(black), O*→OH* (red) and N*→NH* (blue) reduction reactions on Cu (111) via the Tafellike (solid line) and Heyrovsky-like (dashed line) mechanism (c) Average potential-dependent
β values for C*→CH* (black), O*→OH* (red) and N*→NH* (blue) reduction reactions via
the Tafel-like (line) and Heyrovsky-like (dashed) mechanisms on all considered close-packed
(111) metal surfaces (Ag, Au, Cu, Ni, Pd, Pt and Rh). Best fit coefficients for βAverage (U) are
reported in Table 6-1. Data points in (a) indicate the explicitly calculated activation barrier
GACT(U0), at the reference potential U0, used in extrapolating the activation energies as a
function of electrode potential.

preferentially form via the Heyrovsky-like mechanism, with interfacial water stabilizing the
kinetics of O-H formation relative to the Tafel-like process by 0.42 eV on average across a
potential range of 2 V. For C-H bond formation on Cu (111), the Tafel-like mechanism leads to
slightly lower activation barriers at reductive overpotentials (U < U0).
Besides Cu (111), the preferred mechanism (Tafel-like versus Heyrovsky-like) of C-H,
O-H and N-H bond formation on Ag (111), Au (111), Ni (111), Pd (111), Pt (111) and Rh (111)
was determined. The estimated electrode potential-dependent activation energies (GACT(U)) of
C*→CH*, O*→OH* and N*→NH* reduction reactions on all considered fcc (111) metal
surfaces via the Tafel-like and Heyrovsky-like mechanisms are reported in Figure S 6-3 of the
Supplementary Information. The parameters used for approximating all reported activation
energies using the Marcus theory approach, including GACT(U0), U0 and GRXN(U0), are presented
in Table S 6-1 of the Supplementary Information. The U0 values for C-H, O-H and N-H bond
formation show a wide variation with the metal identity, between −0.45 < U0 < 0.35 V-RHE, due
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to differences in H* adsorption strength. The reducing species (C*/O*/N*) and the reaction
mechanism (Tafel-like/Heyrovsky-like) have little impact on U0 variations, as the binding energy
of H* is only slightly affected by the nearby co-adsorbate or interfacial H2O molecules. With the
exceptions of C-H bond formation on Cu (111) and Ag (111) surfaces, the Heyrovsky-like
scheme is the preferred mechanism for C-H, O-H and N-H bond formation and yields lower
activation barriers over an applied potential range of 2 V. The preference for the Heyrovsky
mechanism is most pronounced for O-H (~ 0.5 eV), and less pronounced for N-H (~ 0.3 eV) and
C-H (~ 0.2 eV) reduction reactions. Our analyses (see Figure S 6-3 of the Supplementary
Information) indicate that within the subset of the close-packed fcc metal surfaces considered, Ag
(111) and Cu (111) are the only exceptions wherein C-H bond formation has a lower activation
barrier via the Tafel-like mechanism at reductive overpotentials (U < U0).
We modeled the potential-dependent activation barriers of C*, O* and N* reduction via
the Heyrovsky-like mechanism using a single explicit water molecule. The inclusion of additional
explicit water molecules up to a bilayer has been previously shown to increase the stability of the
transition state for Heyrovsky-like processes, further lowering the barrier for proton transfer35, 36.
We expect that the potential-dependent activation energies for C-H, O-H and N-H bond formation
via the Heyrovsky-like mechanism, reported in this study, to be an overestimation and that
addition of higher degree of interfacial solvation is likely to stabilize the barriers by 0.1-0.3 eV.

6.3.2

Variations in β(U) with reaction mechanisms and reaction series
Figure 6-2(b) shows the electrode potential-dependent variation in the reaction symmetry

coefficient β(U) for C-H (black), O-H (red) and N-H (blue) bond formation on Cu (111) via the
Tafel-like (solid line) and Heyrovsky-like (dashed line) mechanisms. β(U) values were calculated
with a reaction coordinate defined using the interatomic distances (dX*--H*) between X* and H*
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(where X = C, O and N) in the initial, transition and final states computed using DFT. For the
Heyrovsky-like mechanism, an average interatomic distance of the shuttled H atoms was used to
locate the position of the transition state along the reaction coordinate. As shown in Figure 6-2(b),
the estimated β(U) values of the reduction reactions on Cu (111) are lower when the reduction
proceeds via the Heyrovsky-like mechanism relative to the Tafel-like mechanism. Across a 2 V
potential range, β(U) varies linearly between 0.20 – 0.40 for C*, O* and N* reduction via the
Tafel-like mechanism. For the Heyrovsky-like mechanism, β(U) exhibits a non-linear variation
between 0.15 – 0.35. We attribute the differing nature of the potential-dependence to the
(relatively arbitrary) use of geometric bond distances (dX-H) to describe the reaction coordinate.
The β(U) values for C-H, O-H and N-H bond formation were calculated for all
considered fcc (111) metal surfaces and are reported in Figure S 6-4 of the Supplementary
Information. Variations in β(U) values do not follow a periodic trend across close-packed metal
surfaces. The β(U) values are typically lower for reduction reactions via the Heyrovsky-like
mechanism (0.15 < β(U) < 0.30) versus the Tafel-like mechanism (0.25 < β(U) < 0.50), with the
exceptions of Ni (111), Pt (111) and Rh (111) for which β(U) are relatively insensitive to the type
of reaction mechanism. Figure 6-2(c) shows the β(U) values for C-H, O-H and N-H bond
formation, over a potential range of −1.00 > U > 1.00 V-RHE, averaged across all considered
close-packed (111) metal surfaces. The values are lower than those reported in literature
(typically 0.3 < β < 0.7)63,

64

. We attribute this discrepancy to our approximate method of

estimating β(U) and its definition being subject to a geometric distance based reaction coordinate.
Figure 6-3 shows the electrode potential-dependent activation energies (GACT(U)) for
three series of elementary reduction reactions on the Pt (111) surface: C*→CH*→CH2*→CH3*
→CH4, O*→OH*→ H2O and N*→NH*→NH2*→NH3. The corresponding reaction symmetry
coefficient (β(U)) for all reactions are reported in Figure S 6-8 of the Supplementary Information.
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Figure 6-3. Potential-dependent activation barriers (eV) (solid line) for the electrochemical
reduction of (a) C*→CH*→CH2*→CH3*→CH4, (b) O*→OH*→H2O and (c) N*→NH* →
NH2*→NH3 reduction reactions on Pt (111) via the Tafel-like mechanism. Data points
indicate the explicitly calculated activation barrier GACT(U0), at the reference potential U0,
used in extrapolating the activation energies as a function of electrode potential.

The activation energies were computed for a Tafel-like reaction mechanism through a
direct surface hydrogenation process. Activation energies via the Heyrovsky-like mechanism are
expected to be lower, and are a subject of future work. In all calculations, the transferring H* was
placed in the high-symmetry fcc site and the reactive species (CHx, OHx and NHx where x= 0-4)
were allowed to relax into their minimum energy high-symmetry site. Optimized structures of the
reactant, reference, transition and product states for all reaction series are presented in Figures S
6-5 to S 6-7 of the Supplementary Information. The parameters used for approximating GACT(U)
using the Marcus theory approach are reported in Table S 6-2 of the Supplementary Information.
As shown in Figure 6-3, β(U) values show relatively small variations with the degree of
hydrogenation and vary more prominently with the type of reduction reaction (O > N > C).
Figure 6-3(a) shows the potential-dependent activation barriers for C-H formation to CH4
on Pt (111) via the Tafel-like mechanism. The C*→CH*→CH2*→CH3*→CH4 reduction steps
are known to be crucial steps in the electroreduction of CO2 to CH4. At U = −0.50 V-RHE, the
extrapolated activation energy varies between 0.35 < GACT < 0.50 eV for all elementary C-H
reduction reactions on Pt (111) in the C*→CH4 pathway. The reduction of CH3* appears to have
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the largest overpotential. Based on our previous analyses in Section 6.3.1, it is likely that the
activation energies could be further lowered by 0.20 eV were the reduction to proceed via the
Heyrovsky-like mechanism. These low barriers suggest the Pt (111) surface would be active for
C-H bond formation at CO/CO2 reduction potentials, presuming surface C* species could form.
Figure 6-3(b) shows the potential-dependent activation energy for O* reduction to H2O.
At 1 V-RHE, the computed barriers are 1.29 eV (O*→OH*) and 0.41 eV (OH*→H2O). A lower
barrier for OH*→H2O is expected as this reaction is considered equilibrated in the potential range
of the oxygen reduction reaction24. As reported in Section 6.3.1, reduction via the Heyrovsky-like
mechanism can significantly lower the activation barrier for O-H formation up to 0.50 eV relative
to the Tafel-like mechanism. Thus, the activation energies presented here for O*→H2O are an
overestimation and the kinetics of oxygen reduction are expected to proceed more rapidly on the
Pt (111) surface than inferred from the Tafel barriers calculated here63.
For the electroreduction of N* to NH3 on Pt (111) (Figure 6-3(c)), the potentialdependent activation energies suggest that the reduction of NH*→NH2 via the Tafel-like
mechanism is the most uphill step in the pathway with a high barrier of 0.97 eV at U = −0.50 VRHE. It is likely that the Heyrovsky-like mechanism can lower the barrier for N-H formation. At
U = −0.50 V-RHE, the activation energy for N*→NH* reduction on Pt (111) is lower by 0.50 eV
when the reduction proceeds via the Heyrovsky-like mechanism relative to a direct surface
hydrogenation mechanism (see Section 6.3.1). This suggests that the Pt (111) surface can rapidly
form N-H bonds at N2 reduction potentials, assuming Pt has a high activity for N2 activation.
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6.3.3

Using Brønsted-Evans-Polanyi relations to predict potential-dependent activation
energies
Figure 6-4 shows BEP scaling relations of C-H, O-H and N-H bond formation via the

Tafel-like [Figure 6-4(a)-(c)] and Heyrovsky-like [Figure 6-4(d)-(f)] mechanisms across the
various fcc (111) metal surfaces. The BEP relationships in Figure 6-4 correlate the activation free
energy and reaction free energy at the potential U0. As this potential is defined as the equilibrium
potential for addition of the H* species to the catalyst surface, the BEP relationships at U0 are
equivalent to surface hydrogenation BEP relationships. The BEP relations between ∆GACT(U0)
and ∆GRXN(U0) or C-H, O-H and N-H bond formation hold well across the various close-packed
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Figure 6-4. Brønsted-Evans-Polanyi (BEP) relations constructed for C*→CH* (a & d),
O*→OH* (b & e) and N*→NH* (c & f) reduction reactions on fcc (111) metals via the Tafellike (a-c) and Heyrovsky-like (d-f) mechanism. The activation free energy and reaction free
energy are given at the equilibrium potential (U0) at which μ (H+ + e–) = μ (0.5 H2). Solid black
line represents the averaged BEP linear fit to the data with inset a, b, MAE values denoting the
slope, intercept and mean absolute error of the fit respectively.
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late transition metal surfaces with the mean absolute error (MAE) for all considered reactions and
species being less than 0.1 eV. In all calculations, the high-symmetry site equivalency of the
adsorbate (C*, O*, N* and H*) was maintained for all reduction reactions across all considered
metal surfaces, since the BEP relations are known to originate from the geometric similarity of
the transition and product state structures. Thus for a fixed geometry, variations along the BEP
lines can be principally attributed to the differences in the electronic structure of the transition
metals. For all considered reaction species (C*, O* and N*) and mechanisms (Tafel-like and
Heyrovsky-like), the BEP relations hold well due to geometric similarity of the transition states.
The value of U0 differs across metals, therefore, the BEP relationships in Figure 6-4 do
not prove a correlation of activation barriers across metals at a specific electrode potential. BEP
relations are primarily used to predict how the activation barriers might scale with the reaction
free energies for a specific reaction across different metals or different reaction series on a
specific metal. For electrochemical reactions, it is of high importance to assess if the BEP
relations hold at a constant electrode potential. Several DFT based investigations of the reaction
mechanism of key electrocatalytic reactions, including the oxygen reduction11 and carbon dioxide
reduction14,

15, 17

reactions, employ the CHE model11 to compute the elementary potential-

dependent reaction free energies and postulate that the activation barriers are likely to scale with
the reaction energies at any electrode potential U. If the BEP relations are maintained at different
values of U, the potential-dependent activation barriers can indeed be reasonably approximated to
scale with the potential-dependent reaction free energies. Across metals, this implies that the
metal exhibiting the most favorable reaction energy can be expected to have the lowest activation
barrier for a given electrochemical reaction at an electrode potential U. Across a reaction series
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on the same metal surface, this implies that the step in the series with the most favorable reaction
free energy would expectedly have the highest barrier.
In an attempt to validate these implications and assess the effect of the applied electrode
potential on the BEP relations, the potential-dependent activation energies ∆GACT(U) and reaction
energies ∆GRXN(U) for C-H, O-H and N-H bond formation were correlated at −1.0, −0.5, 0.0, 0.5,
and 1.0 V-RHE. At potential values of −1.00 and 1.00 V-RHE as shown in Figure S 6-9, the BEP
relations across metals are valid for C-H, O-H and N-H reduction reactions via the Tafel and
Heyrovsky-like mechanism. The quality of the BEP fit depends on the metal-dependent variations
in U0 and the estimated β(U) value. The mean absolute error (MAE) of the BEP relations across a
potential window of 2 V is less than 0.16 eV. Figure 6-5 compares the explicitly calculated
activation barriers and the BEP approximated barriers, further demonstrating that the BEP fits
hold well for a reaction series across metal surfaces. The mean absolute deviation in the GACT(U)
values for reactions via the Tafel-like mechanism (Figure 6-5(a)) is 0.07 eV with a maximum
deviation of 0.28 eV at U = 1.00 V-RHE and 0.05 eV via the Heyrovsky-like mechanism (Figure
6-5(b)), with a maximum deviation of 0.15 eV at U = 1.00 V-RHE. The activation energies via
the Tafel-like mechanism (Figure 6-5(a)) show a stronger dependence on the metal surface and
across potential relative to those computed via the Heyrovsky-like mechanism (Figure 6-5(b)).
These results demonstrate that, when comparing a specific elementary reaction across a series of
metals, reaction energies can be used to rank the relative activation barriers.
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Figure 6-5. Parity plot comparing the potential-dependent activation energies (eV) calculated
using the Marcus theory approach (Y-axis) relative to values derived using the BEP fit
coefficients (X-axis). Data shown for potential values of U = –1.0 (○), –0.5 (×), 0.0 (◊), 0.5
(□) and 1.0 (∆) V-RHE for the C*→CH*, O*→OH* and N*→NH* reduction reactions on
fcc (111) metals via the (a) Tafel-like and (b) Heyrovsky-like mechanism. <σ> denotes the
mean absolute standard deviation from the parity line.

Figure S 6-10 shows the BEP relations of three reaction series (C*→CH4, O*→H2O and
N*→NH3) on the Pt (111) surface at constant electrode-potential values of U = −1.0 and 1.0 VRHE. The activation barriers and reaction free energies across a reaction series are correlated at a
given value of U and are unique to the type of reaction series (C*/O*/N* associated reduction).
The slope (BEP coefficient) for each reaction series is distinct implying that a universal BEP
trend across all reaction series is unlikely to give a good estimate of the potential-dependent
barrier of an elementary step for a known value of ∆GRXN(U). The BEP slopes for the O-H, N-H,
and C-H reactions across metals also vary. We conclude that a linear relationship between
activation barriers and reaction energies cannot be assumed when comparing different reaction
types (C-H, O-H, and N-H) formation, but can be assumed when comparing within a series of
XHn-H formations on the same metal or for the same X-H formation across metals.
Figure 6-5 validates the applicability of potential-dependent BEP relations to predict the
electrode potential-dependent activation barriers of elementary electrochemical reactions. In order
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to extrapolate potential-dependent activation energies using a BEP relation constructed at a single
potential, we substitute the BEP fit coefficients at U = U0 (equivalent to those of analogous nonelectrochemical (de-)hydrogenation reactions) shown in Figure 6-4 into Equation 11. DFTcomputed values for ∆GRXN(U0) and U0 for C-H, O-H and N-H bond formation via the Tafel-like
and Heyrovsky-like mechanisms are reported in Table S 6-1 of the Supplementary Information.
β(U) values averaged across the transition metal surfaces shown in Figure 6-2(c) are used. Table
6-1 provides potential-dependent best fit coefficients for β that is unique to each reaction species
and mechanism. A linear fit is used to represent the potential-dependence of β polynomial fit is
employed to describe β(U) for the same via the Heyrovsky-like mechanism. Figure 6-6 compares
the potential-dependent activation energies for C-H, O-H and N-H bond formation on transition
ACT
metal surfaces derived explicitly using the Marcus theory approach (GMarcus
(U)) and those derived

Table 6-1. Best fit coefficients for the potential-dependent β values averaged across all considered
close-packed (111) metals shown in Figure 6-2(c). A linear fit is used for β(U) values associated
with Tafel-like mechanism and a second-order polynomial is used for Heyrovsky-like mechanism
AVG
Tafel
[U ]  X [U ]  Y
AVG
 Heyrovsky
[U ]  M [U 2 ]  N [U 2 ]  O

Reaction

X [U ]

Y

M [U 2 ]

N [U ]

O

C*→CH* Tafel-like

0.099

0.336

-

-

-

O*→OH* Tafel-like

0.104

0.383

-

-

-
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0.096

0.341

-

-

C*→CH* Heyrovsky-like

-

-

0.017

0.087

0.226
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-

-

0.069

0.161

0.216

N*→NH* Heyrovsky-like

-

-

0.028

0.096
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178
from BEP relations (GACT
(U)) using BEP relations at U = U0 (Figure 6-4) and β(U) values
BEP
(Figure 6-2(c)) averaged across transition metals. GACT(U) values show better agreement for the
Tafel-like mechanism (maximum deviation = 0.30 eV) than reactions occurring via the
Heyrovsky-like mechanism (maximum deviation = 0.68 eV), indicating that the parity is highly
sensitive to β(U). We rationalize that our approach to estimating β(U) is reliant on the interatomic
distances between X* and H*. For surface hydrogenation processes, this serves as a good
descriptor in capturing differences in the geometric and electronic structure across the metal
surfaces, however, for the Heyrovsky-like scheme, an approximated average shuttling distance of
the solvated proton is considered. The arbitrary placement of the explicit water molecule in the
DFT unit cell, leading to multiple geometrically dissimilar but energetically favorable
configurations with similar local potential energy minima, may also contribute to the deviations
noted in Figure 6-6(b).
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Figure 6-6. Parity plot comparing the potential-dependent activation energies (eV) calculated
using the Marcus theory approach (Y-axis) relative to values derived using average β(U)
(Figure 6-2(c)) and BEP fit coefficients (Figure 6-4) at U=U0 (X-axis). Data shown for
potential values of U = –1.0 (○), –0.5 (×), 0.0 (◊), 0.5 (□) and 1.0 (∆) V-RHE for the
C*→CH*, O*→OH* and N*→NH* reduction reactions on fcc (111) metals via the (a)
Tafel-like and (b) Heyrovsky-like mechanism.
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6.4

Summary and Conclusions

In summary, we have investigated the elementary kinetics of electrochemical C-H, O-H
and N-H bond formation on fcc (111) transition metal surfaces. The role of interfacial water, as an
assistor or spectator, in the kinetics of these elementary electrochemical steps is investigated. On
most considered close-packed transition metal surfaces, the Heyrovsky-like scheme, wherein the
proton shuttles through the interfacial water, is the preferred mechanism for C-H, O-H and N-H
bond formation and yields lower activation barriers over applied electrode potentials between
−1.00 < U < 1.00 V-RHE. The Heyrovsky preference over Tafel-like steps is especially observed
with activation barriers lower for O-H formation by approximately 0.5 eV, and is also observed
for N-H (~ 0.3 eV) and C-H (~ 0.2 eV) reduction reactions. Ag (111) and Cu (111) are the only
exceptions, for which C-H bond formation has a lower activation barrier via the Tafel-like
mechanism at negative overpotentials (U < U0).
Using the calculated potential-dependent activation and reaction energies, we constructed
Brønsted-Evans-Polanyi relations (BEP) for elementary C-H, O-H and N-H bond activation
across transition metal surfaces. We found the BEP relations to hold across an applied potential
range of −1.00 < U < 1.00 V-RHE for C*, O* and N* bond activation occurring via the Tafel-like
and Heyrovsky-like mechanisms. The mean absolute error (MAE) in the BEP trends was less
than 0.10 eV near U = U0 and approximately 0.16 eV at higher overpotentials. On comparing the
potential-dependent activation energies derived from the BEP relations (GACT
BEP (U)) and those
ACT

computed using the Marcus theory based approach (GMarcus(U)) over a potential range of 2V, we
found good agreement between the values with an average absolute deviation of 0.07 eV in Tafellike and 0.28 eV in Heyrovsky-like reactions. Differences in BEP parameters of C-H, N-H and
O-H BEP correlations suggest that a linear correlation can be presumed when comparing reaction
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energies as a measure of activity for similar X-H steps across metals, but should not be used when
comparing among C-H, O-H, and N-H forming steps.
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6.6

6.6.1

Supplementary Information

Optimized configuration of surface-adsorbed intermediates in C*→CH* and
O*→OH* reduction reactions on Cu (111)
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Figure S 6-1. Top and side view of the reactant, reference, transition and product state of the
electroreduction of C* to CH* on the Cu (111) surface via the Tafel-like (a-d) and the
Heyrovsky-like (e-h) mechanism. (Orange = copper, gray = carbon, red = oxygen and white
= hydrogen)
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Figure S 6-2. Top and side view of the reactant, reference, transition and product state of the
electroreduction of O* to OH* on the Cu (111) surface via the Tafel-like (a-d) and the
Heyrovsky-like (e-h) mechanism. (Orange = copper, red = oxygen and white = hydrogen)
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6.6.2

Potential-dependent activation energies for C-H, O-H and N-H bond formation
on fcc (111) metals
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Figure S 6-3. Potential-dependent activation barriers (eV) for C*→CH* (black), O*→OH*
(red) and N*→NH* (blue) reduction reactions on (a) Ag (111), (b) Au (111), (c) Ni (111),
(d) Pd (111), (e) Pt (111) and (f) Rh (111) via the Tafel-like (solid line) and Heyrovsky-like
(dashed line) mechanism. Data points indicate the explicitly calculated activation barrier
GACT(U0), at the reference potential U0, used in extrapolating the activation energies as a
function of electrode potential.
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Table S 6-1. Parameters in estimating potential-dependent activation energies ΔGACT (U) for
elementary electroreduction reactions involving C-H, O-H and N-H bond formation on fcc
(111) metal surfaces using β (U) estimated from a geometric distance based reaction
coordinate
GRXN
at U0
(eV)

TSvib
(cm−1)

xTS
at U0

GACT
at −0.5
VRHE
(eV)

β at
−0.5
VRHE

Reaction

U
(eV)

GACT
at U0
(eV)

Ag

C*→CH* (Tafel)

−0.45

0.38

−1.87

i 665.8

0.17

0.35

0.44

Au

C*→CH* (Tafel)

−0.40

0.50

−1.62

i 865.2

0.46

0.48

0.21

Cu

C*→CH* (Tafel)

0.00

0.52

−1.25

i 838.3

0.40

0.37

0.28

Ni

C*→CH* (Tafel)

0.33

0.65

−0.53

i 942.9

0.65

0.48

0.17

Pd

C*→CH* (Tafel)

0.31

0.94

−0.47

i 764.6

0.43

0.60

0.38

Pt

C*→CH* (Tafel)

0.22

0.78

−0.76

i 891.8

0.57

0.60

0.22

Rh

C*→CH* (Tafel)

0.35

1.07

−0.47

i 792.1

0.53

0.78

0.31

Ag

C*→CH* (Heyrovsky)

−0.38

0.47

−1.76

i 1056.1 0.50

0.45

0.17

Au

C*→CH* (Heyrovsky)

−0.41

0.42

−1.74

i 396.6

0.36

0.40

0.25

Cu

C*→CH* (Heyrovsky)

0.15

0.58

−1.20

i 1118.2 0.55

0.46

0.17

Ni

C*→CH* (Heyrovsky)

0.39

0.61

−0.53

i 793.4

0.59

0.40

0.19

Pd

C*→CH* (Heyrovsky)

0.37

0.52

−0.54

i 791.0

0.53

0.30

0.21

Pt

C*→CH* (Heyrovsky)

0.30

0.51

−0.86

i 461.5

0.63

0.39

0.13

Rh

C*→CH* (Heyrovsky)

0.41

0.53

−0.52

i 176.6

0.56

0.31

0.19

Ag

O*→OH* (Tafel)

−0.44

0.60

−1.71

i 731.9

0.32

0.58

0.34

Au

O*→OH* (Tafel)

−0.35

0.62

−1.41

i 673.5

0.29

0.56

0.41

Cu

O*→OH* (Tafel)

−0.07

0.83

−0.68

i 1037.8 0.54

0.70

0.28

Ni

O*→OH* (Tafel)

0.29

1.14

0.16

i 1278.6 0.66

0.88

0.30

Pd

O*→OH* (Tafel)

0.29

1.10

−0.06

i 1180.3 0.59

0.82

0.32

Pt

O*→OH* (Tafel)

0.39

1.27

0.35

i 1283.7 0.65

0.94

0.33

0
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Rh

O*→OH* (Tafel)

0.33

1.19

0.33

i 1253.4 0.67

0.89

0.32

Ag

O*→OH* (Heyrovsky)

−0.61

0.20

−1.54

i 936.7

0.67

0.21

0.06

Au

O*→OH* (Heyrovsky)

−0.38

0.07

−1.60

i 472.8

0.48

0.07

0.04

Cu

O*→OH* (Heyrovsky)

−0.28

0.38

−0.70

i 1104.9 0.63

0.34

0.15

Ni

O*→OH* (Heyrovsky)

0.38

0.55

−0.04

i 1119.5 0.67

0.33

0.19

Pd

O*→OH* (Heyrovsky)

0.18

0.35

−0.36

i 730.9

0.59

0.21

0.17

Pt

O*→OH* (Heyrovsky)

0.15

0.43

0.02

i 801.9

0.59

0.21

0.26

Rh

O*→OH* (Heyrovsky)

0.10

0.53

0.03

i 1014.1 0.65

0.35

0.26

Ag

N*→NH* (Tafel)

−0.44

0.50

−2.05

i 766.7

0.23

0.47

0.39

Au

N*→NH* (Tafel)

−0.42

0.55

−1.61

i 663.8

0.28

0.52

0.38

Cu

N*→NH* (Tafel)

−0.07

0.68

−1.29

i 1029.3 0.46

0.56

026

Ni

N*→NH* (Tafel)

0.32

0.87

−0.28

i 1064.8 0.72

0.71

0.18

Pd

N*→NH* (Tafel)

0.31

1.11

−0.20

i 985.4

0.53

0.80

0.35

Pt

N*→NH* (Tafel)

0.25

0.82

−0.36

i 1094.5 0.63

0.62

0.23

Rh

N*→NH* (Tafel)

0.34

0.89

−0.19

i 1078.5 0.61

0.64

0.26

Ag

N*→NH* (Heyrovsky)

−0.57

0.33

−2.11

i 974.9

0.53

0.34

0.11

Au
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−0.36

0.18

−1.68

i 413.3

0.46

0.17

0.10

Cu

N*→NH* (Heyrovsky)

−0.12

0.53

−1.11

i 1152.9 0.60

0.47

0.16

Ni
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0.11
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−0.34

i 961.1

0.65

0.47

0.20

Pd
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0.36

0.50

−0.36

i 922.4

0.61

0.31

0.18

Pt
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0.31

0.43

−0.59

i 777.9

0.50

0.23

0.20

Rh

N*→NH* (Heyrovsky)

0.42

0.56

−0.32

i 1022.9 0.61

0.34
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6.6.3

Potential-dependent symmetry coefficient for C-H, O-H and N-H bond
formation extrapolated from Marcus theory free energy parabolas using a
geometric distance based reaction coordinate
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Figure S 6-4. Potential-dependent symmetry coefficients β (U) for C*→CH* (black),
O*→OH* (red) and N*→NH* (blue) reduction reactions on (a) Ag (111), (b) Au (111), (c)
Ni (111), (d) Pd (111), (e) Pt (111) and (f) Rh (111) via the Tafel-like (solid line) and
Heyrovsky-like (dashed line) mechanism
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6.6.4

Optimized configurations of surface-adsorbed intermediates in C*→CH4, O*→H2O
and N*→NH3 reduction series on Pt (111)

(a)
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(m)

(n)

(o)

(p)

Figure S 6-5. Top and side view of the reactant, reference, transition and product state of the
electro-reduction of C*→CH* (a-d), CH*→CH2* (e-h), CH2*→CH3* (i-l), and CH3*→CH4
(m-p) on the Pt (111) surface via the Tafel-like mechanism. (Dark blue = platinum, gray =
carbon, red = oxygen and white = hydrogen)

(a)

(b)

(c)

(d)

(e)

(f)

(g)

(h)

Figure S 6-6. Top and side view of the reactant, reference, transition and product state of the
electro-reduction of O*→OH* (a-d), and OH*→H2O* (e-h) on the Pt (111) surface via the
Tafel-like mechanism. (Dark blue = platinum, red = oxygen and white = hydrogen)
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(a)

(b)

(c)

(d)

(e)

(f)

(g)

(h)

(i)

(j)

(k)

(l)

Figure S 6-7. Top and side view of the reactant, reference, transition and product state of the
electro-reduction of N*→NH* (a-d), NH*→NH2* (e-h), and NH2*→NH3 (i-l) on the Pt
(111) surface via the Tafel-like mechanism. (Dark blue = platinum, blue = nitrogen, red =
oxygen and white = hydrogen)
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6.6.5

Potential-dependent activation energies and reaction symmetry coefficients for
C*→CH4, O*→H2O and N*→NH3 reduction series on Pt (111)

Table S 6-2. Parameters in estimating potential-dependent activation energies ΔGACT (U) for the
electrochemical reduction of
three reaction series: C*→CH*→CH2*→CH3*→CH4,
O*→OH*→H2O and N*→NH* → NH2*→NH3 on Pt (111) via the Tafel-like mechanism using
β (U) estimated from distance based reaction coordinate
GACT
G

ACT

at

G

RXN

at

U0 (eV)

β at −0.5

TSvib

U0 (eV)

Reaction

xTS at U0

(cm−1)

U0 (eV)

at −0.5
VRHE
VRHE (eV)

C*→CH*

0.24

0.61

−0.74

i 901.38

0.56

0.44

0.20

CH*→CH2*

0.32

0.77

0.56

i 445.34

0.78

0.44

0.31

CH2*→CH3*

0.38

0.62

−0.09

i 396.66

0.62

0.37

0.23

CH3*→CH4

0.40

0.78

0.04

i 925.11

0.68

0.53

0.23

O*→OH*

0.31

0.87

0.27

i 816.03

0.54

0.48

0.41

OH*→H2O*

0.30

0.24

−0.63

i 585.02

0.53

0.12

0.11

N*→NH*

0.24

0.78

−0.36

i 1102.25

0.63

0.59

0.23

NH*→NH2*

0.28

1.20

0.01

i 1144.69

0.67

0.97

0.27

NH2*→NH3*

0.36

0.61

−0.56

i 394.52

0.33

0.23

0.35
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Figure S 6-8. Potential-dependent reaction symmetry coefficients β(U) for the electrochemical
reduction of (a) C*→CH*→CH2*→CH3*→CH4, (b) O*→OH*→H2O and (c) N*→NH* →
NH2*→NH3 reduction reactions on Pt (111) via the Tafel-like mechanism.
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BEP relations for C-H, O-H and N-H bond formation across metals and
C*→CH4, O*→H2O and N*→NH3 reduction series on Pt (111) at −1.00 < U < 1.00
V-RHE
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Figure S 6-9. Brønsted-Evans-Polanyi (BEP) relations constructed for C*→CH* (a & d),
O*→OH* (b & e) and N*→NH* (c & f) reduction reactions on fcc (111) metals via the Tafellike (a-c) and Heyrovsky-like (d-f) mechanism at U = −1 V-RHE (circle) and U = 1 V-RHE
(triangle). Dotted black lines represent the linear best fit with corresponding fit equation and
coefficient of determination (R2).
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Figure S 6-10. Brønsted-Evans-Polanyi (BEP) relations constructed for (a) C* → CH* → CH2*
→ CH3* → CH4, (b) O*→OH*→H2O and (c) N*→NH* → NH2*→NH3 reduction reactions on
Pt (111) via the Tafel-like mechanism at U = −1 V-RHE (circle) and U = 1 V-RHE (triangle).
Dotted black lines represent the linear best fit with corresponding fit equation and coefficient of
determination (R2).
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Chapter 7

Molecular dynamics simulations of the Pt (111) electrode/aqueous KOH
electrolyte interface under controlled electrode potentials using Reactive
Force-Field (ReaxFF)
S. A. Akhade, A. C. T. van Duin and M. J. Janik

Abstract
We present classical reactive molecular dynamics simulations of the electrochemical
interface, where 1 M KOH electrolyte solution is placed between two Pt (111) electrodes held
under constant applied potential differences. A reactive force-field (ReaxFF) is developed to
define the interactions between Pt/K/O/H. Simulations are conducted to investigate the structural
distribution, orientation and dynamics of the solvent and electrolytic ions (K +, OH−) near the
electrode interface. Under the applied potential, K+ ions are observed to preferentially accumulate
near the negatively-charged electrode. OH− ions specifically adsorb on the Pt (111) electrode,
independent of the applied potential. The applied electrode potential causes structuring and
alignment of water molecules near the electrode surface (10 Å interfacial region) and influences
the electrostatic potential drop across the electrolyte.
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7.1

Introduction

Liquid/solid interfaces are crucial to the performance of several scientific and
technological processes, including electrocatalysis, corrosion, lubrication, nanoparticle selfassembly and heterogeneous catalysis1, 2. A molecular-scale perspective of the structure and
dynamics of the interfacial region between a solid electrode and a liquid electrolyte is important
towards understanding the surface-catalyzed adsorption and reactive events that occur at the
electrochemical interface3. The liquid/solid electrified interface has a complex dynamic nature
that results from factors including the orientation of the solvent molecules and the distribution of
electrolytic ions, both of which are influenced by the electrode potential. Solvent and ion
structure and dynamics are dependent on their composition, the electrode composition and
structure, and the electrode potential, challenging the prediction of behavior for any specific
system. It is also difficult to experimentally characterize the interface. The development of
computational models that can successfully simulate the electrochemical interface can help
explain observed behavior and develop predictive theories.
In the last two decades, several computational approaches have been developed to
represent electrochemical phenomena at the electrode/electrolyte interface. Density Functional
Theory (DFT) based models have proved useful in predicting the potential-dependent energetics
of electrocatalytic reactions, favorable adsorption sites of the reaction intermediates/electrolytic
ions and the preferred diffusion mechanism of the constituents4-9. These models, however, are
limited to the operative length and time scales of DFT and significantly approximate the
dynamics and distribution of the electrolyte. Static or continuum solvation models5,

10-16

are

commonly used to approximate the interfacial solvent. The electrolytic ions are either included
explicitly8, 9, 17, leading to unrealistically high ion concentrations due to the use of small DFT unit
cells, or implicitly using uniform electric fields18-22, prescribed electrolyte countercharge
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distributions8, 23-26 like homogeneous background charges5, 10 that are approximations to the actual
distribution of the electrolytic ions at the electrochemical interface. A few ab initio molecular
dynamics (AIMD) studies6, 27-29 have attempted to illustrate the interfacial phenomena using a full
electronic treatment of the electrode/electrolyte interface to examine the electrolyte distribution
under electrochemical conditions. AIMD schemes are computationally demanding and require
prolonged simulation time to achieve dynamic equilibration of the liquid and gather statistically
relevant data. Classical molecular dynamics (cMD), using parameterized force-fields, can operate
at longer length and time scales than quantum-mechanical based methods and thereby can
provide a computationally feasible approach to modeling the electrochemical interface.
Various approaches to electrify the interface in MD simulations have been proposed.
These often simulate the interface under a constant charge scheme by using simple uniform
electric fields across the electrolyte30-32 or a planar countercharge distribution parallel to the
electrode surface or via explicitly charging the electrode33-35. In a working electrochemical
device, the electrodes are instead operated under a controlled potential, which is often fixed at a
constant potential either by a potentiostat or due to cell chemistry. Under constant potential
conditions, the electrode surface undergoes charge induction that alters the work function of the
metal and subsequently drives surface-mediated redox reactions. While modeling the electrode
surface at a constant charge (or uniform charge density) is convenient, it is unrealistic since the
charge density at constant potential will fluctuate with the dynamic distribution of the electrolyte.
Thus, the use of a constant potential scheme provides a better interpretation of the
electrochemical interface over constant charge schemes. An early attempt was made by
Siepmann and Sprik, where a polarizable charged plane could maintain a constant potential by
allowing Gaussian-distributed fluctuations in the charges of the metal atoms 36. Similar schemes,
based on this model, that allow for on-the-fly variable metal charge assignment have been
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proposed since and applied to simulate metal/liquid interfaces under constant potential
conditions37-40. These classical schemes, however, do not allow for charge exchange between the
electrode and the electrolyte. Recent AIMD simulations have implemented constant potential
schemes. Lynden-Bell and co-workers use a reference electrode, wherein the number of electrons
is allowed to vary self-consistently in the ab initio based simulations till the Fermi level of the
working slab converges to a constant μ value41. Recently, Otani and co-workers have conducted
first-principles MD at constant electrode potential by allowing the electrons to exchange between
the system and a reservoir at fixed potential42. Both these ab initio based approaches successfully
simulate the interface under potentiostatic conditions, but are restricted to the computational
feasibility of DFT methods. This motivates the need for developing approaches that can operate
at longer length and times scales and have a greater appreciation of the dynamics of charge
variation, distribution and transfer across the electrode/electrolyte under constant electrode
potential conditions.
The use of multi-body reactive force-field that can characterize bond breaking and
forming with on-the-fly charge minimization can significantly improve models that represent the
electrochemical interface. Reactive force-field (ReaxFF) is a bond-order dependent empirical
reactive force-field that can be used to simulate molecular systems at a large scale (~10,000
atoms) for long durations (order of nanoseconds)43,

44

. The empirical parameters describing

atomic interactions can be trained to reproduce DFT data thereby reasonably preserving the
electronic structure details implicitly. ReaxFF has been previously used to investigate chemical
reactions occurring in high-energy materials, semi-conductors and oxides and the decomposition
of polymers at interfaces45-48 and can successfully describe the dissociation and diffusion of water
ions in solution49, 50.
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In this study, we develop a bond-order dependent empirical reactive force-field (ReaxFF)
to simulate a metal electrode/aqueous electrolyte interface under constant electrode potential
conditions. A constant potential difference between two electrodes is applied by biasing the
electronegativity (χ) of the electrode by +0.5U and −0.5U, where U denotes the applied potential
bias between the electrodes in volts. This is similar to the scheme adopted by Strachan and coworkers, where the electronegativity of the atoms in the active electrode were biased to induce an
external voltage in order to investigate the electrochemical bridging of metallic filaments between
two electrodes51. The electrode with a higher electronegativity will become negatively charged in
the simulation by transferring charge (ie, electrons) from the less electronegative, positive
electrode. At each time-step in the ReaxFF MD simulation, the biased electronegativity is
equilibrated by minimizing the atomic partial charges in the system.
ReaxFF MD simulations are conducted using a 1 M KOH electrolyte solution between
two Pt (111) electrodes, which are held under constant applied potential differences of 0.0, 2.5
and 5.0 V.

These large voltages are used to allow observation of charge segregation behavior

during relatively short simulation time periods, and the connection between the computational
applied potential and the effective potential is discussed. The simulations are conducted to
investigate the influence of the electrode potential on interfacial properties, including the
distribution, ordering and diffusion of electrolytic ions (K+ and OH−) and solvent. The
electrostatic potential drop across the electrolyte due to the applied potential offset and the impact
of the interfacial distribution is examined. The remaining sections are organized as follows.
Section 7.2 presents details of the MD simulations and the methodology for the development of
the Pt/K/O/H reactive force-field. In Section 7.3, results pertaining to the development and
optimization of the reactive force-field and detailed analyses of the MD simulations are provided.
Conclusions are given in Section 7.4.
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7.2

7.2.1

Methods and Computational Details

Electronic Structure Calculations
DFT calculations, performed as part of the force-field development, used the Vienna ab

initio simulation package (VASP v. 5.3.5)52-55 and employed the Generalized Gradient
Approximation (GGA)56 exchange-correlation functional developed by Perdew, Burke, and
Ernzerhof (PBE)57, 58. The core-valence of the metals was treated using the projector augmented
wave (PAW) method59,

60

. The plane-wave basis set cutoff energy was set to 450 eV. The

Methfessel-Paxton61 scheme was used to smear the Fermi level using a width (σ) of 0.2 eV for
surfaces and 0.003 eV for molecules. The ionic convergence limit was set to 0.02 eV Å -1 while
the electronic convergence limit was set to 1×10-5 eV. The Monkhorst-Pack62 method was
employed to sample the Brillouin zone for bulk and surface calculations with a k-point mesh of 7
x 7 x 7 and 5 x 5 x 1 respectively. Calculations involving the Pt (111), Pt (100) and Pt (110)
surfaces were modeled as 3×3 and 2×2 supercells comprising of four layers of metal atoms with
the bottom two layers fixed to the bulk crystal configuration and the top two layers relaxed to
achieve convergence. Structural optimization of surface-adsorbed species, including K and KOH
was carried out by placing the adsorbates in high symmetry configurations (atop, bridge, fcc, hcp
sites). Interfacial solvation near the platinum surface was modeled using one, three and six
explicit water molecules. For the bulk platinum-potassium alloy, a crystal structure with the
formula unit Pt2K was included and optimized to lattice parameters of a = b = c = 7.873 Å, and α
= β = γ = 90o.
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7.2.1.1 Estimation of binding energies
The binding energy (BE) of any species X* (where * denotes surface-bound) is calculated using
Equation (1):
DFT
DFT
BE X *  E XDFT
 Ereference
*  E*

(13)

where EDFT
X* represents the 0 K DFT energy of a surface bound constituent X (such as K or KOH),
DFT
EDFT
* refers to the 0 K DFT energy of clean platinum surface and Ereference denotes a reference

energy of the constituent and is taken as the DFT energies of solid K and a KOH molecule.

7.2.1.2 Estimation of solvation energies
The solvation energy (SE) of any species X* solvated using n explicit H2O molecules is
calculated using Equation (2):
DFT
DFT
SE X * n H 2O  E XDFT
* n H 2O  E X *  En H 2O

(2)

DFT
where EX*+n
H2O represents the 0 K DFT energy of a surface bound constituent X (such as K or
DFT

KOH) solvated with one, three or six explicit water molecules, E X* refers to the 0 K DFT
energy of the surface bound constituent X and EnDFT
H2O denotes energy of n H2O molecules.

7.2.2

Reactive Force-field (ReaxFF)
ReaxFF is a reactive molecular dynamics method that uses a bond-order based potential

energy formulation with time-dependent polarizable charges to depict bond breaking and forming
under reactive conditions43. The bond orders (BOij) are computed using interatomic distances as
shown in Equation (3) and include contributions from sigma, pi and double-pi bonds.
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pbo 2
pbo 4


 rij  
 rij  
BOij  BOij  BOij  BOij   exp  pbo1 .      exp  pbo 3 .    


 ro  
 ro  
pbo 6

 rij  
 exp  pbo 5 .     

 ro  

(3)

where ro refers to the equilibrium bond length and pbo denote the empirical parameters that are
optimized iteratively. Equation (4) shows the term-by-term energy contributions to the overall
system energy, with partial energies due to bond-order based covalent interaction with penalties
for over- and under-coordination, lone pairs, valence angles, torsion angle, conjugation, Hbonding and non-bonded van der Waals and Coulomb interactions.
Esys  Ebond  Elp  Eover  Eunder  Eval  Etors  Ecoa  Econj  EH bond  EvdW  ECoulomb

(4)

The empirical parameters in the bond-order formalism (Equation (3)) are estimated from multiiterative optimization of each parameter successively. The optimization is carried out until
ReaxFF can reproduce atomistic properties, including binding energies and formation energies,
obtained from ab initio calculations, within a reasonable agreement. A reactive force-field
describing the Pt/K/O/H interactions was developed and applied towards simulating the Pt
(111)/KOH(aq) interface. An in-house software package developed by the van Duin group is used
for the training and development of the reactive force-field. Because reactive force-fields
describing Pt/O/H63, 64 and K/O/H65, 66 interactions were previously developed, the empirical twobody and three-body parameters describing the Pt/K and Pt/K/O interactions were trained and fit
to DFT data exclusively and the parameters describing the Pt/O/H and K/O/H interactions,
reported in Refs.63-66, were used in this study.
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7.2.3

Molecular Dynamics (MD) simulations

All classical, reactive MD simulations of the aqueous 1M KOH/Pt (111) interface were
performed using the Large-scale Atomic/Molecular Massively Parallel Simulator (LAMMPS)67
package. The simulations were composed of 631 water molecules and 11 KOH molecules
between Pt (111) electrodes as shown in Figure 7-1. Each electrode is comprised of a slab of 224
platinum atoms in a four-layer fcc (111) arrangement (8 total Pt (111) layers of 56 atoms each).
The simulation box was modeled as a 3D periodic tetragonal cell with parameters, a = b = 19.403
Å, c = 67.275 Å and α = β = γ = 90o. NVT-MD simulations were performed using the Verlet
algorithm68, to solve the equations of motion. A Nose-Hoover thermostat69-71 with a temperature
damping constant of 10 fs was employed to regulate the system temperature to 300 K. A time step
of 0.25 fs was used for the simulation. The ReaxFF force-field model in LAMMPS, as
implemented in the pair_style reax/c command, was used. Charge equilibration, using the QEq
method72, is performed at every MD step using a Taper cutoff radius of 10 Å and a precision

z=0

Χ N = χ −0.5 U

z = 52

Χ P = χ + 0.5 U

Figure 7-1. Periodic simulation cell of 1 M KOH aqueous electrolyte between Pt (111) electrodes.
The simulated cell includes 631 water molecules and 11 KOH molecules between two distinct Pt
(111) slabs (224 atoms/slab) held at a constant electrode potential offset (∆U). Dashed gray lines
denote the periodic boundary. (Blue = platinum, purple = potassium, red = oxygen and white =
hydrogen)
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tolerance of 1×10−6. To apply a constant potential difference between the two Pt (111) electrodes
in simulation, the atoms of each slab are separately grouped and the electronegativity parameter
(χ) of each group is offset +0.5 U and −0.5 U respectively, where U refers to the voltage bias in
volts. We set the “left electrode” to be negatively charged (χN = χ − 0.5 U) and the “right
electrode” to be positively charged (χP = χ + 0.5 U). Thus, the overall system neutrality is
maintained. Simulations with constant potential offsets of 0.0, 2.5 and 5.0 V were performed. The
simulations were allowed to equilibrate for 0.5 ns followed by production runs of 5 ns, for which
the data was collected and analyzed.
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7.3

Results and Discussion

In Section 7.3.1, details on the development and optimization of the ReaxFF empirical
parameters describing the Pt-K interactions are provided. Section 7.3.2 presents the MD
simulation results and detailed analyses of the structuring, distribution and dynamics of the
electrolyte species under constant controlled electrode potentials.

7.3.1

Force-field development for Pt/K/O/H interactions
The force-field description of Pt/K/O/H interactions was developed via optimizing the

two-body empirical parameters describing Pt/K interactions. The empirical parameters were
optimized until ReaxFF could reasonably reproduce the energies and geometry of relevant DFT
configurations included in the training set. Building the training set involved strategically
choosing DFT configurations that are relevant to the simulation and the system under study. The
presence of electrolytic alkali-metal cations, including Li+, Na+, K+ and Cs+, are known to impact
the rate of electrocatalytic reactions23, 73-80. The cations may demonstrate a site-blocking effect on
the surface, making it important to characterize the adsorption of K or KOH on the Pt surfaces at
different active sites and surface coverages. The thermodynamic feasibility of sub-surface
exchange of K and formation of Pt/K based alloy are included such that the force-field is also
familiar with chemistry that is not expected to occur in our system. Table 7-1 compares the DFTPBE and ReaxFF binding and solvation energies of K and KOH on the Pt (111) surface. The
energies are computed using Equations (1) and (2). Lower values represent stronger binding of K
and KOH. ReaxFF is able to successfully reproduce the site preference for binding of K and KOH
on the Pt (111), Pt (100) and Pt (110) surfaces. The mean absolute error in the binding energies
between DFT-PBE and ReaxFF is 0.2 eV. The solvation energies reproduced using ReaxFF show
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a higher deviation of 1.2 eV on average from the DFT-PBE values. We attribute this discrepancy
to the basis set previously employed to train the parameters for Pt/O/H force-field. Since the
primary objective in the development of the force-field is to add the two-body Pt-K and threebody Pt-K-O interactions to the already validated K/O/H force-field, we rationalize that the
discrepancy in the solvation energy values between DFT-PBE and ReaxFF will not significantly
affect the Pt-K interactions in the MD simulations. Figure 7-2 shows the energy-volume curve of
bulk Pt2K alloy calculated with DFT-PBE and well reproduced by ReaxFF.

10

Energy (eV)
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2
0
0

500

1000

Volume (Å3)

Figure 7-2. Energy-Volume curves for bulk platinum-potassium structure (formula unit Pt2K)
calculated with DFT-PBE (dotted) and ReaxFF (smooth) with the inset showing the alloy
structure.
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Table 7-1. Energies, in units of eV/adsorbate, used in parameterizing the reactive force-field. The
binding energies (BE, calculated using Equation (1)) of K and KOH on Pt (111), Pt (100) and Pt
(110) surfaces are referenced to bulk K and gas-phase molecular KOH respectively. Solvation
energies (SE, calculated using Equation (2)) are referenced to the gas-phase H2O.
Surface
Pt (111)

Pt (100)

Pt (110)

Pt (111)

Pt (100)

Pt (110)

Pt (111)

Pt (100)

Pt (110)

Pt (111)

Property
BE K (ϴatop = 1/9 ML)
BE K (ϴbridge = 1/9 ML)
BE K (ϴfcc = 1/9 ML)
BE K (ϴhcp = 1/9 ML)
BE K (ϴhcp = 1/4 ML)
BE Ksub-surface
BE K (ϴatop = 1/9 ML)
BE K (ϴbridge = 1/9 ML)
BE K (ϴhollow = 1/9 ML)
BE K (ϴhollow = 1/4 ML)
BE K (ϴatop = 1/9 ML)
BE K (ϴshort_bridge = 1/9 ML)
BE K (ϴlong_bridge = 1/9 ML)
BE K (ϴhollow = 1/9 ML)
BE K (ϴhollow = 1/4 ML)
BE KOH (ϴatop = 1/9 ML)
BE KOH (ϴbridge = 1/9 ML)
BE KOH (ϴfcc = 1/9 ML)
BE KOH (ϴhcp = 1/9 ML)
BE KOH (ϴatop = 1/9 ML)
BE KOH (ϴbridge = 1/9 ML)
BE KOH (ϴhollow = 1/9 ML)
BE KOH (ϴatop = 1/9 ML)
BE KOH (ϴshort_bridge = 1/9 ML)
BE KOH (ϴlong_bridge = 1/9 ML)
BE KOH (ϴhollow = 1/9 ML)
SE K (ϴhcp = 1/9 ML, n H2O = 1)
SE K (ϴhcp = 1/9 ML, n H2O = 3)
SE K (ϴhcp = 1/9 ML, n H2O = 6)
SE K (ϴhollow = 1/9 ML, n H2O = 1)
SE K (ϴhollow = 1/9 ML, n H2O = 3)
SE K (ϴhollow = 1/9 ML, n H2O = 6)
SE K (ϴhollow = 1/9 ML, n H2O = 1)
SE K (ϴhollow = 1/9 ML, n H2O = 3)
SE K (ϴhollow = 1/9 ML, n H2O = 6)
SE KOHconfig1 (ϴhollow = 1/9 ML, n H2O = 1)
SE KOHconfig2 (ϴhollow = 1/9 ML, n H2O = 1)

EDFT-PBE
-1.99
-2.06
-2.07
-2.08
-1.59
3.58
-1.98
-2.07
-2.17
-1.79
-1.79
-2.13
-1.88
-2.20
-1.97
-1.02
-1.04
-1.04
-1.04
-0.99
-1.01
-1.05
-0.84
-0.96
-0.87
-0.99
-0.91
-2.36
-4.52
-0.88
-2.23
-4.56
-0.71
-2.28
-4.55
-0.70
-0.14

EReaxFF
-2.10
-2.06
-2.17
-2.17
-1.59
3.04
-2.03
-2.09
-2.18
-1.73
-1.98
-2.05
-2.09
-2.14
-1.86
-0.59
-0.61
-0.63
-0.63
-0.53
-0.55
-0.61
-0.55
-0.46
-0.63
-0.55
-0.36
-1.16
-2.99
0.17
-0.51
-2.42
-0.03
-1.82
-3.24
-0.47
0.06
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7.3.2

MD simulations of the Pt (111) / KOH(aq) electrochemical interface
MD simulations of the electrode/electrolyte interface using 1 M KOH solution between

Pt (111) electrodes were carried out under constant controlled electrode potentials U = 0.0, 2.5
and 5.0 V. The left Pt (111) slab was set to have a lower electric potential (negative electrode)
than the right (positive electrode). The interfacial properties investigated, including the
distribution and dynamics of the electrolyte, were calculated by dividing the simulation box
(Figure 7-1) in the surface-normal (z-direction) into small differential elements and timeaveraging the interfacial properties across the length of the electrolyte (z-direction).

7.3.2.1 Distribution and dynamics of electrolytic ions
Using reactive MD simulations to develop an understanding of the distribution and
ordering of the solvent and electrolytic ions can provide a molecular-scale perspective of
important structural properties of the electrochemical interface. Figure 7-3 shows the density
distribution of electrolytic ions near the surface of the electrodes, computed from the ReaxFF MD
simulations, under controlled constant electrode potential of 0.0, 2.5 and 5.0 V. Ion densities
between 0 < z < 15 Å and 40 < z < 55 Å denote the ion distribution near the negatively charged
and positively charged electrodes respectively. The height of the peaks denoting the density of K+
near the negatively charged electrode (Figure 7-3(a)) increases at higher applied potential offsets
relative to positively charged electrode, indicating that more potassium ions prefer to accumulate
near the negative metal surface. The dynamics of the potassium ions were tracked during the
course of the MD simulation. The diffusion coefficient was calculated using the mean-squared
displacement of the potassium atoms shown in Figure 7-4(a). At a potential offset of 0 V, the
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Figure 7-3. Time-averaged interfacial density distribution of (a & b) potassium and (c & d)
hydroxide ions at controlled constant potential offset of 0.0 (black), 2.5 (green) and 5.0 (blue) V.
(a) and (c) represent density profiles at the negatively charged electrode, (b) and (d) at the
positively charged electrode.

diffusion coefficient of K+ was 0.45 x 10−4 cm2s−1. The overall diffusion dropped at higher
potential offsets of 2.5 V (0.28 x 10−4 cm2s−1) and 5.0 V (0.25 x 10−4 cm2s−1), suggesting that the
mobility of the potassium ions reduces under the induced electric field and increases the
interaction with the charged electrode. The distribution of OH− ions in the system under
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controlled constant electrode potential conditions was also computed. In order to differentiate the
OH− species from the water molecules, the coordination of every oxygen atom was monitored
using a predefined O-H cutoff distance. The number of hydrogen atoms within the cutoff
determined the coordination of the oxygen and the identity of the species. The initial system
contained 96.6 % H2O, 1.6% OH− and 1.6% K+. The composition at the end of the MD simulation
(5 ns) remained unchanged for all applied potential offsets, indicating that no ‘new’ dissociative
events occurred over the course of the simulation. Hydrogen shuttling or proton transfer events,
however, were observed during the simulation. These events were frequent and occurred in the
absence of an applied potential offset, confirming that the model can successfully reproduce the
dynamics of proton transfer and diffusion. Figure 7-3 (c) and (d) shows the time-averaged density
distribution of the hydroxide ions in the interfacial regions under controlled constant electrode
potentials of 0.0, 2.5 and 5.0 V. In the absence of an applied potential offset, the hydroxide ions
in the simulation prefer to be adsorbed on the metal surface, evident in the distinct first peak in
Figure 7-3 (c) and (d). Even under non-zero potential offsets, hydroxide ions adsorb on the
negatively charged electrode (Figure 7-3(c)), with the potential-dependent distribution slightly
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Figure 7-4. Mean-squared displacement of (a) potassium and (b) hydroxide ions under controlled
constant potential offset of 0.0 (black), 2.5 (green) and 5.0 (blue) V.
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affected by the electrostatic repulsion between the hydroxide and the negatively charged surface
metal atoms. This is unphysical and we rationalize that the electrostatic repulsion between the Pt
atoms and OH− ions is masked by the short-range attractive Pt-O interaction. Further analyses of
the force-field parameters associated with Pt-O interactions and comparisons with DFT models
are needed to resolve the unphysical behavior.

Figure 7-4(b) shows that the diffusion of

hydroxide ions is driven by the magnitude of the applied potential offset. The mobility of
potassium ions shows less systematic dependence with the applied potentials but this may be an
artefact of insufficient sampling that may be resolved at longer simulation times.
Figure 7-5 shows a snapshot of the interfacial layer nearest to the electrode surface at the
end of the MD simulation (5 ns) under a controlled potential offset of 5.0 V. On comparing the
interfacial regions across both electrode surfaces, the concentration of adsorbed hydroxide species
is higher at the positively charged electrode (7 OH species, Figure 7-5(b)) than the negatively
(a)

(b)

Figure 7-5. Top and side view of the (a) negatively charged (−5 < z < 5 Å) and (b) positively
charged (47 < z < 52 Å) interface under a controlled constant potential offset of 5.0 V at the end
of a 5 ns MD simulation. Bonds highlighted in green depict surface-adsorbed hydroxide species.
(Blue = platinum, red = oxygen and white = hydrogen).
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charged electrode (4 OH species, Figure 7-5(a)). On the negative electrode, many water
molecules are observed to orient with their H atoms towards the surface (bottom panel of Figure
7-5(a)), whereas water molecules are either co-planar with the electrode or point their O end
towards the positive electrode (bottom panel of Figure 7-5 (b)). In the following section, we
examine the effect of the electrode surface under controlled potential on the distribution and
dynamics of water at the interface.

7.3.2.2 Distribution and dynamics of the interfacial water
Previous MD simulations have shown that water molecules adjacent to the metal surface
organize into distinct layers at densities higher than the bulk density of water 33-35, 40. The ordering
and distribution of the interfacial water molecules is strongly influenced by the presence of
electrolytic ions and electrode potential induced electric field variations in the electrochemical
interfacial region.
Figure 7-6 shows the interfacial water density near the surface of the electrodes,
computed from the ReaxFF MD simulations at controlled constant electrode potentials of 0.0, 2.5
and 5.0 V. The density distribution of interfacial water is shown along the surface-normal (z)
direction. At ∆U = 0 V, the density profiles at either electrode are symmetric and comprised of a
well-ordered distinct first layer, diffuse second and third layers with traces of ordering up to the
fourth layer. These ordered interfacial regions extend up to 10 Å from the electrode surfaces (0 <
z < 10 and 40 < z < 50 Å), beyond which the density resembles the bulk density of water (ρbulk ~
55 mol/L). At non-zero potential offsets, ∆U ≠ 0 V, the density profiles near the electrodes
become asymmetric, with the effect of the applied potential most prominent on the surface water
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Figure 7-6. Time-averaged interfacial density distribution of water at the (a) negatively charged
and (b) positively charged electrode at controlled constant potential offset of 0.0 (black), 2.5
(green) and 5.0 (blue) V. Dotted line represents the bulk density of water (ρbulk) = 55 mol/L.

layer. At the positively charged electrode (Figure 7-6(b)), the metal surface attracts the oxygen
atoms, leading to the arrangement of a dense interfacial layer that moves closer to the surface.
This is manifested by the increase in the peak-height with the magnitude of the applied potential
offset and the relative shift in the peaks to the right. At the negatively charged electrode (Figure
7-6(a)), the electrostatic interactions between the surface platinum and oxygen atoms destabilize
the interfacial ordering. The water molecules tend to move away from the electrode surface, as
observed by the decrease in height of the first peak and increase in height of the second peak at
higher potential offsets. This peak-splitting occurs as some of the water molecules in the first sublayer orient themselves in the H-down configuration (Figure 7-5(a)) and those in the second sublayer are drawn towards the relatively high concentration of potassium ions in the interfacial
region.
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The interfacial distribution and arrangement of the water molecules is closely tied to the
relative orientation of the water molecules near the electrode surfaces. The water molecules
preferentially orient to minimize the electric field/dipole interactions and stabilize the
electrostatic interactions between the water molecules and the electrode. At the negative
electrode, the water dipoles prefer to orient in the H-down configuration as evident in Figure 75(a). Near the positive electrode, the water dipoles instead oriented parallel to the surface (Figure
7-5(b)) to maximize the interaction of the oxygen atoms with the metal surface and build a strong
H-bonding network to stabilize the interfacial water layer. Beyond the 10 Å interfacial regions,
the water dipoles are randomly oriented exhibiting the behavior of bulk water. In the next section,
we assess if the distinct ordering and orientation of the interfacial water and the electrolytic ions
can successfully screen the electric field induced by the application of a constant potential
difference between the Pt (111) electrodes.
The translational dynamics of the water molecules under constant electrode potential
conditions were also evaluated. The mean-squared displacements of the water molecules in the
direction normal (MSDZ) and parallel (MSDXY) to the surface were calculated. Figure 7-7
illustrates the translational mobility of the interfacial water and the effect of the constant applied
potential offset. The water molecules have significantly lower mobility in the surface normal
direction (Figure 7-7(b)) than parallel (Figure 7-7(a)) to the surface. In contrast, the applied
electrode potential only slightly affects the translational mobility of the water molecules. MD
simulations with a longer simulation run time are needed for finer distinctions of effect of the
applied electrode potential on the dynamics of the surface water layer.
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Figure 7-7. Mean-squared displacement of the water under controlled constant potential offset of
0.0 (black), 2.5 (green) and 5.0 (blue) V in the (a) plane parallel to the surface (MSDXY) and (b)
surface-normal direction (MSDZ).

7.3.2.3 Electrostatic potential profile
The electrostatic potential distribution in the surface-normal direction of the simulation
cell was calculated using the average charge density distribution ρ(z) via the Poisson equation:
 2V ( z )  

F
4  0 N A

 ( z)

(5)

where F is the Faraday’s constant, NA is the Avogadro’s number and ε0 denotes the vacuum
permittivity. The charge density distribution ρ(z) is calculated by summing over the partial
charges of all atoms within a differential element and normalizing it by the volume of the
differential element. The time-averaged charge distribution profile along the surface-normal
direction at different electrode potentials is shown in Figure 7-8. The charge distribution across
each layer of the platinum slab (Pt1 - Pt4) can be observed as distinct delta-shaped peaks, with the
height of the peak corresponding to the magnitude of the voltage bias between the two electrodes.
The difference in charge between the Pt1 layers in Figure 7-8 (a) and (b) reflect the
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implementation of a voltage bias. At the negatively charged surface (Figure 7-8(a)), the
orientation of the water dipoles in the H-down configuration in the surface water layer leads to a
distinct positive peak (H1) followed by negative peak (O1) that denotes the charge of the oxygen
atoms in the surface water layer. The subsequent sharp positive peak (K+) that distinctly varies
with the magnitude of the potential offset denotes the charge of interfacial potassium ions. At the
negatively charged surface (Figure 7-8(a)), the orientation of the water dipoles in the H-down
configuration in the surface water layer leads to a positive peak (H1) that distinctly varies with the
magnitude of the potential offset denoting the electrostatic interplay between Pt 1 and the surface
water layer. This is followed by a negative peak (O1) representing the charge of the oxygen atoms
in the surface water layer. The subsequent sharp positive peak (K +) corresponds to the charge of
interfacial potassium ions. At the positively charged surface (Figure 7-8(b)), the water molecules
are oriented parallel to the surface to maximize the interaction between the surface atoms (Pt 4)
and the oxygen atoms (O1).
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Figure 7-8. Time-averaged charge distribution (e) in the surface-normal direction under
controlled constant potential offset of 0.0 (black), 2.5 (green) and 5.0 (blue) V. Labels indicate
partial charge contribution based on group of atoms.
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The computed charge densities were used to develop the electrostatic potential profile
using Equation (5). The electrostatic potential profile along the surface-normal direction is shown
in Figure 7-9. At a constant electrode potential, the metal surface is charged and induces
polarization of the ions and interfacial water near the surface causing the electrolyte to orient
itself and screen the electric field, as evident in the oscillations across the electrostatic potential
profile within the interfacial region (Figure 7-9). Were the field to be completely screened due to
the ordered arrangement of the electrolyte species at the interface, the potential drop across the
bulk region of the electrolyte would be flat and monotonous. This is not observed in Figure 7-9,
we attribute this to a lack of effective screening of interfacial fields due to either the small box
size or a lack of sufficient simulation time.

2
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Figure 7-9. Time-averaged electrostatic potential profile along the surface-normal direction of the
system under controlled constant potential offset of 0.0 (black), 2.5 (green) and 5.0 (blue) V.
Metal atoms are located at z < 0 (PtN) and z > 50 Å (Ptp). Interfacial regions exist between the
dashed lines.
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7.4

Summary and Conclusions

Classical reactive molecular dynamics simulations were performed using ReaxFF to
investigate the structure and dynamics of a 1 M KOH electrolyte between two Pt (111) electrodes
held at a constant potential difference of 0.0, 2.5 and 5.0 V. Prior to conducting large-scale
simulations of the electrochemical interface, a reactive force-field that defined Pt/K interactions
was developed. The empirical parameters in the force-field were trained and fitted using DFT
data. Validation was performed by comparing the DFT-calculated and ReaxFF-reproduced
binding energies and solvation energies of surface-bound K and KOH. MD simulations were
conducted for 5 ns under controlled constant potential conditions of 0.0, 2.5 and 5.0 V. The
potential difference between the two Pt (111) electrodes was maintained by biasing the
electronegativity of the two electrodes by +0.5U and −0.5U (where U = applied potential in
Volts). The effect of the applied potential on the distribution and dynamics of electrolytic ions
(K+ and OH−) and interfacial water was investigated. A higher concentration of K+ ions was
found near the negatively charged Pt (111) surface at increasing applied potentials. OH − ions
preferred to adsorb on the surface and showed slight variations in distribution with the applied
potential. The diffusion of OH− ions increased at higher electrode potentials.
The effect of the electrode potential on the distribution and dynamics of interfacial water
was also examined. Water molecules arranged as distinct ordered layers near the Pt (111)
electrodes. At the negatively charged electrode, the water molecules oriented in a H-down
configuration. The water dipoles aligned parallel to the positively charged electrode surface and
forming a water layer with a strong H-bond network. The orientation of the water dipoles and the
distribution of the electrolytic ions affected the electrostatic potential drop across the interface. In
summary, we successfully demonstrate the use of ReaxFF based constant potential MD
simulations to provide a reasonable description of the electrochemical interface. The study serves
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to methodologically advance modeling of electrochemical phenomena at longer length and time
scales; necessary to achieve a molecular-scale resolution of electrocatalytic processes.
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Chapter 8

Summary and Conclusions
The overall objectives of this dissertation include (i) developing a reliable atomistic level
description of the electrode/electrolyte interface that can account for the effect of the electrode
potential and the electrolyte distribution and, (ii) accurately estimating the electrode potentialdependent thermodynamics and kinetics of key electrocatalytic reactions. Section 8.1 – 8.4
answer the research questions presented in Section 1.4 of Chapter 1. Each section summarizes the
motivation surrounding the research question, associated hypotheses, completed research
objectives and the conclusions deduced from the study. Section 8.5 provided recommendations
for future study.

8.1

Summary and Conclusions for Research Question 1

What dictates the selectivity and reactivity of transition metal electrocatalysts towards the
electrochemical reduction of carbon dioxide? Why do certain transition metals, including Au, Ag,
Zn and Cu, display activity for CO2 electroreduction (ER), while other well-known FischerTropsch catalysts, including Pt, Ni, Co and Fe, fail to produce hydrocarbons during the CO2
electroreduction process?

This research question is addressed in Chapters 2 and 3. Electroreduction experiments
performed by Hori and co-workers, investigating the performance of transition metal
electrocatalysts for CO2 ER, reported that Cu selectively produced hydrocarbons, Pt, Ni, Fe and
Co mainly evolved H2 at CO2 ER potentials and Ag and Au mostly reduced CO2 to CO with no
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formation of CH4 or CH3OH1-3. Recent electrolytic experiments by Jaramillo and co-workers,
however, revealed that all metals are capable of producing CH4 or CH3OH, albeit at low rates4-6.
This provides motivation to investigate the reaction mechanism of CO2 electroreduction on
transition metal surfaces and assess the thermodynamic feasibility of hydrocarbon (CH4 and
CH3OH) formation (Objective 1).
In Chapter 3, the potential-dependent thermodynamic free energy pathway of CO2
reduction to CH4 and CH3OH on Pt, Ni, Fe, Co, Cu and Au is calculated using DFT. Two
reduction paths are considered, (i) the path to form CH4 that proceeds favorably via the
hydroxymethylidyne (COH*) intermediate and, (ii) the path likely to form CH3OH via the CHO*
intermediate. The analyses reveal that the free energy path of reducing CO 2 to CH4/CH3OH is
thermodynamically downhill in energy on all transition metal surfaces at CO2 onset potentials. Pt,
Ni, Fe and Co show a lower overpotential for the path via the COH* intermediate, indicating
selectivity towards CH4 formation if C-H bond formation were viable on these metals. Cu and Au
have a lower overpotential for CO*→CHO* reduction, suggesting selectivity towards CH3OH,
although inclusion of elementary kinetics and explicit solvation stabilize the reduction of
CO*→COH* on Cu and shift the selectivity towards CH4 formation, as reported experimentally2,
4

. We conclude that it is thermodynamically feasible to form CH4/CH3OH via CO2 reduction on

Pt, Ni, Fe, Co, Cu and Ag surfaces if C-H bond formation is viable and kinetically facile.
In Chapter 2, we examine the viability of C-H bond formation under CO2 ER conditions
on the transition metal surface. The reduction of CO* is known to be the rate limiting step in the
CO2 ER pathway. We hypothesize that if CO formation from CO2 electroreduction on Pt, Ni, Fe
and Co surfaces is too favorable, CO will dominate the electrocatalyst surface and prevent H
surface access for C-H bond formation, blocking subsequent reduction to hydrocarbons including
CH4 and CH3OH. The relative potential-dependent surface coverage of CO and H is calculated
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using DFT, to investigate if CO poisons the transition metal surface and its impact on the
selectivity towards CO2 electroreduction (Objective 2). The investigations reveal that a high
coverage of CO* is thermodynamically viable at potentials relevant to CO2 ER, and is likely to
block C‒H bond formation on Pt, Fe, Ni and Co electrodes. The study successfully demonstrates
why Pt, Fe, Ni and Co electrodes fail to produce hydrocarbons during CO2 ER.
In Chapter 3, the implications of the theoretical choices used in the DFT models on the
stability of the reaction intermediates and the activity/selectivity determining steps in CO2 ER
across transition metals is addressed (Objective 3). Three theoretical choices are considered: (i)
the type of exchange-correlation (XC) functional, (ii) the surface facet of the metal
electrocatalyst, and (iii) the effect of solvation. The results show overbinding of the surfaces
intermediates by 0.3 eV with PBE relative to the RPBE exchange correlation functional on closepacked transition metals surfaces. The binding strength of the surface intermediates is strongly
surface facet dependent, with COH* and COOH* binding relatively weaker by 0.26 V (average)
on stepped facets. Including explicit solvation in the DFT models decreases the onset potential for
CO*→COH* reduction. We conclude that there exist significant differences in the reaction
energies across surface facets and that accounting for explicit solvation in the DFT models plays
a crucial role in selectivity determination across surfaces.

8.2

Summary and Conclusions for Research Question 2

How do ions affect the catalysis of electrochemical reactions at the metal/electrolyte interface?
What is the role and impact of electrolytic ions, including alkali-earth metal cations (K+) and
halides (I−), on the electrocatalytic reduction of CO2 on copper surfaces?
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This research question is addressed in Chapter 4. Electrolytic ions are known to impact
the rates of electrocatalytic reactions. Strasser and co-workers demonstrated that adding 0.3 M
potassium halide (KCl, KBr and KI) to KHCO3 electrolyte during CO2 electrolysis on Cu
electrodes modifies the faradaic selectivity and production rate of CO and CH47. This provides
motivation to establish a mechanistic link between the electrolyte composition, electrode
potential, and electrode composition in dictating the activity and selectivity of CO2 ER.
In Chapter 4, we investigate if electrolytic ions specifically adsorb on the electrocatalyst
surface at applied electrode potentials where CO2 ER likely occurs (Objective 4). We hypothesize
that if the electrolytic ions, including potassium and iodide, specifically adsorb to the surface of
the electrocatalyst, they can impact the catalysis of the CO2 ER on copper electrodes by blocking
active sites or affecting the binding strength/stability of the reaction intermediates or influencing
the kinetic barriers of elementary reactions involving C-H and O-H bond formation. Our analyses
confirm that under different pH conditions for CO2 ER, a low coverage of I* and/or K* can be
specifically adsorbed on the copper surfaces. Co-adsorbed I* generally weakens the binding of
CO*, CHO* and COH* intermediates likely impacting the surface coverage of the intermediates
during CO2 ER. Co-adsorbed K* strengthens the binding of the CO2 ER intermediates, promoting
the stability of CO* and CHO* over COH*. The results suggest that co-adsorbed I* promotes
CO(g) formation, and may allow for greater subsequent C-H bond formation by reducing the
coverage of CO* and allowing for more surface H*. Co-adsorbed K* impacts the selectivity and
may promote paths through the CHO* intermediate that can lead to C2 products.

8.3

Summary and Conclusions for Research Question 3

How do the activation barriers (GACT) of elementary electrochemical reactions vary with the
electrode potential (U)? In addition to a thermodynamic evaluation, how crucial is the explicit
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determination of potential-dependent activation energies for elementary bond breaking and
forming, for instance C-H, O-H and N-H type reactions?
This research question is addressed in Chapters 5 and 6. Previous electrokinetic DFT
studies of CO2 electroreduction on copper demonstrated that potential-dependent kinetics alter the
CO2 ER selectivity with interfacial water playing a key role in elementary O-H bond formation8, 9.
Considering thermodynamic and kinetic implications in elementary electrochemical C-H, O-H
and N-H bond breaking and forming reactions is important. This provides motivation to develop
DFT-based methods to estimate potential dependent activation barriers for elementary
electrochemical reactions on transition metal surfaces and investigate reactivity trends across
metals (Objective 5).
In Chapter 5, a simple method to approximate electrode potential-dependent activation
barriers of elementary electrochemical reactions using DFT calculations is presented. The
potential-dependent activation energies (ΔGACT(U)) are extrapolated from non-electrochemical
hydrogenation/dehydrogenation reactions to their equivalent electrochemical redox reactions,
with the barrier (ΔGACT(U0)) being assigned to an appropriate equilibrium potential (U0). At U0,
the analogous non-electrochemical state μ(H*) is in equilibrium with its equivalent
electrochemical state μ(H++e–), allowing for the barrier to be referenced to the chemical potential
of the ion in the bulk electrolyte. The barriers are extrapolated to other electrode potentials using
Marcus theory.
In Chapter 6, we apply the method to investigate the elementary kinetics of
electrochemical C-H, O-H and N-H bond formation on fcc (111) transition metal surfaces,
including Ag, Au, Ni, Cu, Pd, Pt and Rh. The role of interfacial water, as an assistor or spectator,
in the kinetics of these elementary electrochemical steps is explored. On most transition metal
surfaces, the preferred reduction mechanism involves proton shuttling through the interfacial
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water rather than a direct surface hydrogenation. With explicit solvation, the potential-dependent
barriers are lowered by approximately 0.5 eV for O-H, 0.3 eV for N-H and 0.2 eV for CH bond
formation. The potential-dependent activation and reaction energies of elementary C-H, O-H and
N-H bond activation across transition metal surfaces linearly correlate (Brønsted-Evans-Polanyi
(BEP) relations) across an applied potential range of −1.00 < U < 1.00 V-RHE. The study
demonstrates that linear relations can be presumed when comparing reaction energies as a
measure of activity for similar X-H (X = C, O and N) steps across metals.

8.4

Summary and Conclusions for Research Question 4

How can we model electrocatalytic phenomena at longer length and time scales, beyond the
model approximations and the simulation scope of DFT? How can we conduct higher-scale
simulations of the electrochemical interface at constant electrode potentials and investigate the
interfacial phenomena in response to a constant applied electrode potential?

This research question is addressed in Chapter 7. All electrocatalytic reactions take place
at the electrode/electrolyte interface. The rate of these reactions is controlled by complex
interactions between the adsorbed species and electrolytic ions with the solvated electrode under
applied electrode potentials. The electrode potential affects the structure and dynamics of the
interfacial water, which is difficult to model using computationally intensive DFT methods. This
provides motivation to develop large-scale atomistic models of the electrochemical interface
using Molecular Dynamics to examine the structural and dynamical features of the interface
under the effect of constant applied electrode potentials (Objective 6).
In Chapter 7, classical reactive molecular dynamics simulations are performed using
ReaxFF to investigate the structure and dynamics of a 1 M KOH electrolyte between two Pt (111)
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electrodes held under a constant potential difference. A reactive force-field describing the Pt/K
interactions is developed with the empirical parameters are trained and fitted using DFT data. The
effect of the applied potential on the distribution and dynamics of electrolytic ions (K + and OH−)
and interfacial water during the course of the MD simulation is examined. K + ions accumulate
near the negatively charged Pt (111) surface at higher applied potentials, while OH− ions prefer to
adsorb on the surface. Interfacial water arranges as distinct ordered layers near the Pt (111)
electrodes in a H-down configuration near the negatively charged electrode. Near the positively
charged electrode, the water dipoles align parallel to the surface. In summary, we demonstrate the
use of ReaxFF-based constant potential MD simulations to reasonably describe the
electrochemical interface. The study serves to advance the modeling methodology of
electrochemical phenomena at longer length and time scales.
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8.5

Recommendations for future study

The determination of electrocatalytic reaction rates can be achieved via a multi-scale
DFT/classical reactive MD approach. The activation energy of any elementary electrocatalytic
reaction needs to implicitly account for (i) the free energy change of the redox event, (ii) the
electrode potential, (iii) the electrostatic potential drop at the reactive site and, (iv) the impact of
the solvation shell surrounding the active site. It is within the capabilities of DFT to calculate the
activation barrier with the first two factors as outlined in Chapters 4 and 5. The contributions
from the last two factors are beyond the computational feasibility of DFT and require the
development of a multi-scale model. The estimation of the electrostatic potential drop and the
organization of the interfacial electrolyte as a function of the electrode potential have been
demonstrated in Chapter 7 using classical MD simulations. What remains is to evaluate the
potential-dependent activation barriers accounting for these dynamic, long-range effects.
To integrate these factors, data from classical reactive MD simulations can be used as
input for DFT-based evaluation of potential-dependent activation barriers. Local representative
configurations of the interfacial H2O and electrolytic ions from various time-steps of the MD
simulations can be applied towards investigating systematic variations in the reaction mechanism
and the activation barriers of key electrocatalytic reactions. MD simulations can also provide
information on the local electric field variations induced under controlled electrode potentials and
the distribution of the electrolyte. These statistically averaged electric fields can be applied in
DFT models to assess its impact on the kinetics of electrocatalytic reactions. This method of local
structure and field integration between DFT models and MD simulations can provide deep insight
on the role of ion distribution, electric field variations, solvent reorganization and the interfacial
structure and dynamics on the electrokinetics.
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Another approach is to use brute statistical mechanics to compute an approximate rate
constant from the reactive MD simulations. This can be achieved via computing the turn over
frequency of the reaction product and investigating the probability distribution of the products
over time. This approach, however, requires former knowledge of the reaction pathway and the
active site and is reliant on the force-field accuracy and transferability across various local
reactive structures that might occur. This approach is contingent on the reactive event occurring
within the time scale of the simulation and will not be feasible for rare events. Accelerated MD
techniques, including metadynamics may be a viable option with the appropriate selection of the
reaction coordinate and the collective variable. This dissertation includes several advancements in
the molecular scale modeling of electrocatalytic processes. Further improvements in direct
simulation at a molecular scale free from the model approximations are needed and the proposed
recommendations will enable more reliable and accurate simulations of these important
electrocatalytic phenomena.
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Appendix A
Density Function Theory study of carbon dioxide electrochemical reduction on the Fe (100)
surface
This chapter is published as: N. J. Bernstein, S. A. Akhade and M. J. Janik, Physical Chemistry
Chemical Physics 16 (27), 13708-13717 (2014).

Abstract
Carbon dioxide electroreduction offers the possibility of producing hydrocarbon fuels
using energy from renewable sources. Herein, we use density functional theory to analyse the
feasibility of CO2 electroreduction on a Fe (100) surface. Experimentally, iron is nonselective for
hydrocarbon formation. A simplistic analysis of low-coverage reaction intermediate energies for
the paths to produce CH4 and CH3OH from CO2 suggests Fe (100) could be more active than Cu
(111), currently the only metallic catalyst to show selectivity towards hydrocarbon formation. We
consider a series of impediments to CO2 electroreduction on Fe (100) including O*/OH* (*
denotes surface bound species) blockage of active surface sites; competitive adsorption effects of
H*, CO* and C*; and iron carbide formation. Our results indicate that under CO2 electroreduction
conditions, Fe (100) is predicted to be covered in C* or CO* species, blocking any C—H bond
formation. Further, bulk Fe is predicted to be unstable relative to FeCx formation at potentials
relevant to CO2 electroreduction conditions.
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A.1

Introduction

Carbon dioxide electroreduction using electrical energy from wind or solar is a renewable
method of producing hydrocarbon-based fuels.1,

2

This process has the benefit of producing a

dense hydrocarbon energy storage form. Inefficiencies prevent large-scale application, mainly
stemming from a lack of an effective CO2 electroreduction catalyst. Pure metals3-6 and alloys7-9
have been tested for their Faradaic yield of hydrocarbon. Currently, the only metallic catalyst to
show selectivity towards hydrocarbon production is copper, which produces methane and
ethylene at reasonable current density and efficiency.3, 10 Though Cu has demonstrated selectivity
to hydrocarbon production, the overpotentials required are prohibitively large. Fe based catalysts
are active for hydrocarbon production through thermal reduction of CO (Fischer-Tropsch
catalysis) or CO2 using H2.11-17 However, Fe electrocatalysts are not selective for hydrocarbon
production in the electrochemical reduction process, instead catalyzing mainly the hydrogen
evolution reaction (HER).3,

6, 10, 18

The search for metallic catalysts more active than Cu will

require understanding of the mechanistic limitations of catalysts such as Fe. Herein, we use
density functional theory to analyze the CO2 electroreduction energetics on the Fe (100) surface.
We examine the activity in the absence of H2 evolution, in order to provide insight into the
limitations of the CO2 reduction reaction. We also consider Fe stability relative to iron carbide
formation in the electrochemical environment.
Experimentally, Fe is an ineffectual CO2 electroreduction catalyst, despite being
active for thermal CO/CO2 reduction catalysis. At reduction overpotentials, the HER dominates
and the production of hydrocarbons is minimal to none. Based on previous voltammetry data, the
inclusion of CO2 in the reaction environment decreases the rate of hydrogen evolution, and high
CO2 pressures can lead to production of hydrocarbons at low selectivity.10,

19-23

In thermal

CO/CO2 reduction with H2, Fe is quite commonly used as a catalyst.24 In Fischer-Tropsch
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synthesis, CO is thermally reduced to liquid hydrocarbons in the presence of H2; Fe is one of the
most common catalysts for this process.25 CO2 can also be thermally reduced to hydrocarbons on
Fe, producing mainly methane and carbon monoxide and slighter amounts of secondary
hydrocarbons.26, 27 It is unclear mechanistically why these thermal processes excel on Fe catalysts,
whereas electroreduction of CO2 fails to produce hydrocarbons.
Density Functional Theory (DFT) methods allow us to examine the reaction
energetics of CO2 electroreduction. We initially neglect direct consideration of the HER in order
to better understand the limitations of the CO2 reduction process. On a Cu (111) surface, two
main reaction paths have been identified for CO2 reduction to either methane or methanol.28 In
both paths, carbon dioxide is converted to COOH*, then to CO*, which can then be protonated to
form either COH* or CHO* (where * signifies a surface bound species). Should the carbon atom
be protonated to form CHO*, the reaction may proceed to methanol through three protonation
steps, including the intermediate formation of CH2O* and then CH3O*. If the oxygen of CO* is
protonated to form COH*, the reaction proceeds through H—OH bond formation to deposit a
surface C*, which then undergoes four subsequent protonation transfers to form methane.
Peterson et al. concluded, across a number of late transition metal electrocatalysts, that optimal
hydrocarbon production occurs on a catalyst which can balance the ability to reduce CO2* to CO*
with the ability to reduce CO* to either CHO* or COH*.29 Their analysis did not include Fe. We
examine the reaction energetics for the two reaction paths discussed above to determine if,
theoretically, Fe can successfully balance the generation of CO* with its reduction. We consider
if this balance is sufficient to explain the observed inactivity of Fe for CO2 electroreduction.
In this study, DFT methods were used to calculate the potential-dependent
reaction free energies for each intermediate on Fe (100) in both the COH* and CHO* reduction
paths. The Fe (100) surface was chosen as it is the most stable surface plane of bcc Fe.30, 31 The
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results indicate that carbon dioxide reduction to produce methane is not only thermodynamically
viable, but could also occur at overpotentials comparable to or lower than those required for Cu
catalyzed electroreduction. These conclusions directly contradict experimental results, indicating
that other considerations must explain the lack of CO2 electroreduction activity on Fe catalysts.
We consider four factors that potentially prevent Fe (100) from reducing carbon
dioxide electrochemically. The first is the possibility of O*/OH* deposition on the surface,
blocking all active sites from CO2 reduction intermediates. The second is that the HER is simply
too competitive a reaction, and therefore there can be no active CO2 reduction species on the
surface. However, our analysis of the competitive adsorption of H, CO, and C on Fe show that at
normal overpotentials for CO2 electroreduction, both C* and CO* are more preferred surface
species than H*. This raises a third issue of whether an overabundance of C* and CO* prevents
further C—H bond formation by blocking H access to the surface. The final factor considered is
the possible transformation of the iron electrode to iron carbide under CO2 electroreduction
conditions. Our findings indicate that at the relevant overpotentials, iron carbide formation has a
negative free energy, and therefore is favorable.
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A.2

A.2.1

Computational Methods

Electronic Structure Method
Electronic structure calculations were performed within the framework of DFT, as

implemented in the Vienna ab initio simulation package (VASP), a plane-wave pseudopotential
package.32-35 This program implements Density Functional Theory in order to solve for the lowest
energy conformation of a system of atoms in a periodically repeating geometry. The projector
augmented wave (PAW) approach was used to represent valence states.36, 37 Plane waves with a
kinetic energy cutoff of 450 eV were utilized, and the exchange-correlation energy was calculated
using the Perdew, Burke, and Ernzerhof (PBE) functional within the generalized gradient
approximation (GGA).38,

39

Spin polarized calculations were conducted, due to the magnetic

nature of Fe. An optimization criterion of atomic forces less than 0.02 eV Å-1 was used.

A.2.2

Model Construction
Pure bulk iron was optimized using the primitive BCC unit cell, with lattice parameters

of a = b = c = 2.385, and α = β = γ = 109.471o. A Monkhorst-Pack k-point mesh of 11x11x11 was
used in the bulk optimization.40
For calculations examining the reduction path of CO2, we used a 36-atom 3x3 Fe (100)
surface with four layers of iron and six layers of vacuum (10 Å) between periodic slabs. Selective
dynamics was implemented, and the top two layers of iron were allowed to relax, while the
bottom two layers were held in their bulk positions. The sampling of the Brillouin zone for the
3x3 surface cells was conducted with a k-point mesh of 5x5x1 generated automatically using the
Monkhorst-Pack method, which converged the system energy to within 0.03 eV with respect to k-
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point sampling.40 Intermediates were analyzed in atop, bridge, and hollow sites in order to
determine the lowest energy configuration. All reaction energy calculations utilize the lowest
energy conformation of adsorbates.
Iron carbide structures were optimized in their bulk geometries. The crystal structures of
cementite (Fe3C), the Hӓgg carbide (Fe5C2), and the Eckstrom-Adcock iron carbide (Fe7C3) were
analyzed, and their VASP optimized structures are listed in Table A-1. A k-points mesh of
11x9x13 was used for all three carbides, chosen based on calculations run previously by de Smit
et al.41 and confirmed to convergence all bulk carbide energies within 0.01 eV with respect to kpoint sampling.
Table A-1. DFT optimized iron carbide crystal structure parameters and comparison with
experimental parameters
Iron Carbide

Space Group

Lattice Parameters (Å)

Angles (degree)

ϴ-Fe3C

Pnma (62)

a = 5.092

α = β = γ = 90o

b = 6.741
c = 4.527
Expt.

42

a = 5.054
b = 6.696
c = 4.487

χ-Fe5C2

C2/c (15)

a = 11.588

α = β = 90o

b = 4.579

γ = 97.75o

c = 5.059
Expt.43

a = 11.482
b = 4.537
c = 5.013

Fe7C3

P63mc (186)
Expt.44

a = b = 6.882

α = β = 90o

c = 4.540

γ = 120o

a = b = 6.829
c = 4.495
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A.2.3

Elementary Electrochemical Reaction Energies
The geometries of all surface CO2 reduction intermediates were fully optimized and zero-

point vibrational energy corrected. All relative energies presented herein are zero-point
vibrational energy (ZPVE) corrected and include a vibrational entropy term. The free energy of
an adsorbed intermediate is calculated as:
GIntermediate*  EIntermediate*  EZPVE  Evib  TSvib

(1)

where Eintermediate* is the DFT optimized energy of the adsorbed intermediate, EZPVE is the zeropoint vibrational energy, Evib is the internal energy stored in vibration at 300 K, and TSvib
represents the vibrational entropy of the adsorbed species at room temperature (300 K).
To analyze the reaction path energetics, the optimized energy of each surface
intermediate COxHy* was calculated relative to adsorbed CO2* using the computational hydrogen
electrode (CHE) approach.45 Relative energies represent the reaction energy to form any
intermediate from CO2* via the reaction
𝐶𝑂2 ∗ + (𝑦 − 2𝑥 + 4)𝐻 + (𝑎𝑞) + (𝑦 − 2𝑥 + 4)𝑒 −  𝐶𝑂𝑥 𝐻𝑦 ∗ + (2 − 𝑥)𝐻2 𝑂(𝑙)
We report relative energies at both 0 V-RHE and −0.5 V-RHE, calculated from Equation (2)

RE (U )  GCOx H y *  GCO2 *  (2  x)GH 2O 

( y  2 x  4)
GH 2  ( y  2 x  4)eU
2

(2)

where x is the number of oxygen atoms contained in the adsorbed intermediate, y is the number of
hydrogen atoms contained in the adsorbed intermediate, and eU is the cathode potential on a
reversible hydrogen electrode scale (V-RHE). 𝐺 𝐶𝑂𝑥 𝐻𝑦 ∗ is the ZPVE corrected free energy of the
adsorbed intermediate, 𝐺𝐶𝑂2 ∗ is the free energy of CO2 adsorbed on the surface, and 𝐺𝐻2 and 𝐺𝐻2 𝑂
are the free energies of molecular H2 and H2O, respectively. The free energies of isolated H2 and
H2O were obtained from calculations of a single molecule in a cubic unit cell of side length 20 Å
and include statistical mechanics corrections to give the free energy of H2(g) at 1 atm and the free
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energy of H2O(l) at 0.03 atm—the vapor pressure of water at room temperature. The free energy
of gaseous methane was calculated from the CO2 free energy and the standard equilibrium
potential (0.17 V-RHE) for CO2 reduction to CH4.

A.2.4

Adsorption Energies

The adsorption energies of surface species were calculated using Equation (3)
Eads  Especies  surface  Especies  Esurface

(3)

where Especies is the energy of the isolated intermediate, Esurface is the energy of the bare surface,
and Especies+surface is the energy of the intermediate adsorbed on the surface. A negative ΔEads
corresponds to a stable adsorbate-surface system. The energy of the isolated adsorbate was
calculated using a single molecule in a cubic unit cell of side length 20 Å.

A.2.5

O*/OH* Deposition Energetics

The reduction free energies of both H2O* and OH* formation were calculated to examine the
likelihood of O*/OH* deposition on the surface. These relative energies represent the reaction
energy of the reaction below
𝑂∗ + 𝑥 𝐻 + (𝑎𝑞) + 𝑥 𝑒 −  𝑂𝐻𝑥 ∗
The relative energy of each species was calculated from Equation (4)

x
RE (U )  GOH *  GO*  GH 2  x eU
2

(4)

where x is the number of hydrogen atoms in the product surface species and eU is the cathode
potential in V-RHE. 𝐺𝑂𝐻𝑥 ∗ is the free energy of the adsorbed product species, either OH* or
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H2O*, and 𝐺𝑂∗ is the free energy of surface adsorbed oxygen. 𝐺𝐻2 is calculated in the same
manner as in Equation (2).

A.2.6

Competitive Adsorption Energies

Competitive adsorption effects were analyzed for H*, CO*, and C* to determine which species is
thermodynamically most stable on a Fe (100) surface at CO2 reduction potentials. The reaction
involving a bare 3x3 surface converting to a surface with 1/9 ML of each adsorbed intermediate
was analyzed, summarized in the reactions below
∗ + 𝐻 + (𝑎𝑞) + 𝑒 − → 𝐻 ∗
∗ + 𝐶𝑂2(𝑔) + 2𝐻 + (𝑎𝑞) + 2𝑒 − → 𝐶𝑂∗ + 𝐻2 𝑂(𝑙)
∗ + 𝐶𝑂2(𝑔) + 4𝐻 + (𝑎𝑞) + 4𝑒 − → 𝐶 ∗ + 2𝐻2 𝑂(𝑙)
where * represents a bare surface. The free energy of each of these reactions was determined as a
function of potential.
H:
CO :
C:

Gads (U )  GH *  G*  eU

(5)

Gads (U )  GCO*  G*  GCO2 ( g )  GH 2 ( g )  GH 2O  2 eU

(6)

Gads (U )  GC *  G*  GCO2 ( g )  2 GH 2 ( g )  2 GH 2 O  4 eU

(7)

The optimized, ZPVE corrected energies of H*, CO*, and C* were used, symbolized by
GH*, GCO*, and GC*, respectively. G* represents the DFT optimized energy of a bare 3x3 Fe (100)
surface. 𝐺𝐻2 𝑂 and 𝐺𝐻2 were calculated in the same manner as for Equation (2). 𝐺𝐶𝑂2 is the free
energy of gaseous CO2 at atmospheric pressure, calculated from the DFT optimized energy of
CO2 in the gas state, plus a ZPVE correction, and minus the gas phase entropy (multiplied by
T=300 K) of CO2 at room temperature and pressure (300K, 1atm). This approach assumes that
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the solution phase carbon dioxide chemical potential is equilibrated with gas phase CO2 at 300 K
and 1 atm. eU is the cathode potential on a RHE scale.

A.2.7

Iron Carbide Formation Energies

The free energy of iron carbide formation was analyzed for the conversion of pure bulk iron to
bulk iron carbide FexCy, with gaseous CO2 acting as the C source. This reaction is given as

𝑥𝐹𝑒(𝑏𝑢𝑙𝑘) + 𝑦𝐶𝑂2(𝑔) + 4𝑦𝐻 + (𝑎𝑞) + 4𝑦𝑒 − → 𝐹𝑒𝑥 𝐶𝑦

(𝑏𝑢𝑙𝑘)

+ 2𝑦𝐻2 𝑂(𝑙)

The free energy of iron carbide formation, defined on a per Fe atom basis, is calculated as

Gads (U ) 

GFex C y ( bulk )
x

 GFe( bulk ) 

y
2y
2y
4y
GCO2 ( g ) 
GH 2 ( g ) 
GH 2 O 
eU
x
x
x
x

(8)

where 𝐺𝐹𝑒𝑥 𝐶𝑦 and GFe are the DFT optimized energies of the bulk solids per formula unit, and x
and y are the number of iron atoms and carbon atoms, respectively, in the iron carbide formula
unit. 𝐺𝐶𝑂2 , 𝐺𝐻2 , and 𝐺𝐻2 𝑂 are the same values calculated for Equations (5)-(7) above. eU is the
cathode potential on a RHE scale.
We further considered the free energy of iron carbide reduction to form methane to
further delineate potential ranges over which the iron carbide is stable:
𝐹𝑒𝑥 𝐶𝑦

(𝑏𝑢𝑙𝑘)

+ 4𝑦𝐻 + (𝑎𝑞) + 4𝑦𝑒 − → 𝑥𝐹𝑒(𝑏𝑢𝑙𝑘) + 𝑦𝐶𝐻4,𝑔𝑎𝑠

The free energy of iron carbide reduction is calculated as

GFex C y reduction (U )  GFe( bulk ) 

GFex C y ( bulk ) 2 y
4y
4y
GCH 4 ( g ) 

GH 2 ( g ) 
eU
x
x
x
x

(9)
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A.3

A.3.1

Results and Discussion

CO2 Reduction Energetics on Fe (100)

A.3.1.1 Reaction Path
Based on the previous studies by Nie et al. 28 and Peterson et al.,29 two proposed
reaction paths for CO2 electroreduction on Fe are considered, summarized in Figure A-1.
Two separate products of CO 2 electroreduction result from the proposed pathways:
CH3OH and CH4. Additional formation of larger hydrocarbons through C—C bond
formation may occur along either path, though the formation of higher hydrocarbons is not
considered in this study. Both reactions proceed similarly through COOH* and CO*
intermediates. The divergence point toward methane or methanol occurs at the protonation
of CO*. If oxygen is protonated, COH* is formed, which subsequently reduces to form
water and surface carbon.

Surface C* is sequentially protonated four times to form

methane. If the carbon atom of CO* is protonated, CHO* is formed, which is sequentially
protonated to formaldehyde, methoxy, then methanol. We assume the separation of these
two paths is possible based on findings on the Cu (111) surface 3, and similarly neglect
initial reaction steps through HCOO*. As our goal is to examine whether these paths are
feasible on Fe (100) rather than explain specific experimental results, neglecting other
possible paths does not alter the conclusions reached.

Figure A-1. The proposed reduction paths of CO2 to CH3OH and CH4 on Fe (100). The proton
and electron reactants and water molecule products are not included in the reaction scheme.
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In sections A.3.1.1(a)‒(c), we report the optimal structures for intermediates absorbed on
the Fe (100) surface. In section A.3.1.2, we use the computed energies of these intermediates to
construct a reaction energy diagram for CO2 reduction on the Fe (100) surface. In section A.3.1.3,
we compare the theoretical effectiveness of Fe (100) as a CO2 reduction catalyst to Cu (111).

A.3.1.1 (a)Formation of CO* from adsorbed CO2*
The first step of CO2 electroreduction is the adsorption of CO2 onto the Fe (100) surface.
The adsorption energy of CO2 on the surface was determined to be −0.25 eV, indicating a stable
adsorbate-surface complex. The adsorption free energy of CO2 is -0.02 eV. When bound to the
surface, carbon dioxide adopts a bent CO2δ- state (Figure A-2(a)) with both oxygen atoms in atop
position and the carbon atom bridged between two iron atoms. The optimized structure has C—O
bond lengths of 1.26 Å compared to 1.16 Å in the gaseous state46 and an O—C—O bond angle of
135.7o. COOH* (Figure A-2(b)), formed by protonation of an oxygen atom of CO2*, has a lowest
energy conformation with carbon and the non-protonated oxygen parallel to the surface. The O—
C—O bond angle is 114.9o, the C—O—H bond angle is 107.1o, the C—O bond lengths are 1.29
Å and 1.36 Å and the C—H bond length is 0.99 Å. Finally, CO* (Figure A-2(c)) has the lowest
energy in the hollow position, with a C—O bond length of 1.25 Å. The adsorption energy of CO*
on the surface was determined to be −1.51 eV. The structure and binding energy of CO* are
similar to those calculated by Stibor, who reports CO* bound in the hollow conformation with a
binding energy of −1.71 eV.47
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Figure A-2. Top and side view of optimized reduction intermediates (a) CO2, (b)
COOH, and (c) CO. Atom species are: Fe (purple), C (grey), O (red) and H (white)

A.3.1.1 (b) Protonation of CO* to form COH* and subsequent reduction to CH4
Should CO* be protonated to form COH*, a subsequent five-step reduction can occur to
produce methane. COH* (Figure A-3(a)) prefers the hollow position, with a C—O—H bond
angle of 109.3o, a C—O bond length of 1.42Å, and an O—H bond length of 0.98 Å. A reduction
of the hydroxyl group results in a desorbed water molecule and a surface adsorbed carbon atom.
The C* species (Figure A-3(b)) remains in the hollow position. Four subsequent protonation steps
result chronologically in CH*, CH2*, CH3*, and CH4 (Figure A-3(c)-(f)). CH4 does not adsorb
strongly to the surface. The C—H bond lengths and angles are in agreement with those calculated
by Govender et al.48
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Figure A-3. Top and side view of optimized reduction intermediates involved in
methane production (a) COH, (b) C, (c) CH, (d) CH 2, (e) CH3 and (f) CH4. Atom
species are: Fe (purple), C (gray), O (red) and H (white).
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A.3.1.1 (c) Protonation of CO* to form CHO* and subsequent reduction to CH3OH
Were the carbon atom of CO* to undergo protonation rather than the oxygen atom,
CHO* would form, and may consequently be reduced in three steps to form methanol. The
preferred conformation for adsorbed CHO* consists of the C—O bond approximately parallel to
the surface (Figure A-4(a)). The structural parameters include a O—C—H bond angle of 115.6o,
a C—O bond length of 1.29 Å, and a C—H bond length of 1.12 Å. CH2O* (Figure A-4(b))
consists of both carbon and oxygen in bridge positions, while CH3O* (Figure A-4(c)) prefers only
oxygen attached to the surface, in a bridge position. CH3OH (Figure A-4(d)), once formed,
absorbs weakly to the surface through the O atom.

Figure A-4. Top and side view of optimized reduction intermediates involved in methanol
production: (a) CHO, (b) CH2O, (c) CH3O and (d) CH3OH. Atom species are: Fe (purple), C
(gray), O (red) and H (white).
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A.3.1.2 Reaction Energy Analysis
The free energies of reaction intermediates were calculated relative to CO 2* and are
simultaneously depicted at 0 V-RHE (blue) and ‒0.5 V-RHE (green) in Figure A-5 and Figure A6. As the adsorption free energy of CO2 gas is -0.02 eV at room temperature and 1 atm, the y-axis
of Figure A-5 and Figure A-6 is equivalently relative to CO2 gas. The formation path of methane
through a COH* intermediate is shown in Figure A-5 while Figure A-6 illustrates the formation
path of methanol through a CHO* intermediate.
The major branching point in the reaction path occurs at the protonation of CO*. A
comparison of the relative energies of CHO* and COH*, the two possible products of CO*
protonation, indicates that COH* is the preferred product by ‒0.17 eV. We have neglected the
solvation of surface intermediates, which would further stabilize COH* relative to CHO* due to
the propensity of the hydroxyl group to participate in hydrogen bonds. Without the inclusion of
activation barriers, this result indicates that methane is the preferred product of CO 2

Figure A-5 Relative free energy diagram for reduction of CO2 to CH4 on Fe (100) at 0 (▬
blue) and ‒0.5 (▬ green) V-RHE. Numbers indicate the relative energy change of each
reduction step.
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electroreduction, were competing reactions such as hydrogen evolution ignored. Though at 0 VRHE the protonation of CO* to COH* is endergonic, at a potential of ‒0.5 V-RHE this reduction
is energetically downhill by ‒0.10 eV.
For the production of methane at ‒0.5 V-RHE, each consecutive step is downhill in
energy. While our calculations indicate that the final protonation of CH 3* to form CH4* is uphill
by 0.18 eV, the free energy of forming the gaseous product (with greater entropy than the surface
bound state) makes this final step preferable. The free energy of the gaseous methane is included
in Figure A-5, though it should be noted that this reflects the value at standard conditions whereas
the methane partial pressure is typically undefined in CO2 reduction experiments. Both the
formation of CO* and its reduction are thermodynamically viable at −0.5 V-RHE. Carbon
deposition on the surface, a possible deterrent to further C* reduction (as carbon may block the

Figure A-6. Relative free energy diagram for reduction of CO 2 to CH3OH on Fe (100) at
0 (▬ blue) and ‒0.5 (▬ green) V-RHE. Numbers indicate the relative energy change of
each reduction step.
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hydrogen from adsorbing on the surface), does not appear probable according to this reaction
energy diagram. Though we have neglected kinetic consideration of transition states, calculated
reaction free energies suggest that the continued reduction of C* to CH* is favorable.
CO2 reduction through CHO* is not favored on the Fe (100) surface, and therefore
further reduction to CH3OH is not expected (Figure A-6). At ‒0.5 V-RHE, the conversion of CO*
to CHO* is uphill in energy by 0.07 eV. Additionally, the final protonation converting CH 3O* to
CH3OH is endergonic by 0.39 eV, indicating that lower potentials would be needed to reduce
methoxy species. Considering both paths, methoxy appears to be the only stable surface Ccontaining species at ‒0.5 V-RHE.

A.3.1.3 Comparison of CO2 reduction on Fe (100) and Cu (111) Surfaces
Cu (111) has been found experimentally10 to electrochemically reduce CO2 to methane
and ethylene, and DFT computed reduction energetics28 are consistent with experimentally
observed activity and selectivity. According to Nie et al.28, CO2 reduces to methane through a
COH* intermediate via the same reaction path found dominant in this study. As Cu (111) is
currently the most selective catalyst for CO2 reduction to hydrocarbons, we compare the
computed reaction energetics on Fe (100) to Cu (111). This comparison can indicate whether the
presented energetics suggest that Fe (100) could be active for CO2 reduction based solely on the
same analysis used to explain Cu (111) activity, or if Fe (100) fails at CO2 reduction because it
simply requires significantly higher overpotentials for this path compared to Cu (111). Our
analysis of the required overpotentials on each metal shows that the Fe (100) surface actually
requires significantly lower overpotentials than Cu (111) for important steps in the reaction path,
including the initial reduction of CO2* to COOH* and the reduction of CO* to COH*. These
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comparisons are further discussed below; overall, these lower overpotential requirements indicate
that, theoretically and ignoring competing reactions, Fe (100) is a better CO2 reduction catalyst
than Cu (111).

A.3.1.3 (a) Comparison of Fe (100) and Cu (111) Reduction Potentials
The potential limiting step of CO2 reduction to CH4 on Fe (100) is the last reduction step,
converting CH3* to CH4. At 0 V-RHE, the reaction free energy for this reduction is 0.68 eV; thus,
at an applied overpotential of ‒0.68 V-RHE, the entire CO2 reduction process becomes thermally
favorable. On Cu (111), the thermally limiting step for methane production is the conversion of
COH* to C*, which requires an overpotential of −0.98 V-RHE to achieve a negative reaction free
energy 28. The theoretical overpotential required on Cu (111) is 0.30 V greater than that which is
required on Fe (100), considering only elementary reaction free energies.
Elementary reaction energies indicate that CO* formation is more favorable on Fe (100)
than on Cu (111). At 0 V-RHE on Fe (100), COOH* is 0.36 eV higher in energy than CO2*. To
make this reduction thermodynamically preferable, an overpotential greater than 0.36 V-RHE
must be applied. Once COOH* is formed from CO2*, the further reduction of COOH* to CO* is
preferable even at 0 V-RHE. On Cu (111), the reaction 0 V-RHE free energy to produce COOH*
from CO2* is 0.62 eV.28 Thus, to make this reaction thermodynamically favorable, an
overpotential greater than 0.62 V-RHE must be applied, 0.27 eV greater than the overpotential
required on Fe (100). Following this initial reduction step, the formation of CO* on Cu (111) is
also energetically feasible at 0 V-RHE.
The required overpotentials for CO* reduction on Cu (111) and Fe (100) are relatively
similar, with a slightly lower overpotential required on Fe (100). The reduction of CO* to COH*
is the key point of divergence and a limiting step in the CO2* reduction path and determines

253
whether CO* is eventually reduced to methane or methanol. The reduction of CO* has been
proposed as the rate limiting step for CO2 reduction on Cu catalysts.28,

29

On Fe (100), an

overpotential of 0.40 V-RHE is required to make this reduction step thermodynamically downhill.
Should CO* reduction to CHO* be considered, an overpotential of 0.57 V-RHE would be
required to make the reaction free energy less than zero. While this required overpotential for
CO* reduction to CHO* is below that required for the overall reaction (0.68 V-RHE), the major
CO* reduction product will be COH* due to thermodynamic preference. In comparison, Cu (111)
requires overpotentials greater than 0.59 V-RHE in order to endergonically convert CO* to
COH*. Energetics of this reaction step do not explain the experimentally observed lack of
hydrocarbon production from CO2 electroreduction on Fe electrocatalysts.

A.3.1.4 Conclusion of CO2 Reduction Reaction Energetics
Fe catalysts experimentally produce little to no hydrocarbon products under CO2
electroreduction conditions.3, 6, 10 However, an analysis of the DFT reaction free energies for CO2
reduction to form CH4 and CH3OH suggests that CH4 can be formed on Fe (100) at lower
overpotentials than on Cu (111). As Fe (100) represents the lowest energy surface of
polycrystalline Fe, the fact that little to no hydrocarbon production is observed experimentally
during CO2 electroreduction on Fe catalysts suggests this mechanistic analysis is not sufficient.
This discrepancy between computation and experiment will be the focus of the next section. Our
considerations do not examine elementary activation barriers and ignore the possibility that the
activation barriers for elementary reduction steps do not correlate with reaction energetics on Fe
(100) and Cu (111) surfaces. That possibility is left for future consideration.
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A.3.2

Impediments to CO2 electroreduction on Fe (100)
In this section, we examine several possible obstructions to CO2 electroreduction on Fe

(100) that prevent the metal from achieving its theoretical potential as a catalyst for the
electroreduction reaction, as suggested by reaction energetics in the previous section. In Section
A.3.2.1, we consider the possibility of O* or OH* deposition on the surface, as a result of the
oxidation of water in the aqueous environment. In Section A.3.2.2, we examine two possible
consequences of the competitive adsorption effect between H*, CO*, and C*: (a) should
hydrogen not be able to adsorb on the surface due to a high prevalence of C* or CO* and (b)
should too much hydrogen adsorb on the surface, no C-containing intermediates would be able to
adsorb on the surface. Both scenarios prevent the formation of C−H bonds. Section A.3.2.3
considers whether Fe is unstable under CO2 reduction conditions relative to iron carbide
formation.

A.3.2.1 O*/OH* Blockage of Active Surface Sites
As CO2 electroreduction is conducted in an aqueous environment, the oxidation of water
to surface adsorbed OH* or O* is possible and may result in a blockage of active surface sites,
thus preventing CO2-derived species from adsorbing to the surface. Due to this possibility, we
have examined the reaction free energies of the conversion of O* to OH* and further to H2O*. If
O* or OH* reduction is unfavorable at relevant CO2 electroreduction potentials, these species
could potentially block active surface sites. The energy of each surface species was calculated
relative to O* as described in the methods section.
As shown in Figure A-7, our calculations indicate that at potentials greater than −0.56 VRHE, O* is preferred. At potentials below −0.56 V-RHE, H2O* is the preferred species. This
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Figure A-7. Potential dependent free energies of OH*(●) and H2O*(▲) relative to O*
calculated from Equation 4. The grey area denotes the thermodynamically favorable
potential window for both O* and OH* to reduce to H 2O*.

result suggests that O* and OH* formation are unlikely at relevant CO2 reduction potentials.
Additionally, as we neglect solvation effects of surface species, we can expect the potential range
of poorly solvated O* will reduce even further compared to H2O*. Thus, we do not expect O* or
OH* formation to account for the lack of hydrocarbon formation by Fe (100) catalysts.

A.3.2.2 Competitive adsorption effects of H*, CO* and C*
Nie et al. concluded that H+ interacts directly with the surface during C—H bond
formation elementary reaction steps. For all elementary C—H bond formation steps considered
on the Cu (111) surface, the minimum energy reaction path proceeds via transition states that
include direct H—surface contact.28 Therefore, should all active Fe (100) surface sites be
occupied by other species, such as C* or CO*, hydrogen will be unable to interact directly with
the surface and no further C—H formation steps will be possible. We therefore consider the
competitive formation of CO*, C*, and H* on the Fe (100) surface.
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The free energies of C*, CO*, and H* formation were calculated as a function of
potential using Equations (5) - (7) and are plotted in Figure A-8. At potentials less than 0.55 VRHE, H* is the least preferred of the three species on the Fe (100) surface. Therefore, at
potentials under which CO2 reduction is generally conducted, H* is not a thermodynamically
preferred species on the surface. Instead, both adsorbed C* and CO* are significantly more
thermodynamically favorable than adsorbed H*. The strong thermodynamic driving force to CO*
or C* formation could result in near monolayer coverage of these species, provided there are
kinetically accessible from CO2 reduction and their further reduction is limited by slow C-H bond
formation. C* and/or CO* adsorption can block hydrogen from associating with the surface.
Though our reaction energy analysis in Section A.3.1 indicates both C* and CO* reduction to
form C—H bonds are viable at low overpotentials, the rates of these elementary steps will be
strongly dependent on the coverage of H* (i.e. access of H+ to the surface); a low coverage will
limit hydrocarbon formation. These findings also correlate with the experimental observation that

Figure A-8 The potential-dependent adsorption free energies of H* (●), CO*(■) and
C*(▲) formation during CO 2 electroreduction. The grey area denotes the
thermodynamically favorable potential window for surface C* formation from CO 2.
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the addition of gaseous CO2 to Fe (100) under electroreduction conditions decreases the rate of
the HER10, 19-23, indicating that CO2 intermediates may be blocking H adsorption sites. Yet while
this conclusion presents an explanation for the lack of hydrocarbon production in CO2
electroreduction, it fails to explain why hydrogen evolution continues under CO2 reduction
conditions. The importance of “over-potential deposited hydrogen” (OPDH) in HER at
overpotentials is well established49, 50; we speculate that such a non-directly surface associated H*
species may continue to allow for H2 formation while not having sufficient surface access for C—
H bond formation.
All analysis to this point considered the monometallic Fe (100) surface. However, our
reaction energy and competitive adsorption analysis have suggested C* may form and potentially
reach a sizeable surface coverage. We consider the possibility that, under CO2 electroreduction
conditions, Fe catalysts may convert to iron carbides. These considerations are discussed in
Section A.3.2.3.

A.3.3

Iron Carbide Formation
In the previous section, our analysis considered the formation of surface C* species;

however, it is plausible that subsurface C* may lead to bulk iron carbide formation under CO 2
electroreduction conditions. The formation of iron carbide during Fischer-Tropsch catalysis or
CO2 thermal reduction is well known.41, 51, 52 Under CO2 electroreduction conditions, it is possible
that the bulk of the Fe electrode may convert to a FeCx species as well. If carbide formation is
thermodynamically viable, i.e. if the ΔGcarbide is below zero, then given sufficient time, Fe will
convert to iron carbide. We consider the possible formation of three iron carbide structures: Fe 3C,
Fe5C2, and Fe7C3. These carbides have been considered as stable forms under Fischer-Tropsch
synthesis conditions.41
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We calculated the free energy of formation of bulk iron carbide using Equation (8).
Figure A-9 displays the results of these free energy calculations. At potentials less than 0.60 VRHE, the ΔG of iron carbide formation is negative, indicating a preferable transformation. Thus,
iron carbide formation becomes thermodynamically viable at potentials well above those of CO2
reduction, indicating the presence of a strong driving force to carbide formation during the
electroreduction. At potentials above 0.27 V-RHE, Fe3C has the lowest free energy. Between
potentials of 0.01 V-RHE and 0.27 V-RHE, Fe5C2 is the thermodynamically favored iron carbide
structure. Finally, at potentials below 0.01 V-RHE, Fe7C3 is preferred. At more negative
potentials, carbide compositions with greater carbon to iron ratios become more preferred.
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Figure A-9. The potential-dependent formation free energies (Eq. 8) of Fe 3C (blue,
solid), Fe5C2 (orange, short dash) and Fe 7C3 (red, long dash) from bulk bcc Fe and
reduction energies (Eq. 9) of Fe 3C (●), Fe5C2 (■) and Fe7C3 (▲). The color bar below
the x-axis indicates the stable phase of Fe xCy at each electrode potential.
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We further considered the reduction free energy of iron carbides to reform metallic Fe
and produce methane, and these free energies are also included in Figure A-9. Below potentials
of -0.28 V-RHE, carbide reduction to produce methane is favorable, indicating that at significant
CO2 reduction overpotentials, iron carbide is metastable relative to subsequent reduction back to
Fe metal. These results indicate that, though CO2 reduction to methane on Fe (100) appears
preferable and possibly more viable than on Cu (111), Fe electrodes may be driven to form iron
carbide under CO2 electroreduction conditions. If surface C* concentrations become substantial
without sufficient H* to allow for reduction, as suggested by the analysis in Section A.3.2.2, iron
carbide formation may occur. Despite the thermodynamic driving force to form methane, the iron
carbide may remain metastable under CO2 reduction conditions due to slow formation of C-H
bonds on the carbide surface. The consideration of CO2 electroreduction on iron carbide catalysts
is a topic of interest for future work since this is the active form of Fe for Fischer-Tropsch and
CO2 thermal reduction.41,

52

The lower temperature (compared to thermal reduction)

electroreduction experiments performed to date may not have formed carbides due to kinetic
limitations.
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A.4

Conclusions

Experiments by Hori et al. demonstrate that iron produces minimal to no hydrocarbons,
and instead the hydrogen evolution reaction dominates,3, 10 despite being slowed by the presence
of gaseous CO2 10, 19-23. In this study, the low-coverage reaction energetics of the conversion of
CO2 to CH4 were analyzed using a simplistic DFT based free energy approach to infer that Fe
(100) may surpass Cu (111) as a CO2 electroreduction catalyst. We examined three possible
explanations for this inconsistency: O*/OH* deposition on the surface, C*/CO* blockage of the
surface, and iron carbide formation.
We conclude that O*/OH* deposition does not pose a substantial barrier to CO2*
electroreduction, as the formation of O* is not thermodynamically preferred at CO2 reduction
overpotentials. However, our analysis revealed a large preference towards adsorbed carbon,
which may limit H+ access to the surface and prevent subsequent C-H formation. Additionally,
there is a strong thermodynamic preference for the surface adsorbed carbon to convert to iron
carbide. At CO2 reduction potentials, iron carbide formation is thermodynamically viable, and
given enough time the iron electrode will transform into iron-carbide. This transformation may
explain the ineffectiveness of the iron surface under experimental conditions. Future work will
focus on investigating the two CO2 reduction paths discussed in Section A.3.1 on Fe7C3, the
preferred iron carbide structure, in order to determine more thoroughly whether iron carbide
could be an effective CO2 reduction catalyst.
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Appendix B
Electrochemical specific adsorption of halides on Cu 111, 100 and 211: A Density
Functional Theory study
This chapter is published as: I. T. McCrum, S. A. Akhade and M. J. Janik, Electrochimica Acta
173, 302-309 (2015).

Abstract
The specific adsorption of ions onto electrode surfaces can affect electrocatalytic
reactions. Density functional theory is used to investigate the specific adsorption of aqueous F−,
Cl−, Br−, and I− onto Cu (111), (100), and (211) surfaces. The adsorption is increasingly favorable
in the order of F− < Cl− < Br− < I−. The adsorption has a weak dependence on the surface facet,
with adsorption most favorable on Cu (100) and least favorable on Cu (111). Potential ranges
where specific adsorption would be expected on each facet are reported. The thermodynamics of
bulk copper halide formation are also investigated as a function of potential. CuX formation
occurs at potentials slightly more positive of halide specific adsorption and of copper oxidation in
aqueous electrolytes. Specifically, adsorbed halides and bulk CuX may be present during a
variety of electrochemical reactions carried out over a Cu electrode in halide containing
electrolyte solutions.
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B.1

Introduction

Copper is an important transition metal used in a diverse range of applications, including
catalysis for both gas phase1 and electro-chemical reactions2, 3, wiring interconnects in
semiconductor circuit manufacturing4, and ship building where its resistance to corrosion is
important in a salt-water environment5. The electrochemical properties of Cu determine the rate
of corrosion or electrodeposition of Cu in an electrolytic environment, as well as the extent of its
catalytic activity in electrochemical reactions. Ions in an electrolyte solution can affect these
surface electrochemical processes, but due to the complexity of the electrochemical interface, it is
difficult to determine the mechanism by which ions produce these effects. At the interface, the
position of solvent molecules and distribution of ions strongly depend on the applied potential,
the structure and composition of the electrode, identity and concentration of the ions, and solvent.
Halide ions in an aqueous electrolyte solution can affect the rate of copper corrosion6,
planarization7, 8, and catalytic reactions occurring on a copper electrocatalyst surface9-12.
During specific adsorption, an ion or adsorbate forms a direct bond to the surface, as
opposed to an electrostatic interaction at a longer distance, as illustrated in Figure B-1. The
specific adsorption of ions onto metal electrodes has been widely studied previously with notable
contributions from Frumkin13, Stern14, Grahame15, and Parsons16. These contributions led to the
development of a mathematical framework to describe the location of ions distributed by an
electric field in an electrolyte solution and demonstrated that ions can specifically adsorb to the
electrode surface. This phenomenon will affect both the electronic and structural properties of the
electrode surface, altering its catalytic and electrochemical properties as well as blocking surface
sites.
The specific adsorption of halides onto the copper surface has been proposed to explain
the impact of halides on various processes7, 8, 10, 12, 17. Anions, such as Cl−, Br−, and I−, in
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Figure B-1: The specific adsorption reaction equation, in which an aqueous phase halide anion
directly binds to the electrode surface, releasing an electron into the electrode/external circuit.

particular, strongly adsorb to many metal electrodes, due in part to their relatively small solvation
energies18. Magnussen presents a thorough review of halide specific adsorption onto a variety of
transition metal surfaces19. A series of electrochemical experiments suggest that halides
specifically adsorb to copper and can affect its electrochemical deposition, passivation, and
corrosion6, 8, 17, 19-21. Specific adsorption or co-adsorption of halides enhances the adsorption of
organic compounds including a polyether7 and benzotriazole8, used to passivate copper surfaces
in a process important to chemical-mechanical planarization used in semiconductor device
manufacturing. Iodide adsorbed onto a copper surface enhances the inhibitory effect of 2mercapto benzimidazole in the corrosion of copper6. Specifically adsorbing halide ions also effect
the roughness of electrodeposited polycrystalline copper17. Electrochemical and X-ray
experimental studies report anion adsorption onto copper adatoms deposited onto Pt (111)22, 23
and Pt (100)24.
Anions can affect the rate and mechanism of catalytic electrochemical processes. The
specific adsorption of chloride25, bisulfate, sulfate, and organic sulfonate ions26 to platinum
electrodes affect the rate of the oxygen reduction reaction25, 27. Halide anions can affect the rate
and selectivity of carbon dioxide electroreduction over copper electrodes9-12. The identity of the
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halide strongly influences the selectivity and the kinetics of hydrocarbon formation12. While the
exact mechanism by which a halide impacts electrocatalysis is not fully understood, the variations
in rate and selectivity may be attributed to the specific adsorption of halide anions onto the copper
electrode. Ogura et al. suggest that specifically adsorbed halide anions increase the attraction
between carbon dioxide and the copper electrode surface10,

12

and decrease the amount of

hydrogen adsorbed on the copper surface12. Determining the electrochemical conditions at which
the specific adsorption of halides occurs onto copper surfaces is necessary prior to examining
how these anions affect surface electrochemical processes.
While experimental electrochemistry can be used to examine surface and surface
mediated processes, the presence of simultaneous electrochemical reactions such as dissolution,
deposition, oxidation or other catalytic reactions impose a high degree of complexity towards
studying ion specific adsorption. Ab initio modeling techniques offer a convenient platform to
examine the specific adsorption of ions exclusively, in the absence of other competing processes.
We employ Density Functional Theory (DFT), an ab initio quantum mechanical technique, to
probe the copper-halide interaction at an electronic structure level.
Other groups have applied DFT to examine halide specific adsorption, though the
favorability of halide adsorption across Cu facets has not been previously examined. Roman et al.
used DFT to examine the effect of halide specific adsorption on the work function of a variety of
transition and alkaline earth metal surfaces28. Ignaczak and Gomes29 used DFT to model halide
adsorption onto Cu, Ag, and Au (100) metal clusters, showing adsorption is strongest with
fluoride and weakest with iodide. This study, however, did not consider the solvation of the ions
in solution and of the metal cluster surface. Similarly, Pašti and Mentus consider the adsorption
of Cl, Br, and I onto Pt, Pd, Cu, and Au slabs using DFT, but their adsorption energetics
referenced a gas phase halogen atom, as opposed to a solution phase halide anion30. Gossenberger
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et al. use DFT to predict the trends in the adsorption of F, Cl, Br, and I as a function of coverage
on Cu (111) and Pt (111)31. The co-adsorption of sodium and chloride layers onto the Cu (100)
and Cu (311) surfaces has also been investigated with DFT32. These DFT studies neglected to
consider solvation of ions prior to adsorption or when adsorbed on the electrode surface.
While DFT can reliably determine the electronic structure of specifically adsorbed
halide-electrode systems, incorporating solvation effects is non-trivial due to restricted time and
length scales of the simulation. One approach is to employ force-fields in classical molecular
dynamics to increase the simulation scale, although this method is then limited by the accuracy of
the trained potentials. In particular, the force-field representation of the specific, halide-metal
bond is challenging. Jeon et al. used this approach to study the corrosion of a solvated copper
surface in the presence of chloride in solution33, with a simplified halide-electrode interaction
model.
In this study, we use DFT to examine the electrochemical adsorption of F, Cl, Br, and I
anions from an aqueous solution to Cu (111), Cu (100), and Cu (211) surfaces. The free energies
of specific adsorption are determined as a function of electrode potential. Explicit water
molecules are added to each copper surface to incorporate the effect of solvation on the
thermodynamic favorability of adsorption of F− and I−. Our results suggest that the halide anions
(from a 1M halide solution) favorably adsorb from aqueous solution on to the three copper
surfaces at potentials generally above -1 VNHE.
Shao et al.21 and Soares et al.20 both suggest that a solid CuCl phase can form during
copper electrodeposition from a chloride containing electrolyte, influencing the mechanism of
formation and properties of the electrodeposit relative to deposition carried out in a halide free
electrolyte. We also evaluate the thermodynamic favorability of bulk copper halide (CuX or
CuX2) formation as a function of electrode potential.
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B.2

B.2.1

Methods

Computational Methods
All DFT calculations were performed with the Vienna Ab initio Simulations Package

(VASP 5.2.12)34-36, using the projected augmented wave (PAW) method37, 38. The calculations
used the Perdew-Burke-Ernzerhof (PBE)39,

40

exchange and correlation functional described

within the generalized gradient approximation (GGA) 39. The plane wave basis set cut-off energy
was 450 eV. Optimization was conducted until the electronic energies were converged to within
10−5 eV with an ionic convergence limit of 0.02 eV Å-1. For the surface calculations, a 5×5×1
Monkhorst Pack41 mesh k-point sampling was used for the 3x3 unit cell, 7x7x1 for the 2x2 unit
cell, and 9x9x1 for the 1x1 unit cell, while for the bulk structures a 7×7×7 mesh was used. All
calculations were spin restricted. Vibrational modes were calculated by Cartesian displacements
of each adsorbate by 0.01 Å in each direction to create a Hessian matrix. Dipole corrections
(LDIPOL=TRUE) were applied in the surface normal direction (IDIPOLE=3) to prevent
interaction between periodic surface slabs.

The copper surfaces were constructed using a

periodic supercell with a thickness of 4 layers, with the bottom two layers constrained to the bulk
configuration with an experimental lattice constant of 3.61 Å42. Three different unit cells were
used to examine the effect of halide surface coverage (θ). A 3×3 unit cell was used to represent θ
= 1/9 ML halide adsorbed on Cu (100) and θ = 1/9 ML, 2/9 ML, and 3/9 ML on Cu (111). A 2x2
unit cell was used to examine θ = 1/4 ML and θ =1/2 ML on Cu (100) and θ =1/2 ML on Cu
(111). A 1×1 unit cell represented θ = 1 ML adsorption. The FCC site was found to be the most
favorable adsorption site for all halides on the (111) surface facet, as found by others28. The threefold site was found to be most favorable for Cl, Br, and I, and the bridge site for F on the (100)
surface facet. The edge-bridge site was most favorable for Cl on the (211) surface facet; it was
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assumed all other halides also preferred the edge-bridge site for the (211) facet. Site adsorption
energies are given in the Supplementary Information. Bulk CuX and CuX 2 were modeled using
structures reported in43 for X = Cl, Br, and I. No structure was given for CuI2 and therefore it was
not considered.
The free energies of the solution phase halides were computed using two alternative
methods; a more detailed description follows in section B.2.2. The first, the diatomic gas phase
method, involves calculating the Gibbs free energy of the diatomic halide molecule (𝐺𝑋2 (𝑔) ) in
the gas phase (assuming ideal gas behavior), then using the experimentally measured standard
− ).
reduction potential (𝑈𝑋2 ) to determine the free energy of the halide in aqueous solution (𝐺𝑋(𝑎𝑞)

This is similar to the computational hydrogen electrode method44. The second method, the
− ) then
solvation energy method, computes the Gibbs free energy of a gas phase halide ion (𝐺𝑋(𝑔)

𝑒𝑥𝑝

adds an experimentally measured solvation free energy change (∆𝐺𝑠𝑜𝑙𝑣 ) to determine the free
− ).
energy of the ion in aqueous solution (𝐺𝑋(𝑎𝑞)

B.2.2

Specific Adsorption Equilibrium Potentials

The specific adsorption process is described by Equation 1.
−
𝐶𝑢∗ + 𝑋𝑎𝑞
↔ 𝐶𝑢 − 𝑋 + 𝑒 −

[1]

𝐶𝑢∗ represents an empty copper surface site and 𝐶𝑢 − 𝑋 represents a halide adsorbed onto a
surface site. Equations 2 and 3 show how the free energy of the aqueous anion can be replaced
with that of the gas phase diatomic halogen, where Equation 3 is valid when the free energy
change of halide dissolution is zero, at the equilibrium dissolution potential 𝑈𝑋2 (Δ𝐺𝑋𝐷𝑖𝑠𝑠
=
2
0 @ 𝑈 = 𝑈𝑋2 ).
−
𝑋2 + 2𝑒 − ↔ 2𝑋𝑎𝑞

[2]
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1
− =
𝐺𝑋𝑎𝑞
𝐺 − 𝑒𝑈𝑋2
2 𝑋2

[3]

The Gibbs free energy change of adsorption (∆𝐺𝑋𝑎𝑑𝑠 ) (Equation 4) as a function of electrode
potential on an NHE scale (UNHE) is calculated using this diatomic gas phase method :
1
𝜇𝐶𝑢−𝑋 −𝜇𝐶𝑢
∆𝐺𝑋𝑎𝑑𝑠 (𝑈𝑁𝐻𝐸 ) = 𝐺𝐶𝑢−𝑋 − 𝐺𝐶𝑢 − 𝐺𝑋2 + 𝑒𝑈𝑋2 − 𝑒𝑈𝑁𝐻𝐸 +
(𝑈𝑁𝐻𝐸 − 𝑈𝑃𝑍𝐶 )
2
𝑑

[4]

where 𝐺𝐶𝑢 represents the energy of the bare copper surface, 𝐺𝐶𝑢−𝑋 is the energy of a halide
adsorbed on the copper surface, 𝐺𝑋2 is the gas phase free energy of diatomic halogen, and 𝑈𝑋2 is
the standard dissolution potential, measured experimentally45,

46

. The standard dissolution

potentials used for each halide are tabulated in the Supplementary Information. The final term in
equation 4,

𝜇𝐶𝑢−𝑋 −𝜇𝐶𝑢
(𝑈𝑁𝐻𝐸
𝑑

− 𝑈𝑃𝑍𝐶 ) represents the change in free energy on interaction

between the surface dipole moment 𝜇𝐶𝑢−𝑋 −𝜇𝐶𝑢 and the electrode-electrolyte interfacial electric
field, (UNHE-UPZC)/d in a Helmholtz approximation44. UPZC, the potential of zero charge, is
approximated as 0 on an NHE scale. The equilibrium adsorption potential, U0NHE, is found by
setting ∆𝐺𝑋𝑎𝑑𝑠 to zero and solving for the potential:
0
𝑈𝑁𝐻𝐸

1
𝐺𝐶𝑢−𝑋 − 𝐺𝐶𝑢 − 𝐺𝑋2 + 𝑈𝑋2
2
=
𝜇𝐶𝑢−𝑋 − 𝜇𝐶𝑢
−
𝑒 −
𝑑

[5]

The free energy of the bare surface (𝐺𝐶𝑢 ) is equal to the DFT optimized energy
𝐷𝐹𝑇
(𝐸𝐶𝑢
), neglecting any change in surface phonons due to adsorption. The free energy of the
𝑣𝑖𝑏
surface with the adsorbed halide (𝐺𝐶𝑢−𝑋 ) includes an entropy correction (𝑇𝑆𝐶𝑢−𝑋
) to account for

the added vibrational modes of the surface-halide bond and a zero point vibrational energy
(ZPVE), as shown in Equation 6. The gas phase free energy of the diatomic halogen molecule
includes a correction for vibrational energy (𝑍𝑃𝑉𝐸) and entropy as well as translational and
𝑔𝑎𝑠

rotational entropy (𝑇𝑆𝑋2 ), as given in Equation 7.
𝑣𝑖𝑏
𝐷𝐹𝑇
𝐺𝐶𝑢−𝑋 = 𝐸𝐶𝑢−𝑋
+ 𝑍𝑃𝑉𝐸 − 𝑇𝑆𝐶𝑢−𝑋

[6]
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𝑔𝑎𝑠

𝐺𝑋2 = 𝐸𝑋𝐷𝐹𝑇
+ 𝑍𝑃𝑉𝐸 − 𝑇𝑆𝑋2
2

[7]

All vibrational and entropic contributions are calculated at 300K. Calculated energies,
entropy corrections, and Gibbs free energies are tabulated in the Supplementary Information.
− ) is
For the solvation energy method, the free energy of the solvated anion (𝐺𝑋(𝑎𝑞)

estimated as shown in Equation 8.
𝑔𝑎𝑠

𝑒𝑥𝑝

−
− − 𝑇𝑆 − + ∆𝐺
𝐺𝑋(𝑎𝑞)
= 𝐸𝑋𝐷𝐹𝑇
𝑋
𝑠𝑜𝑙𝑣

[8]

The free energy of specific adsorption and the equilibrium adsorption potential are then
calculated as:
−
∆𝐺𝑋𝑎𝑑𝑠 (𝑈𝑁𝐻𝐸 ) = 𝐺𝐶𝑢−𝑋 − 𝐺𝐶𝑢 − 𝐺𝑋(𝑎𝑞)
+ 𝑒(𝑈𝑁𝐻𝐸 + 4.6) +

0
𝑈𝑁𝐻𝐸
=

𝜇𝐶𝑢−𝑋 − 𝜇𝐶𝑢
(𝑈𝑁𝐻𝐸 − 𝑈𝑃𝑍𝐶 )
𝑑

[9]

𝐺𝐶𝑢−𝑋 − 𝐺𝐶𝑢 − 𝐺𝑋 − − 4.6𝑒 −
𝜇
− 𝜇𝐶𝑢
𝑒 − − 𝐶𝑢−𝑋
𝑑

[10]

− ) is calculated by adding entropy
The free energy of the solution phase halide (𝐺𝑋(𝑎𝑞)

𝑔𝑎𝑠

corrections for gas phase translational entropy (𝑇𝑆𝑋 − ) and an experimentally measured free
𝑒𝑥𝑝

energy change of solvation (∆𝐺𝑠𝑜𝑙𝑣 ). The experimental solvation energies of the halides

47

are

tabulated in the Supplementary Information. To shift the calculated equilibrium adsorption
potentials (U0) from an absolute potential scale (𝑈𝑎𝑏𝑠 ) to the normal hydrogen electrode scale
(𝑈𝑁𝐻𝐸 ), the potential of an electron in vacuum on an NHE scale (𝑈𝑒 − = -4.6 VNHE) is used

48-50

.

As both the standard dissolution potentials and the solvation free energies are given for a 1M
halide solution, the reported adsorption free energies and equilibrium adsorption potentials are at
these conditions. To compare the free energy of adsorption at different coverages, the free energy
was normalized by the surface area of the unit cell.
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B.2.3

Surface Solvation
The presence of bulk electrolyte near the electrode surface can strongly influence surface

reactions. For example, water molecules can solvate the partial charge of a molecule adsorbed on
a surface, making its adsorption more favorable. Approximations to account for the effects of
solvation include continuum based methods, where the quantum environment is surrounded by a
dielectric medium with a dielectric constant equal to that of the electrolyte of interest, and force
field based methods14,

33, 51-53

. Alternatively, explicit water molecules can be treated with DFT

near the surface-adsorbate bond

54

. These can be arranged as water bi-layers55, 56 or individual

molecules with a number density selected to allow convergence of pertinent properties 57. In this
study, we incorporate surface solvation by including explicit water molecules. For cases of strong
ion adsorption, where only small surface dipole moments occur in the adsorbed state, the effect of
electrode surface solvation is minor. The use of a small number of explicit water molecules
allows for the estimation of this effect without significantly increasing the computational
intensity.
To estimate the effects of surface solvation, individual water molecules were added near
the adsorbate on the surface. The structure was relaxed, yielding the energy of the solvated,
adsorbed state. The adsorbate was then removed, and the remaining water structure re-optimized
to yield the energy of the solvated copper surface. This method was shown to give reasonable
results for hydrogen and alkali metal cations on the Pt(111) surface, and should converge with a
small (<6) number of water molecules57. The free energy for solvated adsorption was calculated
with Equation 11, using the solvation energy method where the bare reactant copper surface was
replaced with the relaxed solvated surface and the product Cu-X surface was replaced with the
solvated Cu-X surface.
∆𝐺𝑋𝑎𝑑𝑠−𝑠𝑜𝑙𝑣 (𝑈𝑁𝐻𝐸 ) = 𝐺𝐶𝑢−𝑋(𝐻2𝑂)∗𝑛 − 𝐺𝐶𝑢 (𝐻2𝑂)∗𝑛 − 𝐺𝑋 − + 𝑒(𝑈𝑁𝐻𝐸 + 4.6)
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+

𝑢𝐶𝑢−𝑋 − 𝑢𝐶𝑢
(𝑈𝑁𝐻𝐸 − 𝑈𝑃𝑍𝐶 )
𝑑

[11]

The number of explicit water molecules, n, was varied. Equilibrium adsorption potentials
were calculated by setting ∆𝐺𝑋𝑎𝑑𝑠−𝑠𝑜𝑙𝑣 = 0 and solving for U0NHE. While the vibrational entropy
of the water molecules is included, additional contributions to the entropy of these water
molecules near the electrode surface are neglected. Using the method outlined here, the water
molecules in the initial and final state are near the electrode surface, and while they would have a
presumbably substantial difference in entropy relative to bulk, solution phase water, the only
change in entropy not accounted for here is the change in entropy of the water layer due to its
interaction with an adsorbed halide. The effect of surface solvation was investigated for fluoride
and iodide adsorption on the Cu (111), (100), and (211) surfaces. The behavior of the adsorption
of the other halides investigated here, Cl− and Br−, on the solvated surface are expected to fall
between those of fluoride and iodide, due to their solvation energies and surface dipole moments
falling intermediate to those of fluoride and iodide47, 58.

B.2.4

Bulk CuX & CuX2 Formation
𝑏𝑢𝑙𝑘
𝑏𝑢𝑙𝑘
The Gibbs free energy of CuX (∆𝐺𝐶𝑢𝑋
) and CuX2 (∆𝐺𝐶𝑢𝑋
) formation were determined
2

as a function of electrode potential using Equations 12 and 13:

1
𝑏𝑢𝑙𝑘 (𝑈
∆𝐺𝐶𝑢𝑋
𝑁𝐻𝐸 ) = 𝐺𝐶𝑢𝑋 − 𝐺𝐶𝑢 − 𝐺𝑋2 + 𝑒𝑈𝑋2 − 𝑒𝑈𝑁𝐻𝐸
2

[12]

𝑏𝑢𝑙𝑘 (𝑈
∆𝐺𝐶𝑢𝑋
𝑁𝐻𝐸 ) = 𝐺𝐶𝑢𝑋2 − 𝐺𝐶𝑢 − 𝐺𝑋2 + 2𝑒𝑈𝑋2 − 2𝑒𝑈𝑁𝐻𝐸
2

[13]

The gas phase diatomic method was used to represent the free energy of the aqueous
halide ion. Bulk phase thermodynamics neglect phonon contributions to the free energy, using
only the 0K energy values. The calculated formation free energies are therefore only an estimate
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and the expected increase in entropy due to phonon contributions in the halides make our
estimated values an overestimate of the formation free energy.
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B.3

B.3.1

Results and Discussion

Non- solvated Specific Adsorption Potential
We first evaluate the internal consistency between the two reference approaches for the

solvated halide ion free energy. Figure B-2 is a parity plot between halide molecular dissolution
𝑈𝑋𝐷𝐹𝑇
2

potentials calculated as

=

1
𝐺 −𝐺𝑋−
𝑎𝑞
2 𝑋2

𝑒

and the experimentally measured dissolution

potentials45, 46. This plot captures the variance between the solvation energy method and diatomic
gas phase energy method based on experimentally measured potentials. Differences in calculated
potentials between the two methods are relatively small, all less than 0.35 V, with the largest
deviation observed for chloride. The small magnitude of these deviations shows internal
consistency between the two methods, but illustrates that the calculated equilibrium adsorption
potentials cannot be reliably more precise than this difference (~0.35 V).

F2

Cl2
I

I2

B

Br2

2

r2

Figure B-2: Parity plot between DFT calculated diatomic halogen dissolution potentials and
experimental dissolution potentials. (Solid red line gives y=x.)
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Figure B-3: Equilibrium adsorption potentials for F−, Cl−, Br−, and I− adsorption at θ = 1/9 ML
onto Cu (111) (green), Cu (211) (beige), and Cu (100) (blue) calculated using the experimental
anion solvation energy method. The surface adsorbed state was not solvated.

Figure B-3 shows the calculated adsorption potentials, U0NHE, for F−, Cl−, Br−, and I−
adsorption onto Cu (111), (211), and (100) at θ = 1/9th monolayer coverage using the
experimental solvation energy method. Equilibrium adsorption potentials calculated using the
diatomic gas phase energy method are given in the Supplementary Information. Specific
adsorption of the halides is favorable at any potential more positive of those indicated in Figure
B-3; the Gibbs free energy change upon adsorption is zero at the indicated potential and becomes
more negative as the potential is made more positive of the equilibrium adsorption potential. The
adsorption potentials follow a periodic trend across all of the surfaces, with fluoride adsorption
least favorable and iodide adsorption most favorable. This is opposite to the binding energy trend
found by Ignaczak and Gomes29 and Pašti and Mentus30, due to our referencing of the aqueous
anion including its solvation energy, with fluoride having the largest solvation energy and iodide
the smallest. The calculated equilibrium adsorption potentials for Cl− and I− are similar to those
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calculated by Gossenberger et al. for adsorption onto Cu (111)31. Halide adsorption is most
favorable on the Cu (211) and Cu (100) surfaces, followed by the Cu (111) surface.
Adsorption of a full monolayer of halides was also investigated to examine the
thermodynamics of adsorption at a higher coverage and to compare with the thermodynamic
feasibility of bulk copper halide formation. Results are given in Supplementary Information. The
adsorption of chloride up to a higher coverage of 1 ML requires significantly positive potentials
(U>1.5 VNHE) and is always thermodynamically less favorable than bulk copper chloride
formation, as discussed in section B.3.3. This is due to the large electrostatic repulsion and steric
hindrance of the adsorbed halide on the surface at such a high coverage (1 ML). On the more
open Cu (100) surface, adsorption of 1ML of Cl* or Br* is more favorable than formation of bulk
copper halide.
Intermediate coverages of adsorbed F, Cl, Br, and I were investigated on Cu (111) and Cu
(100). Both the qualitative trend in adsorption favorability between the halides and their
quantitative adsorption potentials on Cu (111) are similar to those calculated by Gossenberger et
al.

31

. Plots of the calculated adsorption potentials versus the halide coverage can be found in

Supplementary Information. In general, on Cu (111), at low coverages, the favorability of
adsorption decreases slightly with increasing coverage, until some critical coverage is reached
where adsorption becomes significantly unfavorable. This significant decrease in adsorption
favorability, between 1/3 ML and 1/2 ML, could be due to steric hinderance between neighboring
adsorbates as the coverage increases. Adsorption at higher coverage is more favorable on the Cu
(100) surface than on Cu (111). A similar sharp decrease in adsorption favorability is only seen
with F* and I* on Cu (100).
The adsorbate-surface interaction on adsorption at θ = 1/9 ML was further investigated
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Figure B-4: Surface-halide dipole moment (along surface normal direction) on F−, Cl−, Br−, and
I− adsorption at θ = 1/9 ML onto Cu (111) (green), Cu (211) (beige), and Cu (100) (blue).

by determination of the charge of the adsorbed anion and the dipole moment along the surface
normal. The dipole moments along the surface normal following specific adsorption are shown in
Figure B-4. Dipole moments are largest with fluoride and smallest with iodide, reflecting a
greater retention of negative charge on the fluoride when adsorbed and least charge retention on
the iodide. The Cu (211) surface gives the largest dipole moment for each of the halides, possibly
due to the corrugated structure of the surface. The magnitude of the dipole moments for the
examined halides and Cu surface facets are relatively small compared to those reported for ions
that bond more ionically to the surface. For example, the calculated dipole moments of alkali
metals adsorbed on the Pt (111) surface range from -0.58 > μ > -1.1 eÅ57. The variation in halide
charges, determined with Bader charge analysis

59-61

, are in agreement with the surface dipole

trends. The calculated Bader charges of the halides are presented in the Supplementary
Information. The trend in halide Bader surface charge is also periodic, with fluoride retaining the
most charge and iodine the least, with little sensitivity to the surface facet. Both, the greater
charge transfer upon adsorption and the equilibrium adsorption potentials suggest I− binds most
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strongly to the Cu surfaces. The small adsorbed halide-surface dipole moments suggest relatively
strong non-ionic adsorption, suggesting that the effect of water/electrolyte on the adsorption
process should be relatively small. Water typically acts to stabilize charge separation, making
adsorption more favorable; this solvation effect is minimized when the charges/dipole moments
are small. Interestingly, we find that iodine generates a small but negative surface normal dipole
moment on adsorption to Cu (111) and Cu (100) (Figure B-4), opposite in sign to the other
halides, even though it retains negative charge (Supplementary Information). This effect has been
investigated by Roman et al. who suggest this trend is due to the strong polarizability of iodine
relative to the other halides62.

B.3.2

Surface Solvation
The effect of 1-6 explicit water molecules on the adsorption of 1/9th monolayer of

fluoride and iodide onto Cu (111), Cu (100), and Cu (211) was investigated. Figure B-5 shows
the final converged solvated structure for fluoride adsorbed on Cu (211), Cu (111), and Cu (100).
Explicit water molecules were added until the change in adsorption potential on the addition of
another water molecule was less than 0.06 V, except in the case of F− on Cu (111), which is
converged to within 0.01 V of the average of the adsorption potentials for each solvated structure.
The change in adsorption potential as a function of the number of explicit H2O molecules for both
fluoride and iodide on the three copper facets are given in the Supplementary Information. Figure
B-6 shows the equilibrium adsorption potential (U0NHE) for the adsorption of fluoride and iodide
species on the three surfaces with and without solvating water molecules.
As shown in Figure B-6, explicit water molecules have a negligible effect on iodide
adsorption on the copper surface. This is expected due to the small dipole moment between the
adsorbed iodide and the copper surface. The effect of explicit water molecules on the fluoride
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Figure B-5: Solvated structures of F adsorbed to the three Cu surface facets: a) F + 4 H2O on Cu
(211) b) F + 6 H2O on Cu (111) c) F + 5 H2O on Cu (100). Cu (orange, large species) and F
(blue) are shown in space filling representation with water (O-red, H-white) shown in ball and
stick representation. Dashedlines represent hydrogen bonds.

adsorption is more pronounced as expected from the larger dipole moment between the surface
and the fluoride ion. While the effect of solvation on the iodide adsorption by explicit water
method is independent of the copper facet, the effect on the fluoride adsorption favorability is
significant on all three surfaces. The solvation effect is greater on the Cu (100) > Cu (111) > Cu
(211) surface, with solvation making fluoride adsorption more favorable on the Cu (100) surface
by about 0.6 V. Though surface solvation brings the F− adsorption equilibrium potentials towards
that of I−, the solvation effect is considerably less than the difference in adsorption potentials
between the two ions.
The effects of F* solvation are sensitive to the surface facet and do not exactly track the
dipole moments. For example, as given in Figure B-4, the dipole moment is greatest on the Cu
(211) surface with both iodide and fluoride adsorption, but the effect of solvation is negligible to
low on Cu (211) with iodide and fluoride adsorption. The solvation effect on fluoride adsorption
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Figure B-6: Equilibrium adsorption potentials for fluoride (blue) and iodide (red) calculated
using the solvation energy method for adsorption to bare and solvated copper surfaces. Cross
hatched bars are the potentials calculated without surface solvation, solid bars include
converged surface solvation.

is less on Cu (211) than Cu (100), which could be due to the stepped nature of the Cu (211)
surface, interrupting the organized water structure which would form on the other surface facets.
We expect that for Cl− and Br−, with adsorbed charges and dipole moments between
those of F− and I−, the effects of solvation will also lie between those of fluoride and iodide, with
the magnitude of the effect being less than 0.6 V. Thus in neglecting the effect of surface
solvation, the computed adsorption potentials are offset by less than 0.6 V, with the solvation
effect being the greatest for fluoride and least for iodide adsorption on the copper surfaces under
consideration.
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B.3.3

Bulk Cu-Halide Formation
Figure B-7 compares the potential dependent free energies of Cu (111) specific chloride

adsorption with the formation of bulk CuCl and CuCl2. Additional potential dependent free
energy phase diagrams for the other halides are presented in the Supplementary Information. In
comparing the potential-dependent free energies, the equilibrium formation potential of CuCl is
only slightly more positive than that of low coverage halide adsorption, suggesting bulk CuCl
may be present during a variety of electrochemical reactions. At potentials below -0.36 VNHE,
both specific adsorption and bulk chloride formation are not stable (ΔG > 0). At potentials above
-0.36 VNHE, 1/9 ML of specifically adsorbed chloride on Cu (111) is stable (above -0.68 VNHE on
(211) and above -0.52 eV on (100)). As specific adsorption can occur rapidly, surfaces above
these potentials in 1M Cl− solution would have adsorbed Cl. Above -0.17 VNHE, CuCl bulk
formation becomes stable (ΔG < 0), and transformation from bulk Cu to bulk CuCl can initiate.
The formation of bulk CuCl occurs at potentials more positive than that of Cu 2O formation,
suggesting in 1M Cl− solution, copper oxidation and copper chloride formation may compete or
formation of oxychlorides may occur. Adsorption of Cl onto Cu (211) and Cu (100) surface
facets is more favorable than on to the Cu (111) facet, therefore, the window between adsorption
and bulk CuCl formation is slightly larger for these facets. At significantly positive potentials,
above 1.2 VNHE, a phase transition occurs to form bulk CuCl2. Both this transition and formation
of a full monolayer coverage (θ = 1ML) of specifically adsorbed chloride require highly positive
potentials past which Cu metal would be present in an aqueous electrolyte. Potentials above
1.23VNHE may either break down the electrolyte or trigger side reactions involving other species,
and are well into the CuxO formation potential region. Similar trends are seen with the bulk
copper bromides and copper iodide, with low coverage halide adsorption occurring at potentials
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slightly (generally 0.5-1 V) more negative than bulk CuX formation, and high coverage of
adsorbed halide and CuX2 formation requiring significantly more positive potentials.

Figure B-7: Favorability of bulk CuCl formation, bulk CuCl2 formation, and chloride adsorption
onto Cu(111) as a function of potential. Dotted lines represent chloride specific adsorption (light
yellow 1/9 ML, dark red 1ML) and solid lines represent bulk copper chloride formation (purple
CuCl, blue CuCl2). The vertical dashed lines separate regions of the most favorable surface or
bulk state as a function of potential, as indicated by the labels within the four regions below the
ΔG=0 line.

B.3.4

Effect on electrochemical reactions
Given the low potential at which halide specific adsorption occurs, adsorbed halides may

affect a variety of electrochemical processes. Copper deposition and dissolution (+0.34 V NHE to
Cu2+ and +0.52 VNHE to Cu1+) occurs at potentials more positive of the calculated equilibrium
adsorption potentials at 1/9 ML coverage. This suggests at least a low coverage of specifically
adsorbed halide, or possibly bulk CuX if kinetically accessible, are present during copper plating
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or dissolution in a 1M halide solution. Specifically, adsorbed halides and CuX may also be
present during copper oxidation to cuprous oxide (-0.360 VNHE @ pH=14). Another important
electro-catalytic reaction frequently studied on copper electrodes, CO2 electroreduction, occurs at
negative potentials (-1.5 < U < -0.5 VRHE). We would expect a low coverage of specifically
adsorbed Cl, Br, and I over portions of this range, with differences between facet and solvation
considerations impacting the exact potential at which halide specific adsorption occurs. F specific
adsorption, even with solvation considered, is not favorable on any facet throughout this range. A
low coverage of specifically adsorbed halide could impact CO2 electroreduction carried out in
Cl−, Br−, and I− containing electrolytes. Our analysis neglects the effects of the co-adsorption of
other species on halide adsorption. The co-adsorption of hydrogen, cations, or other anionic
species could impact the favorability of halide specific adsorption depending on the co-adsorbed
species.
The conversion of copper to bulk CuX occurs well within the range of many
electrochemical reactions as well, becoming favorable thermodynamically at potentials 0.2-1 V
more positive than the equilibrium potential for halide adsorption at 1/9 ML. Not considered here
are the kinetic limitations of converting bulk Cu metal to bulk CuX, or the competing conversion
to CuxO in aqueous electrolytes. Our DFT calculations suggest bulk CuX and CuX 2 formation
occurs at potentials positive of Cu oxidation and CuX2 at potentials positive of bromine and
iodine evolution.
Further atomistic scale research is necessary to precisely determine the effects of the
specifically adsorbed halide on specific reaction mechanisms and kinetics. The effect on
electrochemical and electrocatalytic reactions by the specifically adsorbed halides could occur by
a simple site blocking effect, or through a more complicated interaction where the binding
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strength or coverage of reactive intermediates are affected by the presence of specifically
adsorbed halide.
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B.4

Conclusions

We used DFT to examine the energetics of halide specific adsorption (F−, Cl−, Br−, I−) on
three Cu facets (111, 100, 211) using a computational free energy approach. The surface-halide
interaction is probed using the surface normal dipole moment, the charge of the adsorbed halide,
and the effect of surface solvation by explicit water molecules. The results suggest that Cl, Br,
and I begin to favorably adsorb to low index copper facets to a low coverage (θ = 1/9 ML) at low
potentials (-1.0 VNHE < U < -0.36 VNHE, using non-solvated values), putting their adsorption well
within the range of many electrochemical and electrocatalytic reactions on copper. Adsorption to
higher coverages (θ ≥ 1/2 ML) may occur on Cu (100). Adsorption follows a periodic trend and is
most favorable with iodide and least favorable with fluoride. Between the Cu facets investigated,
halide adsorption is most favorable on Cu (100) and least favorable on Cu (111). The effect of
surface solvation is minimal and is largest with F− adsorption, making adsorption more favorable
by up to 0.6 eV. Formation of bulk CuX can also occur at low potentials, typically only 0.2-1 V
more positive than that of low coverage halide specific adsorption, depending on halide species
and surface facet considered. Specific adsorption of halides from electrolyte solutions and the
formation of bulk CuX may affect the rate and mechanism of copper dissolution, deposition, and
oxidation. Specific adsorption of Cl−, Br−, and I− may also affect CO2 electroreduction over
copper.
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