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Abstract

Redox flow batteries (RFBs) are one of the most promising technologies for grid scale
energy storage. RFBs store and release energy by charge transfer (CT) reactions in active species
flown on electrode surface. Over the years, many RFBs using transition metal ions as active species
have been demonstrated, among which vanadium RFBs (VRFBs: VO,"/VO?** // V*/V**) are the
most commercialized. The slow CT kinetics of transition metal ions at electrodes introduces
voltage losses that lower RFBs energy storage efficiency, thereby increasing RFBs costs. More
than 70 electrolyte and electrode treatments have been shown to improve the CT kinetics of
vanadium redox couples used in VRFBs alone over the last two decades. However, there is still a
lack of mechanistic understanding of how CT of transition metal ions occurs, which has prevented
a targeted approach for rational design of materials that enhance CT kinetics to lower RFBs cost.

In this dissertation, I present my efforts to understand the CT mechanism of transition metal
ions at the electrode surface and identify electrode and electrolyte properties that can be tailored
to design materials with improved CT kinetics of transition metal ions for development of low-
cost RFBs. I use V2*/V3" as the probe redox couple because the slow V>*/V** kinetics is shown to
in part limit the performance of most commercialized VRFBs. I elucidate the structure of hydrated
and complexed vanadium ions in different acidic electrolytes. I identify two key properties using
kinetic and spectroscopic measurements, microkinetic modeling, and adsorption energy
calculations that act as descriptors of V2*/V>* kinetics. I demonstrate that the identified descriptors

also explain CT kinetics of several other transition metal ion redox couples used in RFBs.
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I conduct V2*/V3* kinetic measurements in different acidic electrolytes (H.SO4, HCI, HBr,
HI, and HCIO4) to isolate the effect of anions and on different metal electrodes (Au, Ag, Cu, Bi,
and W) to isolate the effect of the electrode on CT kinetics. I show that the V**/V3* is an inner
sphere reaction and the V**/V3* kinetics in different acidic electrolytes correlates with the
calculated adsorption energy and desorption barrier of the vanadium intermediate. The anions in
the electrolyte serve as bridges for CT between the electrode and the vanadium ions, altering the
energy of the vanadium intermediate. I show that the d-band center of the electrode linearly
correlates with V2*/V3* kinetics on different metal electrodes. The d-band electronic structure
controls the kinetics by changing the adsorption energy and desorption barrier of the vanadium
intermediate.

I demonstrate that the desorption barrier of the transition metal ion intermediate correlates
with the kinetics of several other metal ion redox couples including Cr**/Cr**, Cd%/Cd**, and
Fe?*/Fe*" in the presence of anions and serves as a descriptor to understand the influence of anions
on transition metal ion CT kinetics. I show that the d-band center linearly correlates with CT
kinetics of several Cr, Fe, and Co-based complexes on metal electrodes, indicating d-band center
is a descriptor for transition metal ion CT kinetics on electrodes. The desorption barrier of the
transition metal ion intermediate can be tuned by altering metal ions’ coordination structure and
d-band center of the electrode can be modified by alloying or nano structuring and can serve as
design principles for development of new electrolytes and electrodes with enhanced transition

metal ion CT kinetics for low-cost RFBs.
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Chapter 1 : Introduction

1.1 Importance of Energy Storage

The global energy demand is expected to rise by ~50 % from the current levels by 2050 due to
the continuous increase in the world’s population and improvement in standard of living.! This
rising energy demand is currently met by burning fossil fuels that emit carbon dioxide (~35 billion
metric tons in 2020),! which has led to a rise in the Earth’s temperature by ~0.40 °C in the past
two decades,” causing harmful climate change and a huge loss to biodiversity. A sustainable way
to meet the growing energy needs is to utilize the energy from clean renewables like solar and
wind, which are expected to grow five-fold from the current levels and supply ~35 % of the global
electricity demand by 2050.! However, solar and wind are both intermittent in nature and hence
their energy needs to be stored to match demand for effective utilization. With the fraction of
energy coming from intermittent renewable sources projected to increase, energy storage will be
required to store the energy for long durations (from several days to months) to keep the grid
stable, i.e., 20 % intermittent renewables is generally viewed as an upper limit before significant
grid destabilization.> In developing countries of South Asia, power disruptions due to grid
destabilizations have hindered the development of rural communities and account for ~5 % loss of
the gross domestic product, which would worsen unless cheap energy storage technologies are

developed.*
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Figure 1.1. Distribution of Global Energy Storage Technologies and Installed Pumped Hydroelectric Capacity
over Time. (a) Global energy storage distribution of various technologies at the end of 2020. (b) Installed capacity of
pumped hydroelectric over the last seven years. The figure is adapted from reference 5.

The technologies that can be used for large scale energy storage include physical energy
storage through pumped hydroelectric, compressed air, and flywheels, thermal energy storage by
heating or melting materials, and electrochemical energy storage like batteries.’ Figure 1.1a shows
the global distribution of installed energy storage technologies. Pumped hydroelectric is currently
the top choice of electrical energy storage and accounts for 90.3 % of the total installed energy
capacity (172.5 GW),’> however there are only limited regions where pumped hydroelectric is
geographically feasible. Resultantly, the installations of pumped hydroelectric have grown slowly
over the past few years as shown in Figure 1.1b.> Compressed air energy storage is affected by
the geological conditions and requires high pressure-bearing capacity equipment. Flywheel energy
storage needs vacuum environment for proper operation making flywheels costly and unsuitable
for large scale long duration energy storage. The geographical limitations of compressed air energy
storage and the need of large vacuum environments for flywheel energy storage are in part
responsible for such small contributions of compressed air and flywheels in the global energy
storage (Figure 1.1a). On the contrary, electrochemical energy storage constitutes 7.5 % (14.2
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GW) of the installed energy storage technologies (Figure 1.1a), with an annual increase of 49.3

% as shown in Figure 1.2.
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Figure 1.2. Installed Capacity of Electrochemical Energy Storage Over the Last Seven Years. There has been an
exponential growth in the installations of the electrochemical energy storage technologies. The figure is adapted from
reference 5.

Electrochemical energy storage technologies such as super-capacitors and batteries provide
desirable features like high round trip efficiency, long lifetimes, and low maintenance.® Super-
capacitors store energy by forming an electrochemical double layer at the electrode-electrolyte
interface but are only suitable for applications where short discharge times (from ps to s) are
required.® Batteries like Li-ion and redox flow batteries (RFBs) store energy by chemical changes
in active species with discharge durations ranging from several hours to days making them suitable
for storing energy from renewable sources. Li-ion batteries are shown to be cost competitive with
pumped hydroelectric for storing energy for discharge durations of a few hours and have found
extensive applications in automotive industry due to their high energy and power densities. RFBs
are shown to hold promise for grid scale energy storage that requires discharge durations ranging

from several days to months due to their very high electrode lifetimes and stability; however RFBs



still suffer from high costs.”” The details of operation and different types, voltage losses, and
treatments to facilitate charge transfer (CT) reaction in RFBs are discussed in sections below.
1.2 Redox Flow Batteries: Operation and Different Types

Redox flow batteries (RFBs) are one of the promising ways of storing energy electrochemically
and have received a widespread interest since their inception in 1974 by Thaller because of RFBs
ability to decouple energy and power.! An RFB consists of an electrochemical cell and two tanks
which contain electrolytes with redox active species dissolved in them. These electrolytes with
redox active species are circulated from the tanks to the electrodes in the electrochemical cell using
pumps. The electrodes transfer electrons to/from the active species based on the species’ redox
potential to store or release energy. The redox active species with a lower standard redox potential
reacts reversibly at the “negative electrode”, and the redox active species with a higher standard
redox potential reacts reversibly at the “positive electrode”.>®!"12 The two electrodes where CT
reactions occur are separated by a separator or an ion-conducting membrane that allows ionic
charge carriers to pass through, completing the circuit and maintaining charge balance. Carbon
felts are the most commonly used electrodes in RFBs due to their high surface area and
conductivity and low cost. The schematic of an RFB is shown in Scheme 1.1. The energy and
power of an RFB can be controlled independently of each other. The energy can be controlled by
changing the concentration of active species and volume of the electrolyte in the tanks, while the
power can be controlled by changing the total surface area of the electrodes.® This ability of RFBs
to decouple energy and power along with high current densities (~1 A cm?),"® high power
densities (~2.78 W cm 2),!3 and long electrode lifetimes (>20,000 cycles,'* >20 years) provide

them high flexibility and scalability, making them suitable for grid energy storage applications.'*
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Scheme 1.1. Schematic showing Different Components of a Redox Flow Battery. The electron flows from the
positive to the negative electrode during the charging of the battery. The two electrodes are separated by a separator
or a membrane that allows the ionic charge carriers to pass through to complete the electrical circuit. The negolyte
and posolyte are pumped to the negative and positive electrodes respectively using pumps, where reduction and
oxidation reactions occur during charging.

RFBs are classified into inorganic and organic based on the nature of the redox active species used
as energy carriers as discussed in Sections 1.2.1 and 1.2.2.
1.2.1 Inorganic Redox Flow Batteries

Inorganic RFBs involve CT in different oxidation states of transition metal ions dissolved
in water to store and release energy. Even though certain non-aqueous solvents have also been
used as electrolytes for inorganic RFBs, these studies are very limited due to the low solubility of
transition metal ions in non-aqueous solvents. Transition metal ions spanning the entire 3d block
(Ti to Zn) have been demonstrated for use in RFBs.!>!® These transition metal ions are coordinated
by ligands (e.g., water, anions) in the electrolyte which influence the metal ions structure and
reactivity. The inorganic RFB chemistries that are commercialized or have shown promise at the

laboratory scale are discussed below:



a) All Vanadium Redox Flow Battery

The Vanadium Redox Flow Battery (VRFB) has been the most commercialized inorganic RFB
technology with 209.8 MWh of energy capacity installed till date.!” VRFBs (VO,"/VO?*" //
V#/V3), invented in early 1980s by Prof. Maria Skyllas-Kazacos, have received the most interest
among RFBs because of the use of same active element on both sides of the battery. The use of
the same element on both sides eliminates cross-contamination and reduces the capacity fade due
to crossover extending the lifetime of the battery. Sulfuric acid (H2SO4) is the most commonly
used electrolyte in VRFBs because of its low cost. The CT reactions occurring in VRFBs during
discharge are shown below:

V2t s V3t 4 e E® = —0.25 Vvs SHE
VO +e” 5 V0% E® = 1.0 Vvs SHE

Here E° is the standard redox potential for the reactions and SHE is standard hydrogen electrode.
The standard cell potential provided by VRFB is 1.25 V.

b) Iron—Chromium Redox Flow Battery

Iron—chromium (Fe—Cr) RFBs were the first investigated RFBs because of the low material
cost of active species due to the abundance of the chromite ore. Fe—Cr RFBs involves Fe and Cr
redox species dissolved in hydrochloric acid (HCI). Fe—Cr RFBs use HCl instead of H2SO4 due to
the higher solubility of Fe and Cr salts in HC1 compared to H>SO4.'® The CT reactions in Fe—Cr
RFB during discharge are shown below:

Crt s Cr3t +e” E° = —0.41 V vs SHE

Fe3* + e~ 5 Fe??t E® = 0.77 Vvs SHE



The standard cell potential provided by Fe—Cr RFB is 1.18 V, which is lower in comparison to
VRFB. Recently, chelating of Fe and Cr ions has been used as a strategy to alter the redox potential
and solubility of ions leading to improved RFB performance.!'*

c) All Copper and All Iron Redox Flow Battery

All copper (Cu) RFBs utilize the different oxidation states of copper dissolved in HCI to store
and release energy.?! Due to the use of the active species of same element on both halves, all Cu
RFBs have an added advantage of reduced capacity fade due to crossover like VRFBs. The CT
reactions in an all Cu RFB during discharge are shown below:

Cu’ s Cut +e” E° = —0.52 Vvs SHE
Cu?* +e” s Cut E® = 0.15 Vvs SHE
The standard cell potential provided by an all Cu RFB is 0.77 V, much smaller in comparison to
Fe—Cr RFB and VRFB.

All iron (Fe) RFBs are based on a similar concept as all Cu RFBs and utilizes different
oxidation states of iron (Fe**/Fe?" // Fe’/Fe*"). The standard redox potential of an all Fe RFB is
1.21 V.2 Recently, similar to Fe—Cr flow battery, changing the coordination environment of Fe
has been shown to expand the cell voltage of an all Fe RFB to 1.34 V.?

d) Manganese-based Redox Flow Battery

Manganese-based RFBs involve Mn*/Mn** redox couple at the positive electrode due to high
redox potential of Mn?>"/Mn*". H>-Mn and Ti-Mn RFBs use Mn*"/Mn*" dissolved in H2SOs4
coupled with H'/H» or TiO*/Ti*" redox couple, yielding a total standard cell potential between
1.4—1.5 V.2*% Even though the standard cell potentials of manganese-based RFBs are higher than
VRFBs, the Mn®" undergoes disproportionation reaction to form insoluble MnO, along with Mn?*,

which blocks the electrodes reducing the overall efficiency.



e) Vanadium—Cobalt Redox Flow Battery

Vanadium—Cobalt (V—Co) RFBs involve replacing the VO2"/VO?*" at the positive half of
VRFB with Co**/Co?" redox couple dissolved in H2SO4. The standard cell potential of 2.35 V is
achieved in V-Co RFBs, much higher in comparison to VRFBs.?¢ However, more work is needed
to demonstrate the V-Co RFBs performance for longer durations at high current densities.
Additionally, the capacity decay due to crossover needs to be examined.

f) Other Inorganic Transition Metal lon-based Chemistries for RFBs

Several other inorganic RFBs involving 3d transition metal ions including Zn—Ni,?’ Zn—Fe,*
Zn—Ce,”” Zn—halide,*® V-halide,’' and V—Ce,*? have also been demonstrated. However, all these
chemistries face significant challenges for commercial implementation. The Zn?*/Zn° redox
reaction in the negative half of Zn-based RFBs forms Zn dendrites during continuous cycling that
causes the Zn-based RFBs to short circuit. RFBs with halide redox couples (C17/Cl,, Br/Br) have
safety concerns due to the toxic and corrosive nature of halides. Ce-based RFBs are promising due
to the high standard redox potential of Ce**/Ce*" redox couple, but the low solubility of Ce in acids
is a concern.
1.2.2 Organic Redox Flow Batteries

Organic RFBs use organic molecules as active species to store and release energy. These
organic molecules are prepared from earth abundant materials, thereby reducing the material cost
of RFBs. The structure of these organic molecules can be tailored to improve their solubility and
undergo multiple charge transfers to increase the battery capacity.
The active species used in organic RFBs are classified in five broad classes based on their

molecular structure as shown in Figure 1.3. These five broad classes are (1) quinones, (2)

organometallic coordination complexes, (3) nitroxide radical derivatives, (4) viologens, and (5) all



other aromatic heterocycles that does not belong to the classes (1), (3), and (4). These organic
molecules degrade with continuous charging/discharging of battery to form irreversible products
lowering the battery efficiency. Resultantly, a lot of research over the last decade has been
conducted to understand degradation mechanisms of organic molecules and if CT reactions in
these organic molecules can be done reversibly with high efficiency.>** Organic RFBs are
generally operated in non-symmetric condition, i.e., with different class or derivatives of same

class of organic molecules as redox couples on the positive and negative half.
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Figure 1.3. Classes of Organic Molecules used in Organic Redox Flow Batteries based on their Molecular
Structure. A representative molecule for each class is shown, DMBQ for quinones, K4Fe(CN)s for organometallic
coordination complexes, TMAP-TEMPO for nitroxide radical derivatives, BTMAP-Vi for Viologens, and MB for all
other aromatic heterocycles. Here, DMBQ is dimethyl benzoquinone, K4Fe(CN)s is potassium hexacyanoferrate,
TMAP-TEMPO is 4-[3-(trimethylammonio)propoxy]-2,2,6,6-tetramethylpiperidine-1-oxyl, BTMAP-Vi is bis(3-
trimethylammonio)- propyl viologen tetrachloride, and MB is methylene blue.

Based on the nature of the solvent used, organic RFBs are generally classified into two
broad categories, aqueous organic and non-aqueous organic.'® Aqueous organic RFBs use organic
molecules dissolved in aqueous solutions. Aqueous organic RFBs can operate over the entire pH
range, contrary to inorganic based aqueous RFBs which operate mostly under acidic environments.
The aqueous electrolytes are cheap, non-flammable, and have high conductivity. However, the
aqueous organic RFBs are limited by the narrow electrochemical window of water splitting. Non-

aqueous organic RFBs have organic molecules dissolved in non-aqueous electrolytes like dimethyl



sulfoxide, acetonitrile instead of water, providing an added advantage of expanded electrochemical
window of operation. However, the low conductivities of non-aqueous electrolytes along with
faster chemical degradation of organic molecules and capacity fade due to crossover makes the
cycling performance of non-aqueous RFBs worse than aqueous organic RFBs.
1.3 Voltage Losses in Redox Flow Batteries
The slow CT kinetics, resistances in the cell, and concentration gradient of active species
between the electrode and bulk electrolyte lead to voltage losses in RFBs. The thermodynamic
voltage that can be obtained from a battery is the difference in the standard redox potential of the
reactions occurring at the two electrodes. However, due to the inefficiencies in RFBs, the charging
of the battery requires more voltage than the thermodynamic voltage. Similarly, the battery
delivers less voltage than the thermodynamic voltage during discharging. This excess voltage
required for charging or lost during discharging of the battery is called the overvoltage (n). The
overvoltage will generally increase with increasing current density. The total overvoltage has
contributions from kinetic, ohmic, and mass transfer overvoltage as discussed below:*>
1) Kinetic or activation overvoltage (Minetic): Overvoltage that arises from slow CT kinetics
of reactions occurring at the electrode surface. Nginetic can be reduced by using catalysts
that enhance CT kinetics. That is, some catalysts will allow you to operate at the same
current density, but lower Nginetic. The current density or the CT reaction rate increases
exponentially with increase in Nyjpetic @s discussed in detail in Chapter 2.
2) Ohmic overvoltage (Monmic): Overvoltage that arises from resistances throughout the cell,
including resistance from solution, membrane, and electrical connections. The conductivity

and hydrophilicity of the electrode can be improved to reduce Nonmic- Nohmic 1 linearly
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related to current density, through Ohm’s law (i.e., Nopmic = IR, where i is the operating
current density and R is the cell resistance).

3) Mass transfer or concentration overvoltage (nyrt): Overvoltage that arises from the
gradient in concentration of active species between the electrode surface and the electrolyte
bulk. These gradients arise when the CT reaction rate is faster than the transport rate to
replenish the active species via diffusion at the electrode surface. Ny can be reduced by
using active species with high diffusivities, increasing the flow rates of the electrolytes,
and using less porous electrodes.

Figure 1.4 shows the cell voltage as a function of current density during charging and
discharging of an RFB. At low operating current densities, diffusion of active species to reach the
electrode surface is much faster compared to the CT rate of reactions occurring at the electrode
surface. Resultantly, there is no concentration gradient of active species between the electrode
surface and bulk electrolyte due to which nyr is negligible. The contributions of Ngpmic are small
due to minor iR drop at low operating current densities for a fixed cell resistance. Resultantly,
Nkinetic dominates the overall voltage losses at low current densities. Nkinetic 1S larger with slower
CT kinetics because more driving force is required for CT reaction to occur at desired rates for
achieving the same operating current density. These low current densities at which TMgipetic
dominates are often called kinetic current densities. At moderate operating current densities, the
iR drop due to resistances in the cell starts to become more significant and contribute along with
the Nkinetic, While Nyt 1s still negligible due to the absence of active species concentration gradient.
The shape of the cell voltage vs current density appears linear in the region of moderately operating
current densities because the additional increase in current density from the kinetic current

densities is mostly dominated by ohmic losses in the cell and hence Ngpmic. At extremely high
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operating current densities, the CT reaction rate is much faster (because of the exponential
dependence of CT reaction rate on overpotential as discussed in Chapter 2) than the diffusion of
active species to reach the electrode surface, which gives rise to a concentration gradient.
Consequently, the current drawn out of the battery is limited by the active species reaching the
electrode surface for CT giving rise to nyr. These extremely high operating current densities

where Nyt limits the battery performance is called limiting current densities.
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Figure 1.4. Cell Voltage vs Current Density During Charging and Discharging of a Redox Flow Battery
Showing Different Voltage Losses. Cell voltage with varying operating current density showing contributions from
kinetic, ohmic, and mass transfer overvoltages during discharging in a redox flow battery. The overvoltages during
charging can be same or different in magnitude than those in discharging based on the kinetic reversibility of the
charge transfer reactions and the properties of oxidants and reductants.

The voltage losses in the RFB reduce the round-trip energy efficiency (EE) of the battery. The
EE of the battery is defined as the product of voltage efficiency (VE) and coulombic efficiency
(CE). VE is defined as the ratio of the discharging to the charging voltage. The voltage losses
decrease the discharging voltage and increase the charging voltage, thereby reducing the VE. CE
is defined as the ratio of output charge to the input charge of the battery. CE is reduced due to

enhancement of side reactions with larger voltage losses.
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Although the organic RFBs provide some significant advantages over inorganic RFBs, organic
RFBs are still in the early stages of development and more research is needed to develop organic
molecules that are chemically stable over long periods of RFB operation. On the contrary, active
species in inorganic RFBs are chemically stable over long operations. However, the kinetic
overvoltage dominates the overall voltage losses in inorganic RFBs and lowers their energy storage
efficiency. The large voltage losses due to slow CT kinetics prevents inorganic RFBs from
operating at high current densities and limits their performance, thereby increasing their overall
costs. Hence, the understanding of the CT reactions in redox couples employed in inorganic RFBs
forms the focus of this dissertation.

The electrolyte and the electrode play a crucial role in the CT reactions occurring in RFBs. The
anions present in the electrolyte can alter the coordination sphere of the transition metal ion
reaching the electrode surface. The nature of the transition metal ion complex formed in the
electrolyte depends on the d electronic configuration of the central metal ion and the nature of the
ligands present in the solution.*® The anions from the electrolyte can also adsorb on the electrode
surface under reaction conditions. The electrode itself can also be functionalized using various
treatments to provide different active sites for CT. Thus, it is necessary to understand the structure
of the metal ions and the nature of the electrode surface under reaction conditions to understand
the CT reactions of transition metal ions.

1.4 Electrolytes and Electrode Treatments for Vanadium Redox Flow Batteries

Many inorganic RFBs have been demonstrated as discussed in Section 1.2.1, however, the
most extensive work to improve the CT kinetics by electrolyte and electrode engineering is
conducted for VZ*/V** and VO,"/VO?*" redox couple used in VRFBs because of their enormous

potential for large scale commercialization. These studies are typically conducted in half-cell to
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show the kinetic enhancement using cyclic voltammetry and electrochemical impedance
spectroscopy, while full-cell configurations are used to compare the overall VRFB performance.
Since these half- and full-cell studies are conducted in very differing experimental conditions,
inferring mechanistic insights and comparing among different electrode and electrolyte treatments
is very challenging. In this section, I summarize the major electrolyte and electrode treatments
conducted for VRFBs, identify which half of the battery is improved kinetically (superscript ‘*’
= positive half (VO,*/VO?"), superscript ‘S’ = negative half (V*/V3*), and superscript ‘# = both
positive and negative half), and whether both full- and half-cell studies (superscript ‘a’ = Only
full-cell and no half-cell studies, superscript ‘b’ = only half-cell and no full-cell studies, no
superscript = Both half- and full-cell studies) are conducted showing the improvement in
performance.

The introduction of several anions in the traditionally used H>SO4 electrolyte for VRFBs have
been shown to improve the kinetics of CT and solubility of vanadium ions. HCI* ?1¥73% mixed acid
electrolytes like HC1 and H2SO4* **#! phosphoric acid (H;PO4) and H2SO4*,*** and addition of
magnesium chloride (MgCl,) and di-ammonium hydrogen phosphate ((NH4)2HPO4)* to H2SO4
have been shown to improve performance for VRFBs.* However, how these anions influence the
structure of vanadium ions and impacts the CT kinetics is not understood.

The carbon felts used as electrodes in VRFBs are often 1) treated or 2) loaded with
electrocatalysts to improve the overall battery performance. More than 50 treatments and 20
electrocatalysts for VRFBs have been reported till date showing improvement; however, there is
still a lack of understanding of what electrode property controls CT kinetics. The carbon felt
treatments can be classified based on the nature of treatment in various categories as discussed

below:
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1) Acid/Base Treatments: H>SO4** HNO5*** Aqua Regia”,* KOH®* %’

2) Thermal Treatment: Air*,*>° 05%32 CO," ¢ Ar® Y7

3) Plasma Treatment: No* 3859 O, 30:5158.60 pf#58

4) Electrochemical Oxidation: Oxidative potential®,*!*? Square wave pulse” 3

5) Microwave” * and Gamma Ray**° Treatment

. - *
6) Corona Discharge”,® HyQ,",60:65-67 HE™ 66

7) Doped with Elements: N* 6879 B# 53 O 33.74 §# 75.77.80 p# 57.7181 anq Halogens” (Cl, Br, I)%?

8) Porous Electrodes by Chemical Reaction: NiO/Ni* 33 KoFeO4® 8

9) Carbon-based Electrocatalysts: Graphite oxide nanoplatelets”,’>*> Graphite- carbon

nanotubes (CNTs) #, Single-walled CNTs (SWCNTs) #,3¢ Multi-walled CNTs (MWCNTSs)
#76-T8.808187-90 Carbon dots”,”! Carbon nanofiber/CNT composite”,”? Graphite/Graphite
oxide”,”3 Carbon black”’® Carbon Nano-* and Micro-spheres”,”""”® Graphite oxide based
graphene™ %3%4

Similar to the carbon felt treatments, several metal/metal oxide based electrocatalysts are
loaded on carbon felts using techniques like wet impregnation, electrodeposition, and
hydrothermal method and have shown to improve the performance of VRFBs. The metal/metal
oxide based electrocatalysts tested for VRFBs are summarized below:

1) Metals: Bi*,%5% Sn*, 1% Sb* 101 AgS 102 8,10 RuSe”, '™ Prussian Blue”,'% Pt* 7 196 CuPts* >

107 Ir# b, 106 Ml’l# b, 106 Te# b, 106 In# b, 106 Pd# b, 106 Au# b, 106
2 2 5 2 2 2

2) Metal oxides and others: Nb,Os*,'% ZrO,%,!% Mn;04*, ' WO;*,!!! Sn0,*,!1? CeO,”, 13114

NiO#,115’116 C03O4#,117 Nd203#,118 MOO3#,119 KMI’IO4#,120 Ti02$,121’122 H: Ti02$,123 Iroz*’124

sk sk . * * %
Cr203",'%° CoO",'"® NiCo0>",''® Ta,0s",'%¢ PbO,",'*” RuOy* 12
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Several other metal nitrides and carbides (TiN*, TiC*)!?-132 have also shown to improve the
performance of VRFBs.
1.5 Dissertation Overview

Even though the development of inorganic RFBs dates to early 1970s and many strategies have
been implemented to improve the CT of transition metal ions (as discussed in Section 1.4 for
VRFBs), there is still a lack of fundamental understanding of how these CT reactions occur and
why these treatments improve CT kinetics. The ways in which coordination structure of the
transition metal ions in solution can be tuned to improve CT kinetics is underexplored. The lack
of understanding of the coordination structure of transition metal ions in solution and the reaction
mechanism has prevented a targeted approach to identify material properties that can be tailored
to design efficient electrodes and electrolytes to minimize the voltage losses due to CT to improve
RFBs performance and lower their costs. Additionally, given the CT reactions of 3d transition
metal ions also have applications in fields of corrosion, electrodeposition, chemical sensors, and
naturally occurring processes like photosynthesis and respiration, an improved understanding of
the CT mechanism will also serve as a major leap in making these processes more efficient.

This dissertation identifies certain electrolyte and electrode properties that can be tailored to
control CT reactions of transition metal ions used in RFBs. These properties are identified by
conducting extensive studies to understand the structure of ions in solution and isolating the effect
of anions and electrode on reaction kinetics. I use the V>*/V** redox couple for detailed study in
this dissertation because the slow CT kinetics of V>*/V** has been shown to in part limit VRFBs
performance. In existing VRFB systems, eliminating the V>*/V** redox couple overvoltage alone
by improving the V?*/V3" redox kinetics could increase this efficiency from 77% to ~86%.'%% 1

clearly show how the findings V?*/V?" redox couple are generalizable and can be extended to
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understand CT of other transition metal ions. The work done in this dissertation opens an avenue
to design new electrolytes and electrodes with higher CT rates of transition metal ions having far
ranging applications, from development of low-cost energy storage technologies to more efficient
electrochemical processes. The dissertation is divided into seven chapters as outlined below.

1.6 Dissertation Outline

Chapter 1 provides an introduction to the energy storage technologies and highlights the
importance of the development of RFBs for grid scale energy storage. This chapter provides an
overview of various transition metal ion chemistries used in RFBs and explains how slow CT
introduces voltage losses in the battery increasing RFBs costs. Additionally, this chapter discusses
a wide variety of electrolytes and electrode treatments that have been shown to improve CT
kinetics for VRFBs despite of which there is a lack of mechanistic understanding, motivating the
need to understand the CT reactions at a fundamental level for a more targeted approach to design
materials for low-cost RFBs.

Chapter 2 provides a background of the different mechanisms through which CT at electrode
surface can take place. This chapter discusses the theory and experimental details of different
techniques used in this dissertation to identify the structure of transition metal ions in solution and
measuring electrochemical kinetic parameters. I also review the different methods used to measure
electrochemically active surface area of electrodes for normalizing measured kinetic parameters.

Chapter 3 discusses V>*/V3" reaction kinetics on a glassy carbon electrode in HCI, H2SO4 and
mixed HCI/H2SO4 electrolyte used for VRFBs. I show that the V2*/V3* reaction is an inner sphere
reaction with an adsorbed intermediate and the kinetics are faster in HCl compared to H>SO4 and

HCI/H2SOs. 1 identify the structure of V> and V*' ions in these electrolytes using UV-vis
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spectroscopy. Using two independent experimental techniques of measuring kinetics in
conjunction, I show V?*/V3* reaction is an overall two electron reaction in HCI.

Chapter 4 builds on the findings of Chapter 3 and discusses the influence of anions (ClO4~,
SO4*, CI', Br, and I") on V*/V* CT kinetics on glassy carbon electrode. I show that the
adsorption strength of the vanadium intermediate controls V**/V** reaction kinetics, rather than
the changes in anion coverage. I show conclusively that SO4>  has an inhibiting effect on the
V#/V3* CT kinetics. 1 identify the structures of V>* and V** ions in different electrolytes under
electrochemical conditions using extended x-ray absorption spectroscopy. I demonstrate that the
adsorption strength of the vanadium intermediate correlates with free anion polarizability
rationalizing the use of anion polarizability in the existing literature to explain kinetic trends in
presence of anions of several other 3d transition metal ion redox couples.

Chapter 5 identifies the desorption barrier of metal ion intermediate as a descriptor of reaction
kinetics of metal ions in the presence of anions. I show that the desorption barrier of vanadium
intermediate correlates with the V**/V3* reaction kinetics in different electrolytes on edge plane
pyrolytic graphite. I further demonstrate that the desorption barrier of the metal ion intermediate
also correlates with the kinetics of VZ*/V3*, Cr*"/Cr**, and Cd°/Cd?" in the presence of anions.

Chapter 6 isolates the effect of the electrode on kinetics to show that d-band center of the
electrode correlates with CT kinetics of transition metal ions. The V2*/V** kinetics correlates with
the desorption barrier of vanadium intermediate on metal electrodes, which in turn correlates with
the d-band center of the electrode. I extend this study to identify that the d-band center of electrode
also correlates with kinetics of several Fe, Co, Cr-based complexes on metal electrodes. The d-

band center as a descriptor for CT reactions at electrode surface is similar to d-electronic
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configuration as a descriptor of CT of transition metal ions in solution phase based on the

analogous CT mechanisms in both phases.

Chapter 7 summarizes the major findings of the dissertation and elaborates how these findings

can have an influence in the field of energy storage. I discuss the limitations of the work in this

dissertation and propose some future directions to address these limitations. Finally, I provide an

outlook highlighting the importance of standardization to measure CT kinetics and RFB

performance as the field of RFB moves forward in the coming future.
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Chapter 2 : Electrochemical and Spectroscopy Techniques for

Probing Charge Transfer Mechanisms

2.1 Summary

This chapter discusses the approach followed in this dissertation to understand charge transfer
mechanism of transition metal ions. Section 2.2 discusses different types of charge transfer
mechanisms. Section 2.3 discusses spectroscopic techniques used to identify the structure of
transition metal ions and Section 2.4 provides overview of the electrochemical techniques used to
measure reaction kinetic parameters. Section 2.5 discusses the measurement of electrochemically
active surface area (ECSA). The ECSA is used to normalize reaction kinetic parameters measured
in Section 2.4. In each of the section, I also provide the experimental details of techniques used in
the various chapters of this dissertation.
2.2 Charge Transfer Mechanisms

Charge transfer (CT) reaction at electrode interfaces involves transfer of electrons from the
electrode to the reactant or vice versa. The oxidation state of the transition metal ion reactant is
either decreased (reduction) or increased (oxidation) depending on the direction of flow of
electrons. The electrochemical potential (E') of the electrode can be used to change the Fermi level
of transferable electrons and control the direction of the flow of electrons. If E is more negative

than the standard redox potential of the metal ion (E,,), the Fermi level of electrons in the electrode

is high enough for transfer to solution causing metal ion reduction and vice versa for oxidation.
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CT reaction of transition metal ions can occur either through outer or inner sphere reaction
mechanism.!™ In an outer sphere CT reaction, electron transfer between the electrode and the
metal ion takes place at the plane separated by at least a solvent layer from the electrode which is
called the outer Helmholtz plane (OHP). Since there is no direct contact between the metal ion and
the electrode, the reactant—electrode interactions are weak. On the contrary, in an inner sphere CT
reaction, the ligand of the coordinated metal ion is chemically bound to the electrode surface in
the inner Helmholtz plane (IHP) serving as a bridge to form an adsorbed intermediate for electron
transfer. Resultantly, the electrode has a huge influence on rate constants of inner sphere CT
(several orders of magnitude), as opposed to 3—8 times for outer sphere CT.>"¢ Scheme 2.1 depicts

the outer and inner sphere CT mechanisms of transition metal ions.

Outer Sphere Inner Sphere

Scheme 2.1. Outer and Inner Sphere Charge Transfer of Transition Metal Ions at Electrodes. The ligand of the
transition metal ion is chemically bound to the electrode in inner sphere charge transfer, while there is no direct
interaction of the transition metal ion ligand and the electrode in outer sphere charge transfer. Here OHP and IHP are
outer and inner Helmholtz plane respectively. Color legend: Red = Transition Metal lon, Green = Ligand, and Blue =
Solvent.

The understanding of CT of transition metal ions in solution phase needs to be translated to the
CT at electrode surface. Several generalizable theories have been developed for outer sphere CT
showing comparisons between reaction kinetic parameters in solution phase and at electrode
surface. The reaction rates for outer sphere CT in both solution and at electrode surface are

described well by the energy associated with the reorganization of the solvent molecules and

29



ligands in the coordination sphere of metal ion. However, these studies emphasize the need to
consider the double layer coulombic interactions to obtain reasonable estimates of kinetics for
reactions taking at electrode surface.””!® On the contrary, there is a lack of any such theory for
inner sphere CT that identifies the similarities and accounts for the differences between inner
sphere CT in solution phase and at electrode surface to explain the reaction kinetics trends. This
lack of a generalizable theory for inner sphere CT arises partially due to the complexity of the
reaction mechanism and the difficulty in identifying the structure of formed intermediates.

In this dissertation, to distinguish the CT mechanism of transition metal ions occurring at
electrodes, I use V>*/V3" reaction as a probe reaction and identify the structures of reacting ions
and evaluate kinetic parameters in different electrolytes and electrodes using techniques discussed
in Section 2.3 and 2.4 respectively. I develop microkinetic models for outer and inner sphere CT.
I identify the CT mechanism by looking at the impact of electrolyte and electrode on measured
rate constants and comparing the predicted kinetic trends with observed kinetic trends. The
microkinetic models are discussed in Chapters 3, 4, 5, and 6 and the derivations are included in
the Supporting Information sections of respective chapters wherever needed. In Chapter 6, I
propose a unique analogy between inner sphere CT in solution phase and at electrode surface to
explain the kinetic trends.

2.3 Techniques to Identify the Structure of Ions in Solution

The transition metal ions are coordinated by either water or complexed with other ligands
present in the electrolyte. I use spectroscopic techniques to identify the complexation of vanadium
ions in the presence of different anions in various electrolytes as discussed below. The
identification of structures of vanadium ions in different electrolytes provide us the information

about the reactants and products formed in the reaction.
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2.3.1 Ultraviolet-visible Spectroscopy

Ultraviolet-visible (UV-vis) spectroscopy involves exciting an electron from the ground to
an excited state by passing a beam of polychromatic ultraviolet and visible radiation through the
sample. The intensity of light is measured by a sensor after passing through the sample to estimate

absorbance (A), which is related to incident light intensity (/,) by eq. 2.1 as follows:

A =log <170> (eq.2.1)

Here [ is the intensity of light after passing through the sample. The energy of the excitation is
inversely proportional to the wavelength of light based on Planck’s equation. !

The degenerate d orbitals of transition metal ions are split into various electronic energy
states with their splitting dependent on the strength of the electric field created when the ligand
approaches the metal ion (i.e., ligand field strength). The number of distinct electronic energy
states are dictated by the d electron configuration of the metal ion, symmetry of the ligand field,
and the relative magnitudes of spin-orbit coupling and interelectron interactions.? The peaks in
UV-vis spectra of transition metal ions can have different origins: (1) d-d transitions in the different
electronic energy states of central transition metal ion discussed above that generally give rise to
broad peaks in visible region, (2) electronic transitions between the central ion and ligand that lead
to intense peaks in ultraviolet region, and (3) electronic transitions in the ligands (mostly observed
in organic ligands).?

I use the shift in the peak locations of the d-d transitions in the different electronic energy
states of V2" and V" to understand the structure of vanadium ions in various electrolytes (H2SO4,
HCI, HCIO4, HBr, and HI) in Chapters 3 and 4. The peak locations of these d-d transitions are
dependent on the magnitude of splitting in the electronic energy states which is controlled by the
ligand field strength. The spectrochemical series groups ligands based on their ligand field strength
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and shifts in peaks of d-d transitions can be qualitatively compared in different electrolytes to
understand anion complexation.? For instance the ligand field strength of anions used in this
dissertation follow the order SO4*>~ > Cl" > Br~ > I from the spectrochemical series. Thus, if the
vanadium ions complex with these anions, the peak location of d-d transitions in vanadium ions

will shift the most for SO4>~, followed by Cl-, Br", and then least for I".2
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Figure 2.1. UV-vis Spectra of V** and V3" in H2SO4 and HCI at Different Total Vanadium Concentrations.
Comparison of UV-vis absorbance as a function of wavelength for various (a) V" and (b) V3" concentrations: 0.2 M,
0.15M, 0.1 M, 0.08 M, 0.05 M and 0.02 M. Solutions are obtained by reducing VCl; to V?* and then reoxidizing to
V3*, Supporting electrolyte is 0.5 M H2SO4 (solid lines) or 1 M HCI (dashed lines) at room temperature (T = 23.3 °C).
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Figure 2.2. UV-vis Spectra of V2" and V3* in HBr, HI, and HC1O4 at Different Total Vanadium Concentrations.
Comparison of UV-vis absorbance as a function of wavelength for various (a) V' and (b) V3" concentrations: 0.2,
0.15, 0.1, 0.08, 0.05, and 0.02 M. Solutions are obtained by reducing V,0s to V>* and then reoxidizing to V3.
Supporting electrolyte is 1 M HBr (solid lines), 1 M HI (dashed lines), or 1 M HCIO4 (dotted lines) at room temperature
(T =23.3 °C).

I also use UV-vis spectroscopy to measure concentrations of V" and V** ions and confirm

[v2*]

—) are reached for kinetic measurements discussed
[VZ + ] + [V3 +]

the desired states of charge (SoC =

throughout the dissertation. UV-vis spectra are obtained at various known concentrations of V2*
and V" in different electrolytes (Figures 2.1 and 2.2). The baseline for each UV-vis spectrum
measurement is the supporting electrolyte solution (i.e., solution without vanadium ions) whose
contribution is removed to obtain the spectra associated solely with the vanadium complexed
species. A quartz cuvette with path length of 1 cm is used. The Curve Fitting feature of MATLAB
is used to fit the spectra as a sum of Gaussian functions in the range of 350-1100 nm. The V**
spectrum is fitted as a sum of three Gaussian functions, whereas the V' spectrum is fitted as a
sum of two Gaussian functions to obtain calibration standards at different concentration of V** and

V3* ions. The total absorbance A;,4; is related to the contribution of absorbance from individual
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ions (Ayz+/Ays+)."? For a mixture of ions, the root-mean-square error in total absorbance is

minimized over the wavelengths of interest to approximate the concentrations (Figure 2.3).
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Figure 2.3. Gaussian Fits from the Model Used to Estimate V2* and V3* Concentrations in a Mixture of
Vanadium Ions. UV-vis absorbance as a function of wavelength at room temperature (T = 23.3 °C) for an unknown
total vanadium ion concentration. Individual concentrations of V** and V3* are deconvoluted by fitting to Gaussian
peaks based on the calibration standards.

2.3.2 X-ray Absorption Fine Structure Spectroscopy

X-ray absorption fine structure (XAFS) spectroscopy involves excitation of the core level
electron using x-rays with energy greater than or equal to the electronic binding energy. Due to
the absorption of x-ray, a photo-electron is ejected into the continuum, leaving the atom in excited
state with a hole at the core level. The excited state decays within a few femtoseconds of absorption
via two primary mechanisms, x-ray fluorescence and the Auger effect as shown in Scheme 2.2.
X-ray fluorescence involves a higher energy core-level electron filling the hole and ejecting a
characteristic x-ray. The Auger effect on the other hand involves a higher energy electron filling

the hole with a second electron ejected into the continuum.'?
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Scheme 2.2. Excited State Decay Mechanisms in XAFS. X-ray fluorescence (left) showing electron in higher energy
core level (L or M) filling the hole and releasing characteristic K, or Kg x-rays and Auger effect (right) showing higher
energy core level (L) filling the hole along with ejecting another electron in continuum. The scheme is taken from
reference 13.

The characteristic x-ray signals measured using detectors are scattered from the
surrounding atoms and can be processed to get XAFS spectrum which contains information
regarding the oxidation state, coordination number, bond lengths, and identity of surrounding
atoms. XAFS spectrum is divided into near-edge (XANES) and extended (EXAFS) regions. The
XANES spectral region extends from about —20 to 50 eV about the absorption edge and the
EXAFS region typically extends 1 keV beyond the XANES.!>!*

In Chapter 4, I use EXAFS to identify the structures of V2" and V*" ions in HC104, H2SOs4,
and HCI with changing anion concentrations under electrochemical conditions. The XAFS
measurements are carried out at ambient conditions on a bending magnet beamline (sector 20) at
the Advanced Photon Source (APS) facility in Argonne National Lab in fluorescence mode. An
electrochemical XAFS cell designed previously is used for the measurements.'> A circular Nafion

117 membrane (presoaked in water) is used to electrically isolate the working and counter
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electrodes and provide a seal between the two cell compartments. A carbon felt (Alfa Aesar)
supported on an isomolded graphite rod (1.57 mm outer diameter, Graphtek LLC) is used as the
working electrode for large surface areas, while an isomolded graphite rod alone is used as the
counter electrode. The liquid compartments for the working and counter electrodes are
independently fed with electrolyte from separate syringes using a dual syringe pump at the rate of
0.5 mL min! (Langer Instruments). The electrolyte in the syringe at the working electrode
compartment is the electrochemically prepared V** or V' solution in different electrolytes, which
is degassed before it is connected to the XAFS cell. The syringe at the counter electrode
compartment is supporting electrolyte without any vanadium ions. A leakless Ag/AgCl electrode
(Warner Instruments) is used as the reference electrode. At least four scans are collected, which
are then averaged to get the final reported XAFS spectra. The potential is maintained at open circuit
voltage (OCV) using SP-150 (Biologic Instruments, USA) potentiostat to prevent the change in
oxidation state of vanadium ions.

The raw XAFS data is processed using the ATHENA software.'®!” Because the data
collection is in fluorescence mode, absorption coefficient W(E) is obtained by taking the
logarithmic ratio of incident intensity (I,) and the fluorescence intensity (I). The V* and V¥
threshold energy (Eo) is set to 5472 and 5479 eV based on the inflection point in the absorption
edge energy spectrum. The W(E) normalization is done by removing the background by setting a
Fourier cutoff of Ryykg = 1, over a k-range from 2.2-12.5 A~!, with specifications of the region of
energy where the pre-edge and post-edge starts and ends. More details of ATHENA processing
are available elsewhere. '

After normalization in ATHENA, the V> and V*" EXAFS data, is analyzed using the

software program ARTEMIS.!®!7 The R range of the fit for V>" and V3" is 1.0 to 4.4 A. The data
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is k’-weighted and windowed using a Hanning window with dk = 1 A™! in with range of 2.2 to
12.5 A™!, at the K-edge. The xyz coordinates from the density functional theory (DFT) predicted
structures of vanadium complexes are used to generate scattering paths using FEFF9 with SCF in
JFEFF." The paths for V>* and V3" are selected based on a previous study involving transition
metal ions.?’ I included an additional V-S path to consider sulfate complexation in H»SO4 and a
V-CI path to take into account the chloride complexation in HCI apart from the paths used for
fitting in HC1O4. More details regarding ARTEMIS fitting are available elsewhere.'®
2.4 Techniques to Measure Electrochemical Kinetics

The CT kinetics of transition metal ions are influenced by the electrolyte and electrode as
discussed in Chapter 1. I use a rotating disk electrode (RDE) setup for conducting V**/V** kinetic
measurements in different electrolytes and electrodes. An RDE assembly involves a disk of
electrode material imbedded in a rod whose rotation is controlled using a rotation control unit.!
The kinetics parameters are evaluated using steady state current measurements and
electrochemical impedance spectroscopy techniques as discussed below.
2.4.1 Steady State Current Measurements

Cyclic voltammetry (CV), which involves cycling in a range of potentials at a specific scan

rate, is the most common technique to measure instantaneous oxidation and reduction currents that
are used to estimate kinetic parameters. Even though CVs are fast, CVs do not represent true steady
state; thus, the extracted kinetic parameters and obtained mechanistic insights from CVs are
erroneous and misleading.?! Consequently, for the work conducted in this dissertation, I use steady
state current measurements that involves applying fixed voltages for longer period of times until

the currents reach steady state. The duration of the steady state current measurement at a fixed
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potential is dependent on the electrode, i.e., I observed steady state is reached within a minute on
glassy carbon, while reaching steady state can take anytime up to 90 minutes on metal electrodes.

In Chapters 3, 4, 5, and 6, I evaluate V>*/V>" reaction kinetic parameters using steady state
current measurements. Steady state current measurements are conducted between +350 mV and
—100 mV overvoltages for different SoC (100, 80, 50, 30, and 10 %) at various rotation rates (w).
The overvoltage (n) is the difference between the applied voltage (£) and the thermodynamic

voltage (E¢q), €q. 2.2.
N=FE—-Eg (eq.2.2)

These measured steady state currents are normalized by ECSA to obtain steady state current
densities (). The measurement of ECSA of different electrodes is discussed in Section 2.5.

The hydrodynamic equations and the convective-diffusion equations have been solved
rigorously for steady state for RDEs, allowing deconvolution of the kinetic (i}, ) and mass transfer
limiting current density (i;) from steady state current density i.! The i) is dictated by the CT
kinetics that controls the kinetic overvoltage (Mkinetic)» While the i; is dictated by concentration
gradient of active species at the electrode surface and the bulk electrolyte that controls the mass
transfer overvoltage (nyr). Hence, i, (and not total i) should be used to evaluate kinetic
parameters. The individual contributions from i, and i; are obtained by using Koutecky-Levich

analysis (eq. 2.3).!
- =+ (eq. 2.3)

On an RDE, i, is proportional to w/? (eq. 2.4). The intercept of the plot of 1/i vs w~*/? is used

to estimate 1/ij.
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i, = 0.62nF D23 w/2v=1/5¢; (eq. 2.4)

Here n is the total number of electrons involved in the reaction, F is the Faraday constant, D, and
C; are the diffusivity and bulk concentration of the oxidant (here V") respectively, and v is the
kinematic viscosity. If i is independent of w, i; is very large and the measured i is equal to i.
Therefore, there is no need to conduct steady state measurements at multiple w.

The kinetic current density, i, is evaluated using the above process for the overvoltages
between 117-300 mV. The ohmic overvoltage (Nonmic) losses from the total overvoltage are
compensated manually during data analysis using the cell resistance measured from
electrochemical impedance spectroscopy as discussed in Section 2.4.2. In this range of
overvoltages, the i is less than 80 % of i;, which is proposed to be the region where errors in
Koutecky-Levich analysis is shown to be minimum.??> The accuracy of the obtained i) in this

region of overvoltages can be observed by unchanging slopes of 1/i vs w™1/?

plot at different
voltages for irreversible reactions.??
The Butler-Volmer (BV) equation (eq. 2.5) relates i from both forward and reverse

reactions with the Nyipetic. Here T use 1 = Nyinetic for simplicity because only ij, (and not total i)

is used for analysis:'

Cy,(0,t) _mneaFm Cpr(0,t) nx(1-a)Fn
ik=io< 0(* )e ' — R(* )e w7 ) (eq.2.5)
Co Cr
where
i, =nFkoc;A™Mcs® (eq. 2.6)

Here i, is the exchange current density (in mA cm?2) by state current measurements, C, (0, t) and

Cr(0,t) (and C}, and Cy) are the concentrations of oxidant and reductant (here V") at the electrode
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surface (and bulk) respectively, n; is the total number of electrons involved in the rate determining
step (RDS), k° is the standard rate constant, a is the CT coefficient, R is the universal gas constant
(8.314 J/mol K), and T is temperature (in K). The i, gives an estimate of CT kinetics at the
electrode and hence can be used to compare the activity in different electrolytes and electrodes
(larger i, implying a more active electrolyte or electrode).

For large absolute values of 1 (> 118 mV at 25 °C)! with no mass transfer limitations

(Co(0,t) = Cj and Cr(0,t) = Cp), the BV equation reduces to the Tafel equation (eq. 2.7).232°

i, =i,e"/? (eq.2.7)
In (i) = In(i,) + % (eq.2.8)
_ 2.303RT -
= TheaF (eq.2.9)

Here b is the Tafel slope in mV decade

i.e., mV of kinetic overvoltage needed to change the
current by a factor of 10. The Tafel plot is obtained by plotting In|ij| (or log|ix|) vs 1. The slope
of the linear region (m > 118 mV) of the Tafel plot yields Tafel slope and the y-intercept
extrapolated to zero overvoltage is used to estimate i,,. The Tafel plot deviates from linear behavior
as 1 approaches zero because the reverse reaction starts to contribute significantly to i, and the
Tafel approximation is no longer valid.

For V?*/V3* kinetic measurements on glassy carbon in various electrolytes discussed in
Chapters 3 and 4, I observed that the measured i (and estimated i,) is independent of w beyond
1500—-2000 rpm (wyy,i,) depending on the electrolyte, indicating no mass transfer limitations and

i = i;. Hence, [ used w > w,y,;, for all studies on glassy carbon. Figure 2.4 illustrates the case of

V#/V3 kinetic measurements on glassy carbon in HI, where measured i (and i, in inset) is
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independent of w > 2000 rpm. Consequently, the kinetic parameters in HI are estimated using w

of 2000 rpm.
1 — oy T T T T L T
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Figure 2.4. Identifying Optimum Rotation Rate for No Mass Transfer Limitations for V2*/V3* Measurements
on Glassy Carbon in HI. Current densities vs overvoltage at 80 & 2% state of charge with glassy carbon at various
rotation rates (®) in HI electrolyte (0.1 M V205 + 1 M HI) at T = 40 °C. Inset figure shows exchange current densities
evaluated by using Tafel equation and y-intercept of extrapolated log of oxidation current densities vs rotation rates.
 is chosen as 2000 rpm for all electrochemical measurements to avoid mass transfer limitations.

For kinetic measurements on edge plane pyrolytic graphite (EPPG) and metal electrodes
discussed in Chapters 5 and 6, I observed that the steady state current densities are dependent on
w (Figure 2.5a). Resultantly, I used Koutecky-Levich analysis to deconvolute contributions of i;

and i; (Figure 2.5b). i, is then used to construct a Tafel plot to estimate kinetic parameters (Figure

2.5¢).
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Figure 2.5. Methodology Used to Obtain V**/V3* Kinetic Parameters on Edge Plane Pyrolytic Graphite and
Metal Electrodes. V2'/V3* steady state current measurements taking Ag electrode at a particular state of charge as an
example. (a) Current vs voltage (V vs Ag/AgCl) plot for at different rotation rates. (b) Koutecky-Levich plot at fixed
voltages of —0.30, —0.34, —0.38, —0.42, and —0.46 V vs Ag/AgCl, which lie in the overvoltage range between 117—
300 mV. The inverse of the intercept is used to estimate kinetic current which is normalized by ECSA to obtain kinetic
current density, ij. (¢) Log (i} ) vs overvoltage plot between 117-300 mV extrapolated to zero overvoltage to obtain
exchange current density from Tafel method (i, ) and Tafel slope (b).

2.4.2 Electrochemical Impedance Spectroscopy

Most electrochemical processes occurring at the electrode surface can be modeled as an
electrical circuit containing resistors, capacitors, inductors, etc. based on the physical interpretation
of the process. On applying voltage at the electrode, the charged species in the electrolyte are
attracted towards the electrode surface forming a double layer which is modeled as a capacitor
(Cqp)- This visible current is not responsible for causing any chemical changes and is referred to as
non-Faradaic current. After formation of the double layer, these currents can cause chemical
changes, resistance to which is called the CT resistance (R.;). Thus, once the current reaches the
electrode surface, it can either go to charging of the double layer or for driving the electrochemical
reaction, making Cg4 and R.; in parallel configuration. The current must pass through the solution,
the membrane, and any other components in the path to reach the electrode surface, which offers
some resistance (R) leading to the ohmic drop. The circuit described for the above electrochemical

process involving a single reaction at electrode is the Randles circuit. More complex processes
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(e.g., multiple chemical reactions at electrode) will require adding electrical components to modify
the Randles circuit to closely resemble the process.

Electrochemical impedance spectroscopy (EIS) is a measurement in frequency domain
conducted by applying excitation voltage (generally sinusoidal) of very low amplitude and looking
at the impedance response. The impedance (Z) is a measure of the resistance to the flow of
electrons and at a given frequency (f) is related to the processes occurring at time scales of 1/f.
For a sinusoidal excitation voltage V with amplitude V, given by V = V;sin(2rft) and a current

response shifted by phase ¢ with amplitude I, given by I = I, sin(2rnft + ¢), the impedance is

__ Vysin(2nft)

= L sin@n o) Z can be expressed as a complex function and the real (Z,.4;) and imaginary

(Zimg) impedance contributions can be deconvoluted. Similarly, the different components used to
model the process as electrical circuit in EIS also have Z;..q; and Z;,,; contributions. For instance,
a resistor has only real impedance and is equal to its resistance i.e., Zyesistor = Zreqr = R. On the
other hand, a capacitor (C) has completely imaginary impedance given by Zcapacitor = Zimg =
1/2nfC. For a circuit with R and C in series, the total impedance is Zy¢sistor + Zcapacitor With
both real and imaginary contributions. The Nyquist plot is obtained by plotting the real vs the
imaginary contributions of the measured impedance and is fitted to the impedance obtained from
processes modeled as electrical circuits (e.g., Randles circuit) to obtain information of the
electrochemical process occurring at the electrode like double layer capacitance, CT kinetics, and
solution resistance. EIS has found the most extensive use in fields of corrosion and chemical
Sensors.

EIS can also be used to estimate kinetic parameters since the current-overvoltage relations

are linear at low overvoltages. The BV equation in the region where 1 approaches zero yields the
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CT resistance (R.;), which is a measure of the resistance associated with electron transfer. Under

no mass transfer limitations, eq. 2.5 transforms to:

nEaFn ng(1-a)Fn
Iy =1, (e RT —ege RT )

* = 1 — x to expand around n = 0, we get:

, . ( ngakn (1 — Uf)FT]>
=i, (1 e R

Using expansion e~

RT RT
and simplifying:

. . nyFn
W= Tlo T

The ratio of 1 to iy, is the R, (Q cm?), as shown in eq. 2.10:

R, = -2 K (eq.2.10)
ct ik nkFio q-2

On comparing eq. 2.6 with eq. 2.10, we get an expression of exchange current density from CT

resistance method, i.e., iy g,

RT

LoRyy = W (eq. 211)

Thereby, comparing i, and i, _,, we can get additional information pertaining to total number of
electrons in the reaction.

In Chapters 3, 4, 5, and 6, EIS measurements are conducted at OCV before beginning of
steady state current measurement at a particular w. An overlaid of 10 mV amplitude sine wave is
applied within a frequency range of 500 kHz to 100 mHz (with six points per decade). The OCV
is equilibrated for 15 seconds before each EIS measurement. R, is evaluated as the x-intercept in
the high frequency region of Nyquist plots. The R; is the total cell resistance with contributions of
resistance from solution, membrane, and electrical connections and allows to account for the

Nohmic 10sses in steady state current measurements discussed above. The Nyquist plots obtained
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from EIS measurements are fitted to a modified Randles circuit (Scheme 2.3), using Zfit
application of EC-Lab Software V11.52. A constant phase element (Q.pg) is used instead of Cq,
because Qcpy fits the data points well and mimics real systems more accurately.?®?” Warburg
element for convective diffusion (W) is introduced to take into account the mass transfer at low

frequencies. The R, obtained by fitting is used to evaluate i, 5 , (eq. 2.11).

Constant Phase
Element

Impedance Contribution
Qcre

[ from W

| H | 5 P tanh(\/ T 2i21f)
S wy = Raz — 77—

Solution '—d_ V Tazi2nf

resistance Fitted Warburg element for f =.Frequency
Resistance convective diffusion i = iota (V—1)

V2t/ V3 Charge Transfer Resistance (R.;):
R.; = R3 X Electrochemical active surface area

Scheme 2.3. Modified Randles Circuit Used for Fitting Nyquist Plots of All the EIS measurements for V2*/V3*
reaction in Different Electrodes and Electrolytes. R; is the total cell resistance with contributions of resistance from
solution, membrane, and electrical connections, Q¢pr is the constant phase element, R, is the charge transfer
resistance for V**/V3* redox reaction obtained by multiplying fitted R5 with the electrochemically active surface area,
and W, is the Warburg element for convective diffusion to account for the mass transfer at low frequencies. Impedance
from Wy (Zy,)) is a function of resistance Ry, and time constant 7y4,. Ry, Qcpg, R3, Rgz, and 7,4, are obtained by the
Zfit application of EC-Lab Software V11.18.28

ip and i,g , are used to evaluate apparent activation energies by Tafel (E;) and CT
resistance (Eg g ,) methods respectively using the Arrhenius relationship given by eq. 2.12. The

proportionality constant in eq. 2.12 is the apparent frequency factor.

E
i, X exp (— #) (eq.2.12)

2.5 Measurement of Electrochemically Active Surface Area

The steady state currents and the CT resistance measured from EIS are normalized by ECSA
to get intrinsic normalized kinetic parameters (i,, E,, and apparent frequency factors). It is
imperative to normalize the measured kinetic parameters by ECSA instead of geometric surface

area because the exposed surface area available for reaction can be much higher than the geometric
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surface area due to electrode roughness, electrocatalysts’ shape, size, and stability. The ECSA of
the electrodes is measured using either CV capacitance method, underpotential deposition (UPD),
or normalizing by currents of hydrogen evolution reaction as discussed below.
2.5.1 Cyclic Voltammetry Capacitance Method

CV capacitance method uses capacitance of the electrochemical double layer to estimate
the ECSA. The capacitance is obtained by conducting CVs at various scan rates in the non-Faradaic
region to ensure the currents are coming from the formation of the double layer. The charging of
the capacitor is given by the eq. 2.13:

Q=CV (eq.2.13)

Here Q is the charge associated with charging of double layer, C is the capacitance, and V is the

applied voltage. Taking the derivative of eq. 2.13 with respect to time yields eq. 2.14:

dQ dV
dt " dt
i=Cv (eq.2.14)

Here v is the scan rate. Thus, the slope of i vs v can be used to estimate the capacitance. The

capacitance is normalized by the specific capacitance (Cspecific) to estimate the ECSA. One of the
major drawbacks of this method to estimate ECSA is choosing the value of Cgpecific because
Cspecific 18 highly dependent on the electrode and the electrolyte.

In Chapter 5, CV capacitance method is used to evaluate the ECSA of the EPPG. CVs, 10
cycles each, at different scan rates (10, 20, 50, 80, 100, 150, and 200 mV/s) are conducted in the
non-Faradaic region between —0.1 to 0.4 V (vs Ag/AgCl) in 1 M H>SOs. The difference in the
current at 0.15 V (vs Ag/AgCl) during the increasing and decreasing voltage sweeps from the 10™
cycle is plotted against the scan rate. Since the current is the difference between oxidative and

reductive sweeps of CV, the slope of the corresponding line passing through the origin is twice the
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capacitance corresponding to the electrochemical double layer. Using a Cgpecific 0f 40 pF cm 2 for

carbon surfaces in H2S04,2%3% the ECSA is determined. Figure 2.6 illustrates the use of CV

capacitance method to estimate ECSAs.
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Figure 2.6. ECSA of Edge Plane Pyrolytic Graphite in H2SO4 using CV Capacitance Method. Variation of Al vs
scan rate on EPPG electrode in 1 M H,SOs4. Al is obtained by taking the difference between the currents in the
oxidation and reduction sweeps of 10 cycle in CVs in the non-Faradaic region at different scan rates. The slope of
Al vs scan rate plot is equal to twice the capacitance. The capacitance can be normalized by specific capacitance to
estimate ECSA. The measurements are conducted at room temperature (T = 23.3 °C).

For ECSA measurements of EPPG used for kinetic measurements in HCI and HI, I measure
the ECSA in 1 M HCIOs instead of 1 M HCl or 1 M HI due to the possibility of specific adsorption
of CI” and I" anions, respectively, on electrode surface during cycling and having impact on
measured kinetics. Additionally, H>SOs4 is not used to prevent the introduction of any SO4>~ due
to their inhibiting effect on V2*/V>" reaction kinetics as discussed in Chapter 4.2° To consider the

change in Cgpeciric With change in electrolyte, the ECSA of EPPG is measured in 1 M H2SOs,
followed by 1 M HCIOs4, and then again in 1 M H2SOs, assuming the same Cgpecific- | observe that

the ECSAs in 1 M H2SOy initially and after measurements in 1 M HClO4 are within +2%,
indicating that the EPPG surface is unchanged after using it for measurements in 1 M HClOs.

Further, on comparing the ECSA in 1 M H2SO4 to 1 M HClOs using the same Cgpecific, ECSAs
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are observed to be ~15% higher in 1 M HCIO4 compared to 1 M H2SO4. As a result, to compensate
for this effect, the Cspecific of 46 pF cm 2 (~15% higher than in 1 M H2S04) is used to evaluate the
ECSA in 1 M HCIOa4.
2.5.2 Underpotential Deposition

Underpotential Deposition (UPD) is based on the principle that certain metals or species
(like H) are reduced on some other metal substrates at a potential less negative than the Nernst
potential for the reduction of the metal or species onto itself. This metal or species reduction at a
potential less negative than the Nernst potential means that the reduction onto the host metal is
more favorable, which allows the formation of a monolayer or submonolayer coverage of the
secondary metal or species.*!*? This deposited monolayer or submonolayer of the secondary metal
or species can be stripped off by applying an oxidative potential. The charge associated with
stripping the monolayer or submonolayer can be used to estimate ECSA of the host metal assuming
the number of monolayers of secondar metal or species and the number of atoms per unit area of
host metal are known. One of the most critical aspects of UPD is to identify the potential beyond
which bulk deposition occurs, so that only the charge associated with the monolayer or
submonolayer is considered for estimating ECSA. In Chapter 6, the ECSA of Au electrodes is
measured using copper UPD (Cu UPD) and Ag and Cu electrodes by lead UPD (Pb UPD) whose
experimental details are discussed below.
2.5.2.1 Gold Electrode ECSA using Copper Underpotential Deposition

The ECSA of the polycrystalline Au electrode is obtained by Cu UPD. Initially, the
background current is obtained in 0.1 M sulfuric acid (H2SO4, 99.999%, Sigma Aldrich) by
holding the potential at 0.1 V vs Ag/AgCl for 1 min (chronoamperometry, CA), followed by

conducting linear scan voltammetry (LSV) from 0.1 to 1 V vs Ag/AgCl at 20 mV s~ . The retention
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time at 0.1 V is varied from 1-8 min until a stable background LSV (i.e., unchanged with retention
time) is obtained. LSVs generally remain unchanged after CA with retention time > 3 min. This

stable LSV current is integrated to get the background charge.
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Figure 2.7. Copper Underpotential Deposition on a Gold Electrode. Linear Scan Voltammetry of a polycrystalline
Au electrode in 0.1 M H>SO4 at 20 mV s™! to obtain the background charge (black line) and after adding 1 mM CuSOs
(red line) to obtain the charge associated with stripping of Cu monolayer between 0.1 to 1.0 V vs Ag/AgCl. The
difference in charge associated with Cu compared to the background is attributed to stripping a Cu monolayer on Au
and is normalized by the surface charge density of Cu on polycrystalline Au to obtain the ECSA. All measurements
are conducted at room temperature (T = 23.3°C).

After obtaining the background charge associated with the Au electrode, 1 mM copper
sulfate (CuSO4 anhydrous, > 99.99% trace metals basis, Sigma Aldrich) is added to the solution.
CA at 0.1 V vs Ag/AgCl followed by LSV between 0.1-1.0 V vs Ag/AgCl, using the same
potential range as the background is conducted with varying retention times (1-8 min), until a LSV
that is independent of the retention time is obtained (Figure 2.7). I observe that LSVs remain
unchanged after CA with retention time > 3 min, indicating a monolayer of Cu has been formed
on the surface. The potential of 0.1 V vs Ag/AgCl used for CAs and as the onset point for LSVs
is the most reducing potential at which stable LSVs with increasing retention times are obtained
indicating that at potentials beyond 0.1 V vs Ag/AgCl, bulk Cu deposition begins to occur. The

upper limit of 1.0 V vs Ag/AgCl is decided because the currents from Cu stripping starts to overlay
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with the background current (as in 0.1 M H»SO4) indicating that all the Cu is stripped from the Au
surface. This Au electrode after the measurement of ECSA is taken out from the solution while
applying an oxidative potential of 1.0 V vs Ag/AgCl, and then dipped in 0.1 M H2SO4 for 10 min
to remove any Cu adatoms remaining on the surface. The background charge is subtracted from
the oxidative charge obtained from stripping the monolayer of Cu to obtain the charge associated
with Cu UPD. This Cu UPD charge is normalized using a surface charge density of 405 pC cm 2,3
associated with Cu monolayer deposition on polycrystalline Au, to obtain the ECSA of the Au
electrode.
2.5.2.2 Silver and Copper Electrode ECSA by Lead Underpotential Deposition

The ECSAs of the polycrystalline Ag and the polycrystalline Cu electrodes are obtained
by lead underpotential deposition (Pb UPD) following a similar approach used for measuring the
ECSA of the Au electrode via Cu UPD. Initially, the background current is obtained in 0.1 M
perchloric acid (HC1O4, 60%, Fisher Chemical) by conducting CA at —0.34 V for Ag (—0.40 V for
Cu) vs Ag/AgCl for 1 min, followed by a LSV from —0.34 to 0.05 V for Ag (—0.40 V to 0 V for
Cu) vs Ag/AgCl at 20 mV s~ !. The retention time is varied from 1-5 min until a stable background
LSV is obtained. This stable LSV is integrated to get the background charge. This process is
repeated after adding 5 mM lead perchlorate trihydrate (Pb(ClO4)2.3H>O, ACS Reagent, Fisher
Scientific) to obtain the charge associated with Pb stripping (Figure 2.8). Bulk Pb deposition is
observed at potentials below —0.34 V for Ag (—=0.40 V for Cu) vs Ag/AgCl, and the background
current overlaps with the current from Pb stripping at potentials more oxidative than 0.05 V for
Ag (0V for Cu) vs Ag/AgCl indicating that all Pb is stripped off from the electrode surface. After
the measurement of ECSA, the electrode is held at 0.05 V for Ag (0 V for Cu) while removing

from solution, and then dipped in 0.1 M HC1O4 for 10 min to remove of any Pb adatoms remaining
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on the surface. The difference between the oxidative charge obtained from Pb stripping and the
background charge is normalized using surface charge density of 280 pC cm 2 (302 pC cm 2 for

Cu), associated with Pb sub monolayer on polycrystalline Ag*—* (or Cu),***! to obtain ECSA of

Ag (or Cu) electrode.
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Figure 2.8. Lead Underpotential Deposition on a Silver and Copper Electrode. Linear Scan Voltammetry of
polycrystalline (a) Ag electrode and (b) Cu electrode in 0.1 M HCIO4 at 20 mV s ! to obtain the background charge
(black lines) and after adding 5 mM Pb(ClO4),.3H,0 (blue and green lines) to obtain the charge associated with
stripping of a Pb sub-monolayer. The difference in charge associated with background from Pb stripping is normalized
by the surface charge density of Pb on polycrystalline Ag or Cu to obtain the ECSA. All measurements are conducted
at room temperature (T = 23.3°C).

2.5.3 Hydrogen Evolution Reaction Currents

ECSA measurement by hydrogen evolution reaction (HER) currents involves measuring
the HER currents at a fixed potential on desired electrodes and comparing to the HER currents on
atomically smooth electrodes (roughness factor of one) of different sizes at the same potential. The
ECSA of polycrystalline Bi and W could not be measured using Pb or Cu UPD. Resultantly, [ use

HER activity to measure the ECSA of Bi and W electrodes as discussed below.
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2.5.3.1 Bismuth Electrode ECSA by Normalizing to Hydrogen Evolution Currents on Smooth

Bismuth Films

The atomically smooth polycrystalline Bi films are prepared by electron beam evaporating
300 nm of Bi on Si wafers. A stack of Ni-Cr alloy (20 nm thick) followed by Au (50 nm thick) is
used as a seed layer for depositing Bi films.** The films are characterized by Atomic Force
Microscopy to verify that films have roughness factor close to one. The Si wafers with deposited
Bi is diced using a diamond cutter, and a prepared electrode is shown in Figure 2.9a. The exposed
geometric area of the electrode is controlled by covering the electrode with an electrochemically
inert tape with a circular opening made by a hole punch of different desired sizes.* HER current
of electrodes with different geometric area (Figure 2.9¢) is measured by conducting steady state
measurements at —0.55 V vs. RHE in 1 M H>SOj4 to identify how the HER current of Bi varies
with geometric area. The potentials are compensated 85% internally for solution resistance during
the measurement. The potential loss due to 15% of the remaining solution resistance is < 2 mV
and is not accounted for. The solution is continuously stirred at 800 rpm to ensure there are no
mass transfer limitations (Figure 2.9b). The HER current of a Bi rotating disk electrode with
unknown surface roughness is measured at —0.55 V vs. RHE in 1 M H>SO4 at 2500 rpm (using

RDE setup) and the relationship obtained in Figure 2.9¢ is used to obtain the ECSA.
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Figure 2.9. HER Calibration to Obtain ECSA of Bismuth Electrodes. (a) Electrodes prepared from Bi deposited
on Si wafer used to measure the hydrogen evolution reaction (HER) current. (b) Currents for the largest geometric
area electrode (area = 2.23 c¢cm?) at different stir rates to identify the optimal stir rate at which there are no mass
transport limitations. (¢) Currents due to HER on Bi electrodes with different geometric sizes at the chosen potential

of —0.55 V vs RHE in 1 M H,SO4 with a stir rate of 800 rpm. All measurements are conducted at room temperature
(T =23.3°C).

2.5.3.2 Tungsten Electrode ECSA by Normalizing to Hydrogen Evolution Currents on Smooth

Tungsten Films

The atomically smooth polycrystalline W films are formed by sputtering 300 nm of W on
Si wafers. Ti (30 nm thick) is used as a seed layer for depositing W films. The roughness factor of
W films is evaluated using AFM and is close to one. Electrodes of smooth W films with different
geometric area are prepared and steady state currents due to HER at —0.2 V vs RHE are measured
to identify how the HER currents varies with surface area (Figure 2.10b). The solution is
continuously stirred at 750 rpm to eliminate mass transfer limitations (Figure 2.10a). The HER
currents on W disk electrode of unknown roughness are measured at —0.2 V vs RHE, which is

used to obtain ECSA using the relationship obtained in Figure 2.10b.
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Figure 2.10. HER Calibration to Obtain ECSA of Tungsten Electrodes. (a) Current for the largest geometric area
electrode (area = 0.97 cm?) at different stir rates to identify the optimal stir rate at which there are no mass transport
limitations in 1 M H»SOs. (b) Current attributed to HER on W electrodes with different geometric sizes at —0.2 V vs
RHE in 1 M H,SO4 with a stir rate of 750 rpm. All measurements are conducted at room temperature (T = 23.3°C).
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Chapter 3 : V>*/V3* Reaction Kinetics on Glassy Carbon in Sulfuric,
Hydrochloric, and Mixed Acid Electrolytes for Vanadium Redox

Flow Batteries”

* This chapter is adapted with permission from Agarwal, H.; Florian, J.; R. Goldsmith, B.; Singh, N. V>7/V3* Redox
Kinetics on Glassy Carbon in Acidic Electrolytes for Vanadium Redox Flow Batteries. ACS Energy Lett. 2019, 4,
2368-2377. Copyright American Chemical Society. The computational portion of the work is conducted by Jacob
Florian.

3.1 Summary

In this chapter, we elucidate the impact of anion complexation on V2*/V3* kinetics on a glassy
carbon electrode in three common electrolytes: hydrochloric acid, sulfuric acid, and mixed
HCI/H2SO4. The V2*/V3* kinetics are ~2.5 times faster in HCI and have lower apparent activation
energies than in H2SO4 or HCI/H2SO4. We also identify the presence of [V(H20)4Cl2]" species in
HCI by UV-vis spectroscopy. We confirm the V27/V3' reaction proceeds via an adsorbed
intermediate and propose a bridging mechanism through adsorbed *ClI (in HCl) and *OH (in
H>SO4 or HCI/H2SO4). A bridging mechanism through *Cl is supported by even faster redox
kinetics in HBr than HCI, possibly due to the higher polarizability of *Br. By measuring the
exchange current densities using steady state current measurements and impedance spectroscopy,
we show that the overall reaction is a two-electron process in HCI as opposed to a one-electron

process in H2SO4 and HCI/H2SOs.
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3.2 Introduction

Despite vanadium redox flow batteries (VRFBs) being the most well-developed redox flow
battery and closest to commercial implementation for large-scale energy storage, there is a lack of
fundamental understanding of V2*/V>" redox couple chemistry, particularly the role of electrolyte
on the redox couple and the associated charge transfer (CT). VRFBs with carbon electrodes
employing HC1'~* or mixed acid electrolytes (i.e., HCI/H2SO4)*® have higher current densities and
greater vanadium ion stability compared with the traditionally used H>SOs4 electrolyte. The
structure of the vanadium ion complexes in these electrolytes is not well understood and it is
unclear if the improved current densities are related to kinetics (as opposed to mass transport or
conductivity). The V>* and V** ions in pure water or in non-complexing electrolytes such as
perchloric acid exist as [V(H20)s]*" and [V(H20)6]*" respectively, with each of the six water
molecules located at the ends of an octahedron (0;, symmetry) constituting the first coordination
sphere around the vanadium ion.”® In certain acidic electrolytes (e.g., HCl, H2SOu, and H3POy),
anions can replace water molecules in the first coordination sphere of V2" and V** as shown in
previous studies.”'* Because the choice of electrocatalyst has been shown qualitatively to impact
the V2*/V** kinetics,'*!? the V2*/V?" reaction has been postulated to involve inner sphere CT.
However, further quantitative work is needed to confirm whether the CT is inner or outer sphere,
and to understand the structure of the vanadium complexes in acidic electrolytes used in VRFBs.
Here we show new evidence that the V>*/V3" reaction involves inner sphere CT and link the
kinetics of the V2*/V>* reaction on a carbon electrode with the vanadium complex structure in three
commonly used electrolytes—hydrochloric acid, sulfuric acid, and mixed HCI/H2SOs.

In this chapter, we identify the V>* and V** complexes using UV-vis and examine V>*/V>*

redox kinetics on a glassy carbon electrode. The V*/V3* redox kinetics are enhanced in HCI
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compared with H2SO4 or HCI/H2SO4 mixtures, based on our higher measured exchange current
densities (i,) and lower apparent activation energies (E,) from both steady state current
measurements and electrochemical impedance spectroscopy. These rates and activation energies
depend on the V2" and V** concentrations, with a negative order in V>* that supports the hypothesis
of an inner sphere, adsorption-mediated step in all electrolytes. From experimental UV-vis studies,
we confirm that V¥ exists as [V(H20)s]*" in all electrolytes, with no anions in the first coordination
shell. Our experimental and computational UV-vis measurements show that V** exists as a
distribution of complexes, with a majority of water/sulfate-complexed species, [V(H20)sSOa4]",
and a minority of water-complexed species, [V(H20)s]**, in both H2SO4 and HCI/H2SO4. In HCI,
V3 exists as a majority of water-complexed species, [V(H20)s]*", and a minority of
water/chloride-complexed species, [V(H20)sCl2]". We propose that the enhanced V>*/V3" kinetics
in HCl compared with HoSO4 and HCI/H2SO4 are due to the CT proceeding through chloride
bridges (*Cl) on the glassy carbon surface in HCI, instead of through surface-bound hydroxyl
(*OH) groups®®?! in HSO4 and HC1/H>SO4. This hypothesis of CT through bridges is supported
by the faster V>*/V** redox kinetics we measure in HBr compared with HCI. This enhancement is
expected for a bridging mechanism due to the greater deformability of the bromide (*Br) bridges
than *Cl bridges,> which accelerates the CT between the adsorbed species and the electrode
through the bridge.
3.3 Results and Discussions

The redox kinetics of V2*/V** are examined in three electrolytes: “HCI” (0.2 M VClz + 1 M
HCI), “H2S04” (0.2 M VOSO4 + 0.5 M H2SO4) and “HCI/H2SO4” (0.2 M VCIz + 0.5 M H2SO4)
to analyze how different anions (Cl~ and SO4>") impact the kinetics of the V>*/V3" redox couple

on a glassy carbon surface. Either VCI; or VOSOys is used to avoid the presence of any sulfate or
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chloride anions in the HCI and H>SO4 electrolyte, respectively. We also study the kinetics in HBr
to test the bridging mechanism hypothesis proposed in this work. Electrolytes in non-complexing

perchloric acid (HC1Os) are prepared to serve as standards for UV-vis measurements. The State of

2+
Charge (SoC = #ﬂ\l“]) is controlled by electrochemically oxidizing or reducing the working

electrolyte. V2* and V3" concentrations are confirmed using UV-vis spectroscopy by fitting
Gaussian peaks to calibration standards as discussed in Chapter 2. The details of preparing these
electrolytes are discussed in the Supporting Information (SI). Time dependent density functional
theory (TDDFT) is used to predict UV-vis spectra of different V** complexes. All TDDFT
methodology details are available in the SI. A glassy carbon electrode is selected for kinetic
measurements because of its high conductivity and controlled electrochemical surface area as
compared with traditionally used porous graphite felts, which suffer from large ohmic
resistances.>»** The glassy carbon disk electrode is polished with a 0.05 pm alumina slurry
followed by sonication in deionized water before each electrochemical experiment. Consistent
kinetic parameters from multiple runs confirm the reproducibility of this cleaning process. The
reference electrode is a single junction Ag/AgCl electrode calibrated to the Reversible Hydrogen
Electrode (RHE), and the counter electrode is a graphite rod that is separated from the working
electrolyte compartment by a Nafion 117 membrane. The electrochemical cell is continuously
blanketed with N> gas during all electrochemical kinetic measurements, which are conducted at
room temperature (T = 23.3 °C) unless indicated otherwise.

The intrinsic activities in different electrolytes are measured by two independent methods: (1)
steady state current measurements to estimate exchange current densities using the Tafel
equation (i,) and (2) electrochemical impedance spectroscopy (EIS) to first estimate the V>*/V3*

CT resistances (R.;) at open circuit voltage (OCV), then calculate exchange current densities from
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Rt (ior,,) using eq. 3.1 below (derived in Chapter 2). The i, values are determined from the y-
intercept of the log of oxidation current densities (V*" — V3" + e7). We use the oxidation rather
than the reduction currents for i, to avoid the convoluting effect of hydrogen evolution in the
reduction currents. We confirm that we are not limited by mass transport by operating at a
sufficiently high rotation speed where i, is unaltered with further increase in rotation rates.

An example of a Tafel plot for different total vanadium concentrations at 30% SoC in H>SO4
that we used to extract the i, values is shown in Figure 3.1a. The Tafel plots at other SoCs in
H>SOy are also obtained. The OCV and i, in H2SO4 are found to be independent of total vanadium
ion concentration but dependent on SoC, Figure 3.1b. The shift in OCV towards more positive
potential with decrease in SoC in Figure 3.1b is expected from the Nernst equation and confirms
our SoC measurements by UV-vis. The i, values obtained for glassy carbon in H>SO4 at 50% SoC
((2.89 £ 0.01) X 10> mA cm?) are in close agreement with previously reported values on carbon
electrodes in H2SO4 ((1.76-2.28) X 107> mA cm 2).22° The Tafel slopes (b) in Figure 3.1c,

ranging from 120-140 mV decade™!

, correspond to a rate-determining step (RDS) with one
electron transfer, that is,n, = 1. The nearly constant Tafel slopes indicates no change in
mechanism at different total vanadium ion concentrations and SoC.

The dependence of the exchange current density on the V>* and V> concentrations serves as
new evidence to support the hypothesis that V?*/V>* is an inner sphere reaction on carbon. A
kinetic model of the form i, o< [V2*]¢[V3*]~%, where a is the (positive) reaction order in V** and
—a is the (negative) reaction order in V**, can be used to describe the observed behavior of i,,. This
kinetic model captures both the i, independence of total vanadium ion concentration and the

increase with SoC (i.e., greater V' concentration) shown in Figure 3.1b. The negative order

dependence of i, in [V>*] indicates an adsorption event in the reaction mechanism.?’ This presence
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of an adsorption event corroborates previous reports that the V>*/V3* redox reaction is an inner

sphere CT reaction.'*!"?
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Figure 3.1. V**/V3* Kinetics on Glassy Carbon in H2SO4 at Room Temperature. (a) Log of absolute value of
current densities vs overvoltage at 30% State of Charge (SoC) for 0.05, 0.1, and 0.2 M total vanadium concentration.
(b) Exchange current densities obtained by using the Tafel equation plotted as a function of SoC for 0.05, 0.1, and 0.2
M total vanadium. The open circuit voltages (OCV) vs RHE as a function of SoC are also shown. (¢) Tafel slope as a
function of SoC for 0.05, 0.1, and 0.2 M total vanadium. (d) Exchange current densities as a function of SoC for 0.2
M total vanadium by two independent methods: (i) (solid line) Using the Tafel equation as in (b) and (ii) (dashed line)
Charge transfer resistance at OCV using potentiostatic electrochemical impedance measurements assuming a total of
one electron transfer. The supporting electrolyte is 0.5 M H,SO4 and a glassy carbon working electrode disk rotating
at ® = 1500 rpm is used to remain in the kinetic regime. All measurements are conducted at T =23.3 °C.
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The i, (in mA cm?) can also be evaluated using R, (in Q cm?)*® from eq. 3.1:
) _ RT 11
lO,RCt - nkFRctn (eq' . )

where n;, is the number of electrons in the RDS, n is the total number of electrons involved in the
overall reaction, F is Faraday’s constant, R is the universal gas constant and T is the temperature
in K. From fitting the EIS data at OCV to determine R.; and assuming n = 1, the i, g, values are
in close quantitative agreement with the i, values in HSO4, Figure 3.1d, confirming the accuracy
of the measurements of the exchange current densities by both methods. The i, g, and i, values
have similar magnitudes and show the same variation with SoC at elevated temperatures as well,
with a percentage root mean square error (RMSE) of ~24%.

To probe the impact of anions on the intrinsic V>*/V** redox kinetics, we conducted rate
measurements in HCI/H2SO4 and HCI on glassy carbon to compare with HxSOs. The i 747 1n
Figure 3.2a, b (Figure S3.1) and i, (Figure S3.2) are the same in HCI/H>SO4 as H2SOa,
indicating the same reaction mechanism involving one electron transfer (n = 1). In HCI, however,
i, i1s ~2.5 times higher than in H2SO4 or HCI/H2SO4, Figure 3.2a, but shows the same dependence
on SoC. The i,z , in HCl is larger than i, in HCI when assuming a total of one electron transfer
(n = 1), but if we instead assume the V>*/ V3* overall reaction involves two-electron transfer when
converting from R; to iy z ., (n = 2) using eq. 3.1, the values of i, g, and i, in HCI match, as
shown in Figure 3.2b. The i,  , and i, are also in close agreement in HCl at different temperatures
with a percentage RMSE of ~12.5%, only if n = 2. The Tafel slopes in HCI (Figure S3.1) are
similar to H2SO4 and HCI/H2SO4, both corresponding to a RDS involving one electron transfer
(n, = 1). Note that this observation is not necessarily inconsistent, as the Tafel slope corresponds

to the electron transfer in the RDS, whereas the value of n = 2 corresponds to the total number of
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electrons transferred in the reaction. However, regardless of whethern = 1orn = 2, i, g, in HCI
is larger than the i, g _, in H2SO4 and HCI/H2SOa, confirming the faster kinetics determined from

i, values shown in Figure 3.2a.
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Figure 3.2. V¥**/V3* Exchange Current Densities on Glassy Carbon as a Function of State of Charge in HCI,
H2S04, and mixed HCI/H2SO4 Electrolytes. (a) Evaluated using the Tafel equation in HC1 (0.2 M VCl; + 1 M HCI),
H2S04 (0.2 M VOSO4 + 0.5 M H2SO4), and HCI/H>SO4 (0.2 M VCI3 + 0.5 M H2SOg). (b) Evaluated in HCI from two
independent methods: (i) (solid line) Using the Tafel equation for the reaction: V** — V3* + ¢~ and (ii) (dashed lines)
Charge transfer resistance at open circuit voltage assuming a total of one and two electron transfer.

The various kinetic parameters evaluated in HCl compared to HCI/H2SO4 and H>SO4 suggests
a change in mechanism on glassy carbon in HCI. From the agreement of i, and i, g, withn = 2
in HCL, but with n = 1 in HCI/H2SO4 and H2SOs4, the total number of electrons transferred appears
to change. However, the number of electrons in the RDS remains the same, based on the similar
Tafel slopes in all three electrolytes. Because of the dependence of i, on SoC in all three
electrolytes, it is likely that the mechanism proceeds through an inner sphere adsorbate-mediated
step in all three electrolytes; however, the increase in exchange current densities in HCl may be a

result of a change in the adsorbed intermediate species.
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Further support for a different mechanism in HCI comes from the lower apparent activation
energies (E,) in HCI compared to H>SO4 at a given SoC. E,, values evaluated from i, (from steady
state rate measurements) and i,z (from EIS) are consistent with one another for a given

electrolyte, and both indicate lower activation energies for the V>*/V3* reaction in HCI as shown
in Figure 3.3.

The variation of E, with SoC also supports our hypothesis of V2*/V3* reaction being an inner
sphere reaction involving an adsorption event, as opposed to an outer sphere reaction where E,, is
expected to be independent of SoC.2° The E, increases with decreasing SoC (Figure 3.3) in HCI
and H»SO4, which supports our previously discussed observations of increasing i, with SoC
(Figure 3.2a). The decrease in the apparent activation energies in HCI corresponds qualitatively
to an increase in i, and decrease of R, in HCI compared with H,SO4. However, quantitatively,
the ~2.5-times rate enhancement in HCI is ~10? orders lower than would be expected from the
decrease in E, (~17 kJ mol ! decrease for 50% SoC evaluated by i,) in comparison to H2SO4,
assuming the sole difference in rate is from the activation energies (i.e., no change in the pre-
exponential factor). To understand whether changes in mechanism in HCI compared with H2SO4
and HCI/H2SO4 could arise from differences in the vanadium-complex structure that can alter the
adsorbed intermediate, we examine the structure of V2 and V3" complexes.

We use UV-vis to identify the vanadium complexes formed in bulk solutions of different
electrolytes and to probe whether the complex’s structure is responsible for the rate enhancement
of V2*/V3" in HCI. The UV-vis of V** and V** in non-interacting HCIO4 are used as a reference
for the water-only complexes,'? to enable a comparison to V2" and V3" spectra in the presence of
other anions (CI~ and SO42"). The UV-vis of V2" shows the same peak intensities and locations in

HCI, H2SO4, HCI/H2S04, and HC1O4 (Figures 2.1 and 2.2 in Chapter 2), indicating there is no
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difference in the first coordination sphere of V2" in the four acidic electrolytes. As H>O is the only
common ligand in all four electrolytes of HCI, HoSO4, HCI/H2SO4, and HC104, we conclude that

the [V(H20)s]*" proposed in previous studies'>!? is the dominant V?* species in all electrolytes

used in our kinetic studies.
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Figure 3.3. Apparent Activation Energies for the V2*/V3* Redox Reaction on Glassy Carbon in H2SO4 and HCI
Electrolytes. Apparent activation energies (E,) on glassy carbon working electrode as a function of State of Charge
for H,SO4 (0.2 M VOSO4 + 0.5 M H»S04) and HCI (0.2 M VCI3 + 1 M HCI) from: (solid lines) Exchange current
densities obtained by using the Tafel equation (i,) and (dashed lines) Charge transfer resistance (i, ., ) at open circuit
voltage. The i, and i, p . were evaluated at each SoC at T = 23.3, 30.0, 35.0, and 40.0 °C.

Unlike V2, the UV-vis spectra of V> changes with electrolyte, where the peak location of the
lower energy >T1y — >Tog transition®*3! is at 588 nm in HC1 and HC1O4 and 605 nm in HCI/H>SOs
and H,SO4, shown in Figure 3.4a. The peak corresponding to a higher energy transition (*T1, (F)
— 3T1g (P)) shifts less than the 3Tz — T2, on anion complexation in both experimental (Figure
3.4a) and computational (Figure 3.4¢) V2" UV-vis spectra. The dependence of the peak location
on the electrolyte implies that unlike V>*, the V** coordinates with anions in at least one of the

electrolytes, Figure 3.4a.
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Figure 3.4. UV-vis Absorbance as a Function of Wavelength for V3* in HCIL, H2SO4, and mixed HCI/H2SO4
Electrolytes. (a) Experimental V3* spectra for HCI (0.2 M VCl; + 1 M HCI), H,SO4 (0.2 M VOSO4 + 0.5 M H,SOy),
and HCI/H,S04 (0.2 M VCls + 0.5 M H>S0Os) obtained by reducing vanadium salt (either VOSO4 or VCl3) completely
to V2" and oxidizing back to V3*. (b) The 3T, — 3T, transition peak for V3* obtained as in (a) for solutions by addition
of sodium sulfate and sodium chloride separately to obtain spectra at various SO4>~ (0.7, 1.7, 2.2, and 2.7 M SO4*")
and CI” (1.6, 3.1, 4.6, and 5.6 M CI") concentrations. (¢) Theoretical V3" spectra of complexes: [V(H20)s]*",
[V(H20)5S04], and [V(H20)4Cl,]" obtained by TDDFT. For atom/ions in complex, grey depicts vanadium, red for
oxygen, white for hydrogen, green for chloride and yellow for sulfur. (d) Experimental peak location of *T1g — T,
transition for V3* complex at various SO4* and CI” concentrations (as in (b)) showing first order dependence on
[SO4%7] and second order dependence on [CI7].

The peak locations in the V** spectra in HCI (1.6 M CI") appear at ~400 nm (*T1 (F) — *T1g
(P))**3! and ~588 nm (°Tiy — 3T2)**?! and resemble the spectra of [V(H20)s]>" with only the
perchlorate anion present (Figures 2.1 and 2.2 in Chapter 2).!* As the Cl~ concentration is

increased from 1.6 M to 5.6 M, the *Ti; — T, peak shifts to higher wavelengths, Figure 3.4b, in
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agreement with previous studies of V3" at high CI™ concentrations.!>*? We attribute this shift to an
increase in the fraction of V3" complexes with C1~ in the V** coordination sphere rather than only
water. Our theoretical UV-vis spectra for [V(H20)4Cl2]" also shows a shift towards higher
wavelengths compared to [V(H20)6]*", Figure 3.4c. Thus, in the HCI electrolyte we used for
kinetic studies (1.6 M CI"), we have a distribution of V** complexes with chloride (either of the
form [V(H20)sCl]** or [V(H20)4Cl2]" based on previous DFT studies™'!) and water-only
([V(H20)6]*"), although the exact distribution cannot be determined without knowing the exact
peak locations for the pure coordinated complex. The 3Tig — T, peak location shows a second
order dependence on [C17] as shown in Figure 3.4d, indicating that [V(H20)4Clz]" forms in HCI
rather than [V(H20)sCl1]*", because the single chloride complex cannot show a second order
dependence in [Cl]. This structural assignment requires the assumption that the peak location is
proportional to the ratio of the chloride complex to the total amount of V3, as discussed in SI.

In H>SO4, with increasing SO4>~ concentrations the 3Ty — T2 transition peak shifts towards
higher wavelengths compared with HCI, Figure 3.4b, indicating SO4>~ enters the first coordination
sphere of V3*. We hypothesize [V(H20)s]*" undergoes ligand exchange to form [V(H20)sSO4]" in
H,SOs, because the *T1y — 3Tz, peak location shows a first order dependence on [SO4* 7], Figure
3.4d, as opposed to the second order seen for chloride. The argument that [V(H20)sSO4]" is formed
in H2SO4 rather than [V(H20)4(SO4)2] is further supported by the higher absolute absorbance of
the 3Ty (F) — 3Tig (P) and T1y — T, transitions compared with the [V(H20)6]*" complex in
both experimental (Figure 3.4a) and computational (Figure 3.4¢) UV-vis spectra, attributed to the
loss of the inversion center and 0, symmetry by addition of a single sulfate ligand in the V3"
coordination sphere. The V** spectra in HCI/H2SO4 shows the same peak locations and intensity

as H2SOy4, Figure 3.4a, thus we infer a similar complex distribution is present (i.e., [V(H20)sSO4]"
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and [V(H20)6]*") in both these electrolytes. The absence of the [V(H20)4Clo]" complex in
HCI1/H2SOs (and in other mixtures of C17/SO4*~ shown in Figure S3.3) as identified by UV-vis is
likely due to the stronger complexation of sulfate than chloride.

We assume that at sufficiently low vanadium concentrations, the fraction of vanadium ions in
dimers is minimal. However, as the vanadium concentration is increased, the formation of dimers
becomes thermodynamically more favorable, and the increase in the fraction of dimers in solution
would result in either the appearance of new transition peaks or new shoulders in existing transition
peaks in the UV-vis spectra.®> As we do not observe changes in peak shapes or the appearance of
new transition peaks in the UV-vis spectra of V2" and V" with increasing vanadium concentration,
we assume no vanadium dimers are formed in our tested electrolytes.

Our analysis indicates the improvement in the kinetics in HCl only arises when the
[V(H20)4Cl2]" complex is present. The appreciable decrease in apparent activation energies (~17
kJ mol ! lower in HCI at 50% SoC evaluated by i,), Figure 3.3, but rather modest increase in rate
(~2.5 times) for HCI compared to H>SO4 or the HCI/H2SO4 mixture, Figure 3.2a, may be because
there is only a small fraction of the more kinetically active [V(H20)4Cl2]" complex in HCI, with
the balance being the less active [V(H20)6]*". Thus, the pre-exponential factor may be different
for the two mechanisms, i.e., lower in HCI, but because the apparent activation energies are lower,
the overall kinetics are faster in HCL.

We hypothesize the higher V>*/V3" activity in HCI arises because the CT occurs through a
chloride bridge (*Cl) in HCI, shown in Scheme 3.1b, as opposed to an OH bridge (*OH) in H>SO4
(Scheme 3.1a). Carbon electrodes are occupied with surface hydroxyl groups (*OH) groups in
aqueous media,?! which have been hypothesized to act as a bridge for electron transfer in H2SO4

for the V**/V** reaction,?’ consistent with the inner sphere mechanism behavior we observed here.
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Chloride is known to adsorb on carbon electrodes,** and the *Cl bridge enhances the CT compared
with the *OH bridge for metal ions because of the higher polarizability of *Cl compared with
*QH.?23336 A rate enhancement in the presence of CI™ has been reported for Cr**/Cr** 3738
Fe?*/Fe**,** and Cu?"/Cu* redox couples* on metal electrodes, hypothesized to be due to *Cl
acting as a bridge for CT. To our knowledge, the apparent activation energies of a *Cl vs *OH
bridge for an inner sphere CT over an electrode surface have not been previously reported for
V#/V3* or other similarly behaving redox couples like Cr**/Cr**, Fe?*/Fe*", and Cu*/Cu”.

To further test this mechanistic hypothesis involving bridges, we examined the V**/V** redox
kinetics in HBr, where we postulated a greater kinetic enhancement due to the formation of a
highly polarizable *Br bridge compared with a *Cl bridge.?**® Indeed, our current density
measurements vs overvoltage show a ~1.5 times rate enhancement in HBr ((9.82 + 0.04) x 1073
mA cm 2) compared with HCI ((6.49 £ 0.09)) X 107> mA cm2), and ~3.5 times rate enhancement
compared with H>SO4 ((2.89 £ 0.01) X 1073 mA cm2) at 50% SoC. The dominant V" and V3*

complexes in HBr were the same as identified in HC1 using UV-vis spectroscopy, i.e., [V(H20)s]*"

complex for V** and a distribution of complexes with the majority as [V(H20)s]>" and a minority
as [V(H20)sBr]*" or [V(H20)4Br2]" for V3*. Rate enhancement in HBr compared with HCI has
been reported for the V2*/V3* redox couple on mercury electrodes due to bromide bridging,*' but
there have been no reports for this enhancement observed on carbon electrodes.

Ultimately, there are several pieces of evidence that support the formation of a chloride
intermediate for the V?*/V3" reaction. In bulk solution, UV-vis shows the presence of small
concentrations of [V(H20)4Clz]" in HCI. When this complex is observed, the reaction has a lower

apparent activation barrier, a higher exchange current density, and a change in the total number of

electrons involved, implying a change in mechanism, which we attribute to the involvement of the
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chloride species in the reaction. Previous kinetic studies of other redox couples like Cr**/Cr>* 3738
Fe?*/Fe**,%* and Cu?*/Cu" in presence of chloride*® show enhanced kinetics in comparison with
non-interacting HC104, which were attributed to *ClI acting as a bridge instead of *OH. The faster
electron transfer kinetics of the *Cl compared to the *OH were predicted to be due to better
electronic coupling based on ab initio molecular orbital theory calculations.*® The improved
kinetics for the V>*/V3* reaction that we observe in HBr in comparison with HCI also imply the
halide is part of a reaction intermediate. However, the chloride (or bromide) surface intermediate
has not been detected in any of the systems mentioned above. In situ or operando spectroscopy
techniques such as x-ray absorption, nuclear magnetic resonance, and Raman are necessary to
identify the structure of the adsorbed intermediate. Computational studies using techniques such

as ab initio metadynamics to compute adsorption and reaction free energies’!*?

could also help
clarify the possibility of a chloride intermediate on the electrode surface which we discuss further
in upcoming chapters.

As summarized in Scheme 3.1a, in H2SO4 and HCI/H2SO4 we propose that the hexa-aqua V>*
complex, [V(H20)s]**, binds with the adsorbed *OH after shedding a water ligand, similar to
trivalent chromium.*®> The V?' adsorption process involves loss of a proton, forming an
*[0O—V(H20)s]*" intermediate (i.e., V>* adsorbed to glassy carbon via an *OH bridge). This
intermediate then transfers an electron through the *OH bridge to oxidize V> to V**. After the
CT, the *[O—V(H20)s5]*" intermediate desorbs, taking a water or sulfate ligand into the bulk
electrolyte. In the bulk solution, [V(H20)s]** can undergo ligand exchange to replace the H.O
ligand by SO4>~ or SO4*" is added directly during the desorption step, forming the [V(H20)sSO4]"

seen by UV-vis in H>SO4 and HCI/H2SOs. We attribute the similar kinetics we observe in

HCI/H2SOs and H»SOs4 to the high SO4* concentration in HCI/HSO4, which causes
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[V(H20)sSO04]" to dominate as opposed to [V(H20)4Cl2]*. We hypothesize that at sufficiently high
CI” concentrations, even in mixed HCI/H>SO4 systems, there may be a catalytic effect such as that
observed in HCI, possibly explaining the higher current densities in mixed-acid full cell systems,
46 where the C1~ concentrations are much higher than those used in our work here. More work on
the concentration dependence is needed to verify this hypothesis.

In HCI, the adsorbed CI™ (*Cl) on glassy carbon can act as a bridge for CT (Scheme 3.1b).
Based on the results from impedance and steady state current measurements, this mechanism is an
overall two-electron transfer, with a one-electron RDS. Although we do not have definitive proof
for a specific mechanism, we propose two mechanisms here that are consistent with our measured
data. One possible mechanism is that two adsorbed vanadium intermediates form a dimer on the
carbon surface to facilitate two electron transfer, after which the dimer desorbs/dissociates (no
dimers were detected in bulk solution by UV-vis, as mentioned above). Another possible
mechanism involves formation of V#' as a reaction intermediate, which reacts with V> undergoing
a comproportionation reaction observed in a previous study in perchlorate solutions* to give V**,
facilitating an overall two electron transfer. A similar mechanism as that shown in Scheme 3.1b

may occur in HBr, but additional tests are needed.
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Scheme 3.1. Proposed Catalytic Cycle of V2" Oxidation to V** on Glassy Carbon in H2S04, HCI/H2SO4, and
HCI Electrolytes. V3" Reduction is Assumed to Follow the Reverse Reaction. (a) In H>SO4 and HCI/H>SOy: (i) V*
ion as [V(H,0)6]*" adsorbs to *OH on the glassy carbon surface after shedding a water ligand. The adsorption of V2
involves the loss of a proton, forming *[O—V(H,0)s]**; (ii) Electron transfer occurs through the *OH, acting as a
bridge and leading to oxidation of V2* to V3*. We call the bridge here *OH by convention, although it may be an *O
bridge due to the loss of the proton to the solution; (iii) The adsorbed intermediate *[O—V(H20)s]*" desorbs (taking
on a water or sulfate ligand), with addition of H" leading to regeneration of the adsorbed *OH species on the glassy
carbon surface. [V(H20)s]*" in the bulk electrolyte can exchange a water ligand with SO4*” to form [V(H,0)sSO4]" or
it may directly take the SO4>~ ligand when desorbing. (b) In HCI: V** adsorbs onto the glassy carbon surface through
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a *Cl bridge. The adsorbed species may undergo two-electron transfer via two possible postulated routes: (i) Two
adsorbed vanadium intermediates can interact to form a dimer, facilitating two electron transfer, followed by
desorption/dissociation to give [V(H20)4Clo]"; (ii) Adsorbed V' can undergo a comproportionation reaction with
adsorbed V*' formed as an intermediate to form V3, which desorbs to give product [V(H20)+CL]*. Note that
[V(H20)5SO4]* shown in Scheme 3.1a is the majority complex formed in H,SO4 and HCI/H,SO4, while [V(H20)4Clz]*
shown in Scheme 3.1b is the minority complex formed in HCIl because we believe these are the kinetically most
relevant species in the given electrolytes, as discussed in the main text.

3.4 Conclusions

The work in this chapter gives further evidence that the V?*/V>* reaction involves inner sphere
charge transfer on glassy carbon, based on rate measurements in different electrolytes that confirm
the presence of an adsorbed intermediate. The precise inner sphere CT mechanism is shown to
depend on the choice of acidic electrolyte, based on different rates, activation energies, and the
total number of electrons transferred. Two independent electrochemical techniques for estimating
i, indicate faster V>*/V** redox kinetics with an overall two-electron transfer in HCI as opposed
to a kinetically slower single-electron transfer in HoSO4 and HCI/H2SO4. UV-vis spectroscopy
measurements confirm that V2" is only complexed by water as [V(H20)s]*" and identifies the V>*
complexes formed in the electrolytes in which we measured V>*/V3* kinetics. In HCI, the V3"
exists as a mixture of [V(H20)6]*" and [V(H20)sCl2]*, whereas in H2SO4 and HCI/H2SOy4, the V3*
exists as a mixture of [V(H20)sSO04]" and [V(H20)6]*". We hypothesize that the CT in the V2*/V3*
reaction goes through a bridging ligand, and the higher rate in HCI than H>SO4 or HCI/H2SO4 is
due to the higher polarizability of the *Cl bridge than the *OH bridge, which leads to enhanced
CT through the *CI bridge. This is supported by testing the V>*/V** redox kinetics in HBr, which
shows higher activity than in HCI, attributed to the higher polarizability of *Br compared with
*Cl. Electrolyte engineering to ensure the presence of more effective bridges to facilitate CT may
be a method to improve VRFB kinetic performance in full cell systems. Overall this chapter

highlights the importance of identifying the structures of complexed species in interpreting kinetics
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and the use of multiple independent electrochemical techniques to gain valuable mechanistic
insights into fundamental CT reactions.

3.5 Supporting Information

3.5.1 Starting Electrolyte Preparation

Solutions of the required concentrations are prepared by dissolving vanadium(III) chloride
(VCls, 99% metals basis, Alfa Aesar), vanadium(IV) sulfate hydrate (VOSOg4 - xH20 [x assumed
to be 5], > 99.99% trace metals basis, Sigma Aldrich) or vanadium(V) oxide (V20s, > 99.6% trace
metals basis, Sigma Aldrich) in desired electrolyte concentrations of sulfuric acid (H2SOs,
99.999%, Sigma Aldrich), hydrochloric acid (HCI, ACS reagent 37%, Sigma Aldrich),
hydrobromic acid (HBr, 48%, Sigma Aldrich) or perchloric acid (HCIO4, 60%, Fisher Chemical).
All water used for preparing solutions and cleaning is purified using a MilliporeSigma Synergy
UltrapureWater Purification System (18.2 MQ cm resistivity).

VCl; is used as the vanadium source for HCl, VOSOs for H»SO4, and V205 for HBr and
HCIlO4 to avoid having a mixture of anions in those electrolytes. Desired concentrations of VCl3
and VOSOys are completely soluble in HCI and H>SO4, however V20s is not completely soluble in
HCl10O4. V20s is dissolved in HCIO4 by pre-electrolysis (discussed below), which reduces the
amount of vanadium in 5+ oxidation state, allowing more vanadium to dissolve in HC1O4 until
V1,05 reaches its solubility limit in HCIO4. Eventually, all the V2Os is dissolved and reduced to
V** during pre-electrolysis. V20s is completely dissolved in HBr under continuous stirring after
48 hrs.

3.5.2 Electrochemical Cell Assembly and Setup
A two-compartment cell is used for all electrochemical measurements. The two

compartments are separated by a Nafion N117 (Fuel Cell Store) proton conducting membrane,
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which is presoaked in the supporting electrolyte for at least two hours prior to beginning of each
experiment. The working electrode compartment is filled with 160 mL of prepared vanadium
solution, and the counter electrode side is filled with 35 mL of supporting electrolyte (i.e., solution
with no vanadium ions) with the same H" concentration as the prepared vanadium ion solution.
H2SO4 1s used on the counter electrode side instead of HCI for measurements of kinetics in HCI
electrolyte to prevent Cl> evolution through oxidation of CI™ during pre-electrolysis discussed
below. A procedure similar to HCI is used to test in HBr. A graphite rod (99.9995% metals basis,
Alfa Aesar) is used as the counter electrode and a single junction Ag/AgCl electrode (Pine
Research) is used as the reference electrode. A VSP potentiostat/galvanostat with a built-in EIS
analyzer (Biologic Science Instruments USA) is used for all electrochemical measurements.
During all kinetic measurements a glassy carbon disk is used as the working electrode. For both
pre-electrolysis and oxidizing to control the SoC, graphite felt (6.35 mm thick, 99.0%, Alfa Aesar)
supported on a graphite rod (DFP grade, Pine Research) is used as the working electrode to
increase the surface area of the electrode to minimize the time required for pre-electrolysis. During
all electrochemical measurements, the electrochemical cell is continuously sparged and blanketed
with N> gas (Ultra high purity grade, 99.999%, Cryogenic Gases) to prevent Oz from reaching
inside the cell and oxidizing the V",
3.5.3 Pre-electrolysis to Produce V>* and Oxidizing Back to V3* to Reach Desired States

of Charge

The potential is held constant at —1.13 V (vs Ag/AgCl) until all the vanadium ions are
reduced to the V2" oxidation state, regardless of the vanadium source. The current becomes nearly
constant after all vanadium ions are reduced to V**, but never drops to zero because hydrogen

evolution reaction continues to occur. The negative potential of —=1.13 V vs Ag/AgCl is applied to
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pass reducing currents until there is no change in the UV-vis spectrum of samples taken from the
working electrode compartment, confirming all vanadium ions in solution are reduced to V>*. The
solution at the counter electrode side is replaced with freshly prepared H2SO4 with the same H"
ion concentration as the working electrolyte in HCl and HC1/H2SO4 to prevent the contribution of
currents from reduction of Clo. The Cl, can reach the working electrode compartment due to the
crossover of the dissolved Cl> through the Nafion membrane from the counter electrode side, as is
detected when the counter electrode compartment is not replaced with fresh HoSOs4 solution. A
similar process as for HCI is used for measurements in HBr.

To reach to a desired SoC, the working electrode potential is held constant at 0.08 V vs
Ag/AgCl until the required amount of V> ions are oxidized to V**, which is confirmed by
obtaining concentrations from UV-vis spectra by Gaussian curve fitting (discussed in Chapter 2)
in the wavelength region from 350—1100 nm. The current decreases to zero once all the V** ions
are oxidized to V>*, which can also be confirmed by no absorbance between 7001100 nm (in
which both V2" and V*" have characteristic peaks).***¢
3.5.4 Theoretical UV-vis spectra Calculations

Theoretical UV-vis spectra of hexa-coordinated V** complexes (i.e., [V(H20)]*",
[V(H20)5S04]", or [V(H20)4Cl2]") are computed based on Time Dependent Density Functional
Theory (TDDFT) in four steps, all carried out using the NWChem software.*’ In the first step,
quantum mechanics/molecular mechanics*® (QM/MM) based molecular dynamics simulations of
V3* complexes are performed in a 25 x 25 x 25 A3 periodic box for 50 ps in the NVT ensemble
using the Berendsen thermostat*’ at 300 K. The QM region, treated using the B3LYP hybrid
functional’® and the 6-31G* basis set, contain the hexa-coordinated V** complexes. The MM

region using Amber99 force field>® contain 510 explicit H>O molecules and one or three C1~ anions
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depending on the complex to neutralize the system’s overall charge. Van der Waals parameters for
the V3" force field to treat the interactions between the QM and MM regions is taken from Ref.
51. After a 10 ps equilibration period,’> geometry snapshots is taken every 1 ps (total of 50
geometry snapshots) from the QM/MM trajectories for further processing. Each snapshot is then
truncated to include the V" complex, anions, and 40 explicit H,O molecules for geometry
optimization.

In the second step, all truncated snapshots are geometry optimized with the B3LYP
functional corrected for van der Waals interactions using Grimme’s D3 method (B3LYP-D3).%3
NWChem’s COSMO solvation model** is also included to treat long-range implicit solvent effects
of water (in steps 2—4). Note, the QM/MM simulations (step 1) are performed in periodic box, but
steps 2—4 were all non-periodic calculations. To enable computational tractability while retaining
high accuracy, a mixed Gaussian basis set is used during geometry optimizations, with Def2-
TZVPPD>® used for V3" ion, 6-31G* for the first solvation shell (i.e., the six H,O molecules and/or
anion(s) complexed to the V3" ion) and anions, and 3-21G for the solvent H,O molecules (denoted
as Def2-TZVPPD/6-31G*/3-21G).

In the third step, TDDFT calculations>® are performed on all 50 of the optimized geometries
using B3LYP-D3 to obtain the first 10 excited states and their oscillator strengths. The same Def2-
TZVPPD/6-31G*/3-21G basis sets and COSMO settings used for ground-state geometry
optimizations are employed for TDDFT calculations. Roots are Lorentzian broadened with a width
of 0.3 eV to obtain a UV-vis spectrum for each optimized geometry. The width of Lorentzian
broadening is selected to obtain broadening comparable with experimentally observed spectra.

Lastly, in the fourth step, the 50 UV-vis spectra for the corresponding V** complex are

averaged to obtain the final spectrum. Benchmark calculations of B3LYP-D3 against the range
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separated CAM-B3LYP-D3 functional show no difference in UV-vis spectra, indicating that long-

range CT states are not critical to treat.”’ Additionally, TDDFT calculations including the first 50

excited states have no effect on the energies and a less than 0.2% effect on the oscillator strengths

compared with using just the first 10 excited states.

3.5.5 Predicting the Number of Anions in V3* Inner-Coordination Sphere Using UV-vis
Consider a ligand exchange reaction where x water ligands in the inner coordination sphere

of V" are replaced by x anions, with each anion having a single negative charge:
3+ . — - — (3_x)+
[V(H,0)¢]°" + x anion™ 2 [V(HZO)(G_x) (anion )x] + x H,0

The equilibrium constant (K,,) at standard conditions for the above reaction is related to the
products and reactants as:

Ly 1B=)+
_ [V(Hzo)(e—x)(amon )x]

° [V(H,0)6]3* (anion™)*

The concentration of water (~55.5 M) in the electrolytes remain fairly constant due to the
low anion concentrations used, so we assume the water concentration remains at its standard
concentration and can thus be omitted in K., defined above. Re-arranging the above equation to
I

obtain the ratio of anion complexed V3* (i.e., [V(H,0)(s_y) (anion™), _x)+) to only water-

complexed V¥ (i.e., [V(H,0)4]3"):

.y 18-+
[V(HZO)(G_x)(amon )x] *

[V(H,0)6]°*

= K,q (anion™)* (eq. S3.1)

Thus, the ratio of anion-complexed V** and water-complexed V3" is proportional to the

concentration of anion raised to the power of x.
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From the UV-vis spectra of V' at varied anion concentrations, we can relate the peak
location (in nm) corresponding to Ty — T2 to concentrations of anion-complexed V** and

water-complexed V3" as:

P[V(HZ 0)(6-2) (anion')x](3_x)+

](3—x)+

B < [V(H2 0) (6-x) (anion™),

— + P[V(H O) ]3+
[V(H,0)6]3* + [V(H,0) (6—x) (anion),]" "“) 2

. . 3 3 ..
where P[V (H:0) 6 (anion), ¢ and Ppy(y,0),13+ 18 the peak location of “Tig — “Tag transition

for a solution containing only anion-complexed V** and water-complexed V3", respectively and y
is the shift in peak location of 3T, — *Ta, transition of only anion-complexed V3" relative to only
water-complexed V3",

For low concentrations of anion-complexed V>  (ie,[V(H,0)¢]3t >

°

[V(H2 0) (6-x)(anion™), _x)+), the above equation simplifies to:

p _ [V(Hzo)(e—x) (anion_)x]
[V(H;0) gy amion™), | * 2 = ¥ [V(H,0)6 3

(B-x)+
) + P[V(H20)6]3+ (eq S32)

Combining eq. S3.1 and S3.2 we get:
P[V(HzO)(G_x)(anion_)x](s_x)+ - )/(Keq (anion™)*) + P [V(H20)6]%* (eq. S3.3)

Thus the dependency of peak location of *Tjs — T2, transition (at low concentrations of
anion complexed V") can be used to estimate the number of anions that are entering the V** inner

coordination sphere.
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3.5.6 Supporting Figures
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Figure S3.1. Tafel Slopes of V2*/V3* Reaction on Glassy Carbon in H2SO4, HCI/H2SO4, and HCL Tafel slopes as
a function of State of Charge for VZ*/V3* reaction in H,SO4 (0.2 M VOSOs + 0.5 M H,S04), HCI/H,SO4 (0.2 M VCls
+ 0.5 M H>S04), and HC1 (0.2 M VCI3 + 1M HCI).
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Figure S3.2. Exchange Current Density of V>*/V3* Reaction on Glassy Carbon in HCI/H:804 Using Two
Independent Methods. Exchange current densities as a function of State of Charge for HCI/H,SO4 (0.2 M VCI; +
0.5 M H>SO4) obtained by: (i) (solid line) Using the Tafel equation, and (ii) (dashed line) Charge transfer resistance
(R.¢) at open circuit voltage considering one electron transfer.
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Figure S3.3. UV-vis Spectra of V3* at Varying Concentrations of SO4*” and CI". UV-vis absorbance of V3" as a
function of wavelength at room temperature (T = 23.3 °C) in the HCI (0.2 M VCl; + 1 M HCI) with increase in (a)
SO4*" and (b) CI” anion concentration and HySO4 (0.2 M VOSO4 + 0.5 M H,SO,) with increase in (¢) SO4>~ and (d)
CI anion concentration. V3" spectra are obtained by reducing vanadium salt completely to V' and oxidizing back to
V3* followed by the addition of sodium sulfate or sodium chloride to obtain spectra at high SO4* (2.7 M SO4*") and
CI” (5.6 M CI") concentrations.
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Chapter 4 : The Effect of Anion Bridging on V>*/V** Charge

Transfer”

* This chapter is adapted with permission from Agarwal, H.; Florian, J.; Goldsmith, B. R.; Singh, N. The Effect of
Anion Bridging on Heterogeneous Charge Transfer for V2*/V3*. Cell Reports Phys. Sci. 2021, 2 (1), 100307. The
computational portion of the work is conducted by Jacob Florian.

4.1 Summary

In this chapter, we provide insights into the V>*/V3" reaction mechanism in HC1O4, H2SO4,
HCI, HBr, and HI. We identify the V> and V" structures in these electrolytes using Extended X-
ray Absorption Fine Structure, UV-vis, and density functional theory. We show that V*/V**
kinetics correlate with the energy of vanadium intermediate bound to carbon through a bridging
anion (*[bridge—V>*]). The anion-induced kinetic enhancement is from a decreased activation
energy because of changing *[bridge—V>"] energy. The *[bridge—V>"] energy increases in the
order of anion polarizability (OH™ < CI" < Br™ < I), explaining previous reports that correlate
anion polarizability with kinetics of other 3d transition metal ion redox couples.
4.2 Introduction

The enhancement in kinetics observed for V2*/V>" in the presence of C1~ discussed in Chapter
3 is also seen for Cr**/Cr’*,!? Fe*/Fe**? and Cu'/Cu®" redox couples on metal electrodes.*
Moreover, the extent of kinetic enhancement for Cr**/Cr>* on mercury electrodes follows the order
I">Br > Cl” > OH.! Anion coverage, which mirrors the order of kinetic enhancement, is one
explanation used to rationalize the effect of anions on charge transfer (CT) in Cr**/Cr**, Fe**/Fe*",

and Cu'/Cu*' redox couples.!> An increased anion coverage (Scheme 4.1b) would affect the
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kinetics by increasing the concentration of active intermediates, resulting in a higher apparent
frequency factor. The enhancement trend is also in the same order as increasing polarizability of
the free anion (i.e., I > Br > Cl” > OH"); thus, the polarizability of the anion is also hypothesized
as a cause of this enhancement.®® Although anion polarizability correlates with the enhancement
in kinetics, it is unclear why polarizability of the anion would describe the kinetics of various
transition metal ion redox couples considering the anion polarizability is just the extent of electron
cloud distortion in the presence of an electric field,”*!° and neither accounts for the presence of
the electrode surface nor the metal ion involved.

Anions can affect the structure of the adsorbed metal-anion intermediate or the metal ion
complex in solution by entering the first coordination sphere. Therefore, rather than only
considering anion polarizability or anion coverage (Scheme 4.1b), the metal ion itself should have
a major effect on kinetics (Scheme 4.1a). Currently, the dearth of molecular level understanding
of the CT pathway has made it difficult to explain how anions influence the redox kinetics for

transition metal ions.

Scheme 4.1. Two Possible Causes for the Anion Effect on Charge Transfer Kinetics of Various Transition Metal
Ion Redox Couples including V**/V3* on Electrodes (e.g., Glassy Carbon). (a) Metal (M) ion complex adsorbed
via an anion bridge (*[bridge—-M]) whose energy controls the kinetics. (b) Anion coverage controlling the
concentration of active intermediates. Atom color legend: dark gray = electrode (e.g., glassy carbon), light gray =
metal (e.g., vanadium), red = oxygen, white = hydrogen, green = anion (e.g., chloride).
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The challenge in understanding the role of anions on the kinetics and CT mechanism of metal
ion redox couples arises from four shortcomings in the literature: (i) rates are not always measured
under kinetic control and are often not normalized by electrochemical active surface area, (i)
apparent activation energies (E,) and frequency factors are not evaluated, which makes it difficult
to know if kinetic enhancement is related to lowered activation energy of the rate determining step
(RDS) or increased coverages, (iii) the structure of the reacting species in different electrolytes is
not known under electrochemical conditions, and (iv) first-principles modeling has not been
utilized to understand the influence of anion coverage and adsorption strength of the metal-anion
intermediates on CT. We address these four shortcomings in literature, focusing on the V2*/V3*
redox couple, by a combined experimental and computational study. This combined analysis
enables us to understand the energetics of the vanadium-anion adsorbed intermediate and propose
a reaction mechanism that explains the kinetics of V>*/V** in all tested electrolytes.

In this chapter, we demonstrate by operating under kinetically limiting regimes that the
exchange current densities (i,) of the V2*/V3* reaction on glassy carbon (GC) increase in the order
H>SO4 <HCI1 < HCIO4 < HBr < HI, with the apparent activation energies (E,) following the order
H>SO4 > HCI1O4 > HCI > HBr > HI. The reaction kinetics in a mixture of HI/H>SO4 is close to that
of pure H>SOs, which we attribute to SO4>~ preventing the formation of the active intermediate
responsible for the high activity in HI. The decrease in E, for V**/V3* occurs in the order of
increasing polarizability of the anion that forms the bridge for CT. However, the apparent
frequency factor, which is proportional to the coverage of the active intermediate, follows an order
that is opposite to the DFT-predicted anion coverages. This contradiction suggests that the kinetic

enhancement does not result from higher anion coverage.
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We use Extended X-ray Absorption Fine Structure spectroscopy (EXAFS), Molecular
Dynamics EXAFS (MD-EXAFS), UV-vis spectroscopy, and ligand-exchange free energy
calculations (AGL) to identify the structures of V>" and V>" in these five electrolytes. We in
particular report the structures of V>* and V** in commercially used H>SO4 and HCI using EXAFS.
V?* exists in hydrated form as [V(H20)s]*" in all the electrolytes, whereas V> complexes with
anions. We find that the V**/V3* reaction kinetics increases with decreasing adsorption strength of
the *[bridge—V>*] intermediate (i.e., increase in energy of the vanadium-anion intermediate). This
finding is supported by a postulated mechanism that fits the observed experimental behavior.

We postulate the adsorption strength of the metal-anion intermediate, similar to V>*/V>", can
be used to control the heterogeneous CT for other reactions that obey a similar anion-bridging
mechanism such as Cr?*/Cr**, Fe?*/Fe**, and Cu’/Cu?*. The structure of the reacting species, the
identity of the anions, and the electrode surface all affect the energetics of the formed intermediate
and should be considered when interpreting inner sphere CT kinetics.

4.3 Results and Discussions

4.3.1 V?*/V3* Reaction Kinetics on Glassy Carbon

We report the i,, reaction orders, and E, for the V2*/V3" reaction on GC in five acidic
electrolytes obtained from steady state current (Tafel method) and impedance measurements (CT

Resistance method). The data in Figure 4.1 shows that the V>*/V3 reaction kinetics varies with

2+
State of Charge (SoC = %) in HCIO4, HBr, and HI, similar to HCI and H>SOs. The i,

increases (Figure 4.1a) and the E,; decreases (Figure 4.1b) with increasing SoC in HBr, HCI, and
H2SO4. On the other hand, the i, displays a maximum (and minimum in E;) between 50—80%
SoC in HCIO4 and HI. The i, are evaluated in the kinetically limiting regime using the oxidation

currents to prevent contributions from hydrogen evolution reaction (HER).
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Figure 4.1. Kinetic Parameters for V>*/V3* Reaction on Glassy Carbon in HC104, H2SO4, HC1, HBr, and HI
Acidic Electrolytes. (a) Exchange current densities and (b) Apparent activation energies as a function of State of
Charge for the VZ'/V*" redox reaction evaluated from the Tafel method in 1 M HI, 1 M HBr, 1 M HCIOs, 1 M HCI,
and 0.5 M H,SO4 at 0.2 M total vanadium ion concentration. Values for H,SO4 and HCI are taken from reference 11.
The exchange current densities are unchanged in 1 M H>SOs in comparison to 0.5 M H,SO4. The counter electrolyte
is HCIO4 instead of H,SO4 for studying HI to prevent contamination from SO4>~ crossing through the membrane. The
H* ion concentration in the electrolyte in the counter electrode compartment is the same as that of the working
electrolyte. All measurements are conducted at room temperature (T = 23.3 °C).

By comparing exchange current density evaluated using the Tafel method (i,) and CT
Resistance method (i, g, ), we show that the VZ*/V3* reaction is an overall two-electron transfer
reaction with one electron in the RDS in HBr, the same as in HCI1 (Figure S4.1). In contrast, the
V#/V3* reaction is overall one-electron transfer in HCIO4 and HI (Figure S4.2), the same as in
H>SO4. This overall two-electron transfer behavior observed in HCI and HBr may arise either due
to the formation of vanadium dimers on the electrode surface, a comproportionation reaction
between adsorbed V2" and V* on surface to form V**,!'12 or the partial CT from halide when
vanadium di-halide (chloride and bromide) complexes are formed in solution as discussed in
Chapter 3. Despite the difference in the overall number of electrons, the Tafel slopes (b) in all
these electrolytes range from 120—150 mV decade ! (Figure S4.3), corresponding to an RDS with
one-electron transfer.
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Because i, includes the contribution of both apparent frequency factor and E,;, we measure
both i, and E, to understand how anions influence the kinetics. These measurements enable us to
distinguish if the kinetic enhancement is related to the apparent frequency factor or E,. The i, of
the V?*/V3" reaction in these electrolytes increases in the order of H2SO4 < HC1 < HC1O4 < HBr <
HI. The E, decreases in the order of HClO4 > HCI > HBr > HI and follows the same order as the
anion polarizability (OH™ <CI" <Br <I"). The decreasing E, with increasing anion polarizability
implies that an adsorbed vanadium species with an anion bridge may act as an intermediate in the
overall CT mechanism. The i, in HCIO4 is higher compared with HCI1 (Figure 4.1a), despite its
higher E, (Figure 4.1b) because the i, contains contributions from the apparent frequency factor
in addition to E,. We hypothesize the slow kinetics in H»SO4 arises from SO4>~ preventing the
formation of an active intermediate, because SO4>~ cannot act as a bridge for CT reactions.!?

To clarify the reaction mechanism, the reaction orders of V2* and V** in different
electrolytes are extracted by regression analysis on i, and are given in Table 4.1. No dependence
on the total vanadium concentration in H>SO4 was shown in Chapter 3, and the behavior with
SoC was explained by V" and V** having equal and opposite reaction orders (i.e., positive order
for V2 and a negative order for V3*).!! Reaction orders evaluated in H2SO4 here (Table 4.1)
corroborate this finding. Due to the same qualitative trend in i, (and E,) with SoC in HCI and HBr
(Figure 4.1) as in H2SO4, the V2" and V3" orders in HC1 and HBr are also evaluated assuming they
are equal and opposite (Table S4.1). In contrast, both V" and V3* have positive orders in HI and
HCIO4 (Table S4.1), which explains the maxima observed in i, around 50—-80% SoC in Figure
4.1. Although an outer sphere CT reaction rationalizes the positive orders for both V** and V3* in
HCIO4 and HI, an outer sphere CT reaction cannot describe the observed negative reaction order

of V3* in H»SO4, HCI, and HBr as discussed in the Supporting Information (SI). Therefore, we
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choose a single inner sphere CT reaction mechanism described below that explains the reaction

order behavior in all electrolytes.

Table 4.1. Reaction Orders for V>*/V3* on Glassy Carbon in H2SO4 and HI by Regression. The orders are
calculated from exchange current densities at different total vanadium concentrations (0.05, 0.1 and 0.2 M V) at room
temperature using regression.

Electrolyte [V3*] order () [V3*] order ()

io io'Rr_'t io iO,Rct

H>SOq4 0.25 0.22 -0.25 -0.23

HI with HCIO4 on 0.67 0.68 0.28 0.32
counter electrode

The experimental V>*/V3* rate measurements in these electrolytes can be explained by a
simple inner sphere microkinetic model involving adsorbed vanadium through an anion bridge as

an intermediate (Scheme 4.1a):

V2+ _l_*(:) *V2+ (1)
* V2T 2 « V3T + e (2)
>|<\/3+ 2 V3++* (3)

Here * represents a glassy carbon active site, which is either free or occupied by a reactive species.
The i,, assuming the single electron transfer in step 2 is the RDS (based on the measured Tafel

slopes, Figure S4.3), can be written as (derived in the SI):

2+ 3+ (nk(:z_a))
nFk,K,[V**] ([V ]) (eq. 4.1)

o T VT + KV + D\ Vo]
where F = Faraday’s constant, @ = transfer coefficient, n, = number of electrons involved in the
RDS (1), n = total number of electrons involved in the reaction, k, = standard rate constant for
step 2 (i.e., rate constant at the V2*/V3" standard redox potential), and K, and K5 are the adsorption

constants for V2" and V37, respectively.
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A reaction model involving an adsorbed anion (Scheme 4.1b) can also explain the
observed reaction orders of V2* and V" in all the electrolytes as discussed in the SI, with the
reaction kinetics proportional to the coverage of anions on the electrode surface.!> Although the
mechanisms associated with Schemes 4.1a and 4.1b both explain the observed reaction orders, we
will discuss further evidence to distinguish them in Section 4.3.5. Because the only evidence of

an overall two electron transfer reaction is the comparison of i, and i, , and there is a lack of

spectroscopic evidence of an adsorbed surface intermediate, we choose a simple reaction model
involving overall one electron transfer (in RDS), consistent with the observed Tafel slopes (Figure
S4.3) in all electrolytes studied here. More complex multi-step reaction mechanisms could also
describe the observed kinetic behavior, but we choose these two basic models to follow the
principle of Occam's razor.'*

We also investigate the V>*/V3" reaction kinetics in mixtures of anions to understand the
relative energy of the formed vanadium-anion intermediates and the anion coverage. We expect
the largest difference in the adsorption energy or concentration of the active intermediate between
the electrolytes that have the largest difference in observed kinetics. Thus, we study the V>*/V3*
kinetics in a mixture of I (highest activity) and SO4>~ (lowest activity) in the following section. If
the vanadium-sulfate intermediate is lower in energy than the vanadium-iodide intermediate, or
the coverage of SO4%" is higher than I on GC, the kinetics in the HI/H>SO4 mixture will be more
similar to H>SO4 than HI, and vice versa.

4.3.2 Influence of Sulfate Anions on V2*/V3* Reaction Kinetics

We observe that the presence of sulfate/bisulfate (SO4*/HSO4 ) decreases the V*/V3*

kinetics in HI. The i, in HI with H2SOy4 in the counter electrode (CE) compartment is much lower

in comparison with non-interacting HCIO4 in the CE compartment (Figure 4.2a) and nearly
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matches the i, in pure HoSO4 at the same SoC, shown by the flat solid line in Figure 4.2a. In our
experimental setup, we use a Nafion-117 proton-exchange membrane to separate cell
compartments. We hypothesize that SO4?> /HSO4 anions cross through the membrane and
suppress the kinetics. The data in Figure 4.2a supports this hypothesis, because the V2*/V3*
kinetics decrease upon increasing the amount of NaHSO4 in HI, even with HCIO4 in the CE
compartment. At sufficiently high NaHSO4 concentrations, the i, is comparable to the case of HI
with H2SO4 in the CE compartment. Even though the perchlorate anion will also cross-over to the
working electrode compartment when using HCI1O4 in the CE compartment, the kinetics in HI will
be unaffected because of the non-interacting nature of perchlorate to complex with vanadium ions,
contrary to the case of H2SO4 in the CE compartment. This effect of SO4>~ suppressing the reaction
kinetics is qualitatively captured by the larger E, and smaller i, for reaction in HI with H2SO4
compared to HClO4 in the CE compartment, Figure 4.2b. The E, in HI with H2SOj4 in the CE

compartment is comparable to that in pure H>SOa.
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Figure 4.2. Influence of Sulfate on V?**/V** Kinetics in HI on Glassy Carbon. (a) Exchange current densities at 80
+ 2% State of Charge for V2*/V3* reaction in 1 M HI with 1 M HClOy4 in counter electrode (CE) compartment with
increasing concentration of NaHSO,4. The solid and dashed horizontal lines show the baseline exchange current
densities in 0.5 M H,SO4 and 1 M HI with 0.5 M and 1 M H,SO4 in CE compartment, respectively. (b) Exchange
current densities and apparent activation energies for V2*/V3* reaction in 1 M HI with 1 M HCIO4 (solid) and 1 M
H>S04 (dashed) in CE compartment.

These results that SO4>~ decreases the V*/V*" kinetics suggest that SO4*~ prevents the
formation of the active vanadium-iodide intermediate in HI. This kinetic inhibition may occur from
adsorbed vanadium-sulfate complexes preventing the formation of active vanadium-iodide
complexes or adsorbed sulfate blocking the adsorption of I". Understanding the reason for this
catalytic inhibition requires knowledge of the structures of the vanadium species at the surface and
the coverage of anions. To accomplish this task, we experimentally determine the structures of the
species in solution, and then use DFT modeling to understand the interaction of species on carbon

surface and the effect of anion coverage in the next sections.

4.3.3 Structures of V2" and V3* in HC104, H2SO4, and HCI, using EXAFS and MD-EXAFS
We use in-situ EXAFS measurements and MD-EXAFS of the V K-edge to elucidate the
structures of vanadium ions in HCIO4, H2SO4, and HCI. We electrochemically control the

oxidation state of vanadium in these electrolytes as either V> or V' during the measurements to
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prevent any contamination from undesired oxidation to higher oxidation states. MD-EXAFS are
computed by averaging the EXAFS spectra generated from ab initio molecular dynamics
snapshots of vanadium complexes in explicit solvent.!> All computational details for the MD-
EXAFS are provided in the SI. By using both experimental EXAFS and MD-EXAFS, we are
confident in attributing certain features of the spectra to specific vanadium complexes. We begin
by identifying the structures of vanadium species in the absence of anion complexation by
conducting EXAFS measurements in noncomplexing perchloric acid. The structural parameters in
HCIO4 serve as a standard to identify complexed species in H,SO4 and HCI.

The data at the top of Figure 4.3 shows the Img[¥(R)] plots of hydrated [V(H20)s]*" and
[V(H20)6]*" obtained from MD-EXAFS. Below the MD-EXAFS of [V(H20)s]*" and [V(H20)6]**
are the experimental EXAFS of V** and V** in HCIO4, where V>* and V3* are expected to be
hydrated due to the non-interacting nature of perchlorate.!®!” The MD-EXAFS of [V(H20)s]** and
[V(H20)6]*" match the dominant features of the first coordination sphere (< 3 A) of the
experimental measurements. Both MD-EXAFS and EXAFS show a shorter scattering distance of
the first coordination sphere for V3 compared to V>*. The agreement between the MD-EXAFS
and experimental EXAFS suggests that V>* and V" exist in fully hydrated form in HC1O4. These
results provide direct experimental verification of the V2" and V** structures in water. No previous
studies have accurately elucidated the structures of hydrated V?* and V** complexes in aqueous
phase. Although a previous study on the structure of hydrated V** in aqueous phase has been
conducted, the V3" solution used contained chloride anions along with concentrations of V*', as
seen by their UV-vis spectra of the prepared solution.'® The structural parameters of hydrated V>*
and V3" we see here agrees with the ab initio calculations and experimental X-ray and neutron

diffraction studies of solid VSO4e6H,0 and [V(H20)s][H502](CF3SO3)4 crystals.'®1719-21
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Figure 4.3. Structures of Hydrated V?>* and V3* using EXAFS. The k*-weighted Img[%(R)] plots for MD-EXAFS
of vanadium complexes in pure water, that is, [V(H20)s]** (blue) and [V(H,0)s]*" (red). Below the MD-EXAFS, the
experimental V K-edge EXAFS of V?* (blue) and V3* (red) in perchloric acid. The fit is shown by the dotted lines.
The individual scattering paths that are used in the structural refinement are shown, along with their contributions in
the resulting fit. Atom color legend: light gray = vanadium, red = oxygen, and white = hydrogen.

By fitting the EXAFS data, we identify the scattering paths that contribute to the different
portions of the overall EXAFS spectra. We quantify distances of scattering paths for both V** and
V3" in perchloric acid and compare to the MD-EXAFS values. The individual path contributions
obtained by fitting are shown at the bottom of Figure 4.3. The single leg scattering from the first

shell (V-O and V-H) dominates the scattering in the region from 1-2 A. The multiple leg
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scatterings (V-O-0O: 3-leg collinear path, V-O-V-O: double return and 4-leg collinear path) in the
region from 2—4 A are sensitive to first-shell symmetry and disorder. The paths used in the fit are
based on previous studies for hydrated transition metal ions.?? The V-O distance from experimental
EXAFS of V?" is 2.14 A, while it is 2.0 A for V**, within 0.01 A of the previously reported V-O
distances for V>" and V" in VSO4e6H,0 and [V(H20)s][Hs02](CF3S05)4 crystals.'*2! From MD-
EXAFS, the V-O distance in V2" and V**is 2.21 A and 2.08 A respectively, within 0.05 A of the
previously reported V-O distances for V> and V> from electronic structure calculations.!” The
fitting parameters for all single leg scattering paths are available in Table S4.2, and details of the
electrochemical cell used for measurements along with processing and fitting of EXAFS data are
discussed in Chapter 2. Using the structures of V> and V** and the associated scattering paths in
noncomplexing solution, we will be able to identify the structures in different electrolytes by
comparing their spectra to these standards.

The UV-vis spectra of V" are unaffected by the presence of different anions (SO4>", CI,
Br, and I” as shown in Figure 2.1 and 2.2 of Chapter 2), indicating V2" is present as [V(H20)6]*"
in all electrolytes.!! Therefore, we assume the structural properties of V** in all of the electrolytes
studied here are the same as in HC1O4 shown in Figure 4.3. Unlike V', the UV-vis spectra of V3"
is different in the presence of interacting anions in solution (Figure 2.1 and 2.2 of Chapter 2),!-%*
27 indicating a change in the first-coordination sphere. The UV-vis peak of V** corresponding to

the 3Tiy — 3Ta, transition®®?

shifts from that in noncomplexing HCIO4 most significantly in
H>S04, followed by HCI, HBr, and then least in HI'' As this shift is attributed to complexation,
the anion complexation strength of V' follows this same order, which matches the

spectrochemical series that provides an estimate of the strength of ligand interaction with transition

metals (ligand strength: SO4*>~ >> CI” > Br~ > 1).!® However, the exact structural changes of V**
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in the presence of anions have not been identified in aqueous phase. To identify the structures of
V3* complexes in H2SO4 and HCI, we conducted in-situ EXAFS measurements of V3" in H2SO4
and HCI with increasing anion concentrations and compared them to the EXAFS of V3" in HCIOsa.
Because weaker complexation of V3" with Br~ and I" than Cl”~ and SO4*" is predicted from the
spectrochemical series corroborated by our UV-vis measurements (Figure S4.4), we rely on DFT-
calculated AGL (Table S4.3) to identify the preferred complex in HBr and HI, rather than EXAFS
measurements.

The data in Figure 4.4a provide evidence of V3" complexation in H2SOa4. The top of Figure
4.4a plots the Img[¥(R)] of [V(H20)sS04]" and [V(H20)s]*" obtained by MD-EXAFS. There is a
decline in the peak amplitude between 1.8 and 2.0 A (Inset 1, Figure 4.4a) with the introduction
of SO4% in the first coordination sphere. The same peak occurs between 1.75 and 1.85 A in the
experimental EXAFS of V3" in HxSO4 where we observe that the peak amplitude decreases with
increasing SO4*>~ concentration (Inset 2, Figure 4.4a), which we attribute to the presence of
[V(H20)sS04]".

We fit the EXAFS data to determine the change in contribution of individual paths for V3*
with increasing SO4>~. The fittings are done considering an additional V-S single leg scattering
path shown in Figure 4.4a, in addition to the paths utilized for fittings in perchloric acid shown in
Figure 4.3. In sulfuric acid, the V-O path is shifted to the right (Inset 3, Figure 4.4a) with a change
in the V-O distance in H>SO4 relative to HC1O4 (Table S4.2). The change in the average V-O
distance with SO4*~ complexation occurs due to an increasing contribution of the V-O bond (with
O between V and S in sulfate anion). Further, at the bottom of Figure 4.4a, the increasing
contribution of the V-S path and decreasing contribution of the V-H scattering path confirm

increased V?* complexation with SO4>  at higher SO4>~ concentrations. This increased V3"
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complexation is quantified by the increase in the average coordination number of V-S path with
increasing SO4*>~ concentration (Table S4.2). Therefore, V3" exists as a mixture of [V(H20)sSO4]"
and [V(H20)s]** in H2SO4, supporting our previous hypothesis by UV-vis spectroscopy. !

Our experimental EXAFS of V** in HCI shows clear evidence of C1~ complexation, and
by comparing to the MD-EXAFS Img[¥(R)] plots of [V(H20)sCl1>*, [V(H20)4Cl,]*, and
[V(H20)s]** (Figure 4.4b), we see that both mono-chloride and di-chloride V** complexes exist
in HCIL. The differences in experimental EXAFS are more subtle in HCI than in H2SO4 due to
weaker complexation with C1~ than SO4?". The amplitudes of the peaks and troughs in the first
coordination sphere of V** either monotonically increase or decrease with increasing CI~
coordination in MD-EXAFS and CI” concentration in experimental EXAFS. However, for the
amplitude of the feature between 2.05 and 2.20 A in MD-EXAFS, the order is not monotonic, but
instead [V(H20)6]*" > [V(H20)4Cl2]* > [V(H20)sC1]*>* (Inset 1, Figure 4.4b). This same feature
as identified in MD-EXAFS occurs between 1.85 and 2.05 A in experimental EXAFS (Inset 2,
Figure 4.4b), where the amplitude first decreases and then increases with increasing CI™
concentration. This switch in order is not possible if only higher concentrations of [V(H20)sC1]**
are formed with increasing Cl™ concentration, indicating the presence of detectable concentrations

of [V(H20)4Cl2]" along with [V(H20)sCI]** at high concentrations of CI .
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Figure 4.4. Structure of V3* in H2SO4 and HCI with Changing Anion Concentrations using EXAFS. The V K-
edge EXAFS k’-weighted Img[¥(R)] plots for V3* with increasing concentrations of (a) SO4> and (b) Cl™ anions
compared with the case of hydrated V" ion in perchloric acid. The experimental spectrum is compared with the MD-
EXAFS of [V(H20)5S04]" in H2SO4, and [V(H.0)sCI1]*" and [V(H,0)4CL]" in HCI, along with the hydrated V3" ion
(i.e., [V(H20)6]*"). The insets show the similarity in the relevant EXAFS region that are used to identify the presence
of complexes in solutions at different concentration of anions. The contribution of the V-O, V-H, and V-S paths (in
(a)), and V-Cl paths (in (b)) that are used in structural refinement are compared to the contribution of each of these
paths in hydrated V3", obtained by fitting in Artemis. The contribution of V-H, V-S, and V-Cl paths are multiplied by
a scaling factor to highlight the trends. Atom color legend: light gray = vanadium, red = oxygen, white = hydrogen,
yellow = sulfur, and green = chloride.
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We fit the EXAFS spectra of V3" in HCI and deconvolute the contribution due to CI-
complexation by including an additional single leg V-Cl scattering path during fitting as shown in
Figure 4.4b. The V-O path contribution moves towards the right (Inset 3, Figure 4.4b) in HCI
relative to HCIO4. Further, at the bottom of Figure 4.4b, the increasing contribution of the V-Cl
path and decreasing contribution of the V-H scattering path with increasing Cl~ concentrations
confirm V** complexation. The increasing coordination number of V-Cl with increasing CI”
(Table S4.2) provide an estimate of the average number of anions in the first coordination sphere
of V3*. The V-CI path is not included in fitting in 1.6 M CI~ because introducing a V-Cl path
worsened the obtained fits, indicating negligible complexation. We observe that the V-Cl distance
is larger than the V-O distance, which we attribute to Jahn-Teller distortion in [V(H20)sC1]*>" and
[V(H20)4Cl2]" formed in HCL.!® Therefore, V** exists predominantly as [V(H20)s]*" with small
concentrations of [V(H20)sCI]** and [V(H20)4Cl2]* in HCl. The EXAFS analysis of the V'
complex in HCI provides evidence of the formation of [V(H20)4Cl2]" hypothesized from UV-vis
in our previous work.!! The presence of [V(H20)sCl2]" may also be related to the overall two-
electron transfer behavior observed in HCI.

We were unable to identify the presence of vanadium dimers in the electrolytes studied by
EXAFS. The absence of any intense peak ~3.1 A attributed to V-V scattering in previous studies
confirms the absence of dimers in our electrolytes.’*? The absence of dimers is also corroborated
by UV-vis spectroscopy, which does not show any new transition peaks’! or shoulders in the
existing transition peaks with varying V>* concentration.!! However, the formation of vanadium

ILI2 o1 the vanadium di-

dimers, comproportionation reaction between V2" and V*' on the surface,
halide complexes could explain the overall two-electron transfer behavior observed in HCI and

HBr as discussed in Chapter 3. Since we have no direct evidence of V>*/V3" being a two electron
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transfer reaction in HCI and HBr apart from comparing i, and i, g ,, we choose a simple reaction
mechanism to avoid speculation.

[V(H20)sBr]*" and [V(H20)4Br2]" are formed in HBr and [V(H20)s1]*" and [V(H20)412]"*
are formed in HI, but in even lower concentrations than the V**-chloride complexes in HCI. Our
prediction of the presence of these complexes is based on the exergonic DFT-calculated AGL for
[V(H20)sX]** and [V(H20)4X2]" (X = Cl, Br) from [V(H20)s]*" (Table S4.3). Even though the
AGL of [V(H20)s51]*" and [V(H20)4l2]" are slightly endergonic, we expect some of the V3*-iodide
complexes to form in solution based on changes in UV-vis with increasing I concentrations
(Figure S4.4). The di-halide V** complex (X = Cl, Br) is more favorable than the mono-halide
V3* complex in HCI and HBr, while the mono-iodide V** complex is more favorable than the di-
iodide V** complex, matching the overall two vs one-electron transfer observed in HCI and HBr
compared to HI. With the kinetic information (Sections 4.3.1 and 4.3.2) combined with the
vanadium structural information (Section 4.3.3) in the five electrolytes, we propose a microkinetic
model in the following section.

4.3.4 Proposed Inner Sphere Mechanism and Kinetic Model for V2*/V3* Reaction in

Different Electrolytes

The i, (eq. 4.1) is simplified for three possible limiting conditions depending on the values

of the V> and V** adsorption constants, yielding an expression of the form (eq. 4.2):

i, = Aexp (— 5—;) [V2]Y[V3*]® (eq. 4.2)

When measuring i, as a function of T and creating an Arrhenius plot, A [VZ]Y[V3*]2 is
the apparent (experimentally observed) frequency factor, y and & are reaction orders of V' and

V3 respectively, and E, is the apparent activation energy.
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If K5[V3+] > (1 + K;[V?*]), that is, V3" adsorbs strongly and much stronger than V?*,

_nk(l—a) _ _nk(l—a) .
then at a given temperature i, [V”](1 n )[V3+] (1 n ) This rate law matches the

positive order of V>* and negative order of V** (with equal magnitude) observed in HSO4, HCI,
and HBr, indicating V3" adsorbs stronger than V** in these three electrolytes. However, at a given

temperature, if 1> (K;[V2*] + K3[V3*]), that is both V?* and V*' adsorb weakly, i, o

ng(1-a) ng(1-a)

)[V3+]( n ), explaining the positive reaction orders observed for both V** and

[V2+](1—
V3" in HCIO4 and HI (y, & > 0). The microkinetic model shows that the reaction kinetics is
controlled by the V?* and V3' adsorption energies. With the reactant species in solution and
reaction model identified, we next examine the energetics of adsorbed vanadium complexes and
anions using DFT.
4.3.5 Energies of V2*/V3* Complexes and Anions Adsorbed on Glassy Carbon

To explain whether the kinetic enhancement of the V?*/V?" reaction in the presence of
different anions is explained by the energy of the adsorbed vanadium-anion intermediate (Scheme
4.1a) or anion coverage (Scheme 4.1b), we compare the predicted kinetic behavior based on DFT-
calculated adsorption energies of vanadium-anion intermediates and anions with experimental
observations. We demonstrate that the energy of the adsorbed vanadium-anion intermediate
follows the same trend as anion polarizability and explains the trend in kinetic enhancement
(Scheme 4.2a). We show that the coverage of adsorbed anions follows the opposite trend of our
experimental measurements (Scheme 4.2b), and thus cannot explain the observed kinetic
behavior.

DFT calculations predict the trend in energy of the adsorbed vanadium-anion intermediate
(i.e., *[bridge—V>"]) on graphene matches the complexation strength of the free V" ion in solution.

We calculate the energy of the *[bridge—V>*] instead of *[bridge—V>'] because barriers for
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desorption are higher for V3" than V> with OH bridge.***> We assume that the desorption barrier
is also higher for V3* than V*' for other bridges. We use a graphene cluster model as a
representative model for GC because of challenges in accurately modelling amorphous surfaces.
The details of modeling are available in the SI. The adsorption strength of *[bridge—V>*] on
graphene follows the order *[I-V(H.0)5]*" < *[Br—V(H.0)s]*" < *[CI-V(H20)s]** <
*[OH-V(H20)s]** < *[OH-V(H20)sS04], reported in Table S4.4 in the SI and shown
qualitatively in Scheme 4.2a, where weaker adsorption means a higher energy intermediate. The
order of adsorption strength is the same for the di-halide V** complexes as for mono-halide V**
complexes. The order of the adsorption strength of the *[bridge—V>'] on graphene, matches the
AGL of V** complex relative to [V(H20)s]>" from our experimental UV-vis, DFT-calculations, and
the spectrochemical series.

The relative adsorption strength of *[bridge—V>"] species rationalizes the observed kinetic
behavior by Sabatier’s principle,* which states that the adsorbed intermediate should bind with
medium strength. Assuming the energy of the transition state shifts the same amount as the
desorption energy of the intermediate by Brensted-Evans-Polanyi relations,*>-® the E, would be
lowered with weakening of the adsorbed *[bridge—V>"] intermediate. Weaker adsorption would
also reduce the concentration of *[bridge—V>"] on the surface, which would lower the apparent
frequency factor. Based on the DFT-calculated adsorption free energy trends qualitatively shown
in Scheme 4.2a, E,, and the apparent frequency factor for the V**/V3* reaction should follow the
order of ' < Br < Cl” < OH™ < SO4*" if the electron transfer step through adsorbed vanadium acts
as RDS, based on the rate law discussed in Section 4.3.4. This trend of E, and apparent frequency
factor with different anions matches the behavior observed in our experiments, which suggests the

energy of the *[bridge—V>*] controls the V>*/V** kinetics.
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(a) Adsorbed V3* complex (b) Anion coverage

50% State of Charge 50% State of Charge
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Scheme 4.2. Proposed Reaction Energy Diagram for the V**/V3* Redox Reaction at 50% State of Charge and
V#/V3* Standard Redox Potential Considering Two Possible Mechanisms to Explain the Effect of Anions on
Redox Kinetics. (a) Adsorbed V3* complex (i.e., *[bridge—V>"]) through anion bridge as reaction intermediate and
(b) Anion coverage (i.e., *bridge). For simplicity, the energy diagram is not drawn to scale and does not show
balancing anions and electrons involved in the reaction. Black arrows point in the direction of increasing apparent
activation energy and apparent frequency factor based on expected and observed behavior. We show [V(H20)sX]*
(X =Cl, Br, I) as the species formed in solution for consistency. However, in actuality there would be a combination
of both [V(H20)4X,]" and [V(H20)5X]?" in solution. We expect the adsorbed vanadium-anion intermediate to be closer
to V3 due to the easier desorption of V2* than V37, as discussed in the text. Atom color legend: light gray = vanadium,
red = oxygen, white = hydrogen, green = chloride, brown = bromide, purple = iodide, and dark gray = glassy carbon.

We propose anion polarizability acts as a useful descriptor for the kinetics of the numerous
redox couples involving 3d transition metal ions' ™ because anion polarizability correlates with the
energy of the adsorbed metal-anion intermediate. The energy of the *[bridge—V>"] in Scheme 4.2a
follows the order of the anion polarizability. Consequently, the anion polarizability mimics the
trends of observed V2*/V>* kinetics in different electrolytes.

The reaction pathway in Scheme 4.2a also captures the behavior of V2*/V3" reaction

kinetics in mixtures of anions. The difference observed in kinetics in a mixture of I and SO4>~ and
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i oo
kinetics with only I", 20509 ) ~ 0.3 (Figure 4.2), implies the vanadium-sulfate intermediate is

lo, 1~

more energetically favorable than the vanadium-iodide intermediate. In contrast, the kinetics with

i o
CI™ are comparable in the presence and absence of SO4> (M ~ 0.9>. The smaller effect
o,Cl™

of sulfate on kinetics with CI” compared with I" implies that the vanadium-chloride intermediate
is similar in energy to the vanadium-sulfate intermediate (i.e., more favorable than the vanadium-
iodide intermediate). This order of energies qualitatively agrees with our calculations and is
represented in Scheme 4.2a. Further the V?*/V3" kinetic behavior in mixtures of anions in presence
of sulfate also correlates with the difference in the AGy of the V3*-halide complexes relative to the
V3**_sulfate complex. The more positive AGL of V>*-halide complexes relative to the V**-sulfate
complex, the lower the concentration of reactive V**-halide complexes in solution, and higher the
relative inhibition in V2*/V3" reaction kinetics with SO4>". The large apparent frequency factor in
the presence of SO4>~ (~10°) in comparison to other tested halides (~10?), also indicates that small
concentrations of SO4>~ will prevent the formation of active V3*-halide complexes.

The relatively minor changes in i, compared to the changes in the E, can be explained by
the adsorbed *[bridge—V>*] intermediates representing only a small fraction of the surface sites.
While the i, varies at most by a factor of 15 throughout the electrolytes, the E, decreases by ~30
kJ mol ! at 50% SoC in HI compared to H>SO4. Such a significant decrease in E,; would imply a
much larger increase in i,, all else being equal. The total rate includes contributions of reaction
occurring both through the more active *[bridge—V>"] intermediates on the surface and the less
active sites comprising of vacant carbon sites, carbonyl, and carboxyl groups on the surface.’”-8

Due to the weak adsorption on GC, the coverage of the active *[bridge—V>*] intermediates on the

surface remains low. Consequently, the portion of the reaction going through the more active
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*[bridge—V>"] intermediates on the surface is small, rationalizing the minor increase in i,.
However, the E, is dominated by the rapid charge transfer through the active *[bridge—V>']
intermediates, explaining the large decline observed in E,.

Our DFT calculations suggest the increasing anion coverage, often considered as the reason
for enhancement observed in the presence of anions for other transition metal ion redox couples, '’
does not explain the V2*/V** reaction. The coverage and adsorption strength of anions at the
equilibrium V>*/V3* redox potential on GC follow the order: I > Br > Cl->OH > SO4>" (Figure
S$4.6). If the anion coverage controls the V>*/V3" reaction, as depicted in Scheme 4.2b, the apparent
frequency factor and E, should increase with increasing anion adsorption strength, which is
opposite to the experimentally observed behavior. This mismatch with the observed behavior
allows us to conclude that anion coverages alone are not responsible for the observed kinetic
trends. Also, the adsorption of SO4*>~ on GC is unfavorable with a negligible coverage, which
suggests that SO4>~ would not prevent I” from adsorbing onto the electrode surface. Details of
coverage calculations are available in the SI. These results do not mean that the reaction kinetics
are not proportionally related to the coverage of a particular anion, but instead that the coverage is
not the cause of the anion-enhancement trend observed here. Increasing the coverage of a particular
anion enhances the reaction kinetics by increasing the concentration of that particular adsorbed
vanadium-anion intermediate, as demonstrated in studies that oxidatively treat carbon electrodes
and show improved V**/V3* kinetics due to increased coverage of OH groups.®
4.4 Conclusions

The results discussed in this chapter reveal how the structure of formed vanadium complexes
on the surface of glassy carbon influences kinetics for the V>*/V** redox couple in five different

acidic electrolytes. The energy of the formed vanadium-anion intermediate (i.e., *[bridge—V>*])
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controls V2*/V3* kinetics and correlates with free anion polarizability. The anions enhance the
kinetics by forming active *[bridge—V>"] intermediates that have a lower activation barrier, rather
than by increasing the coverage of the intermediates. These results can explain the similar kinetic
trends observed for other redox couples involving 3d transition metal ions in the presence of
anions, such as Cr**/Cr*", Fe?'/Fe**, and Cu*/Cu®" used for other RFBs. Our findings suggest that
bridging anions may play a critical yet underexplored role in other RFB chemistries employing
transition metal ions for use in energy storage applications. The understanding of the structure of
the intermediate and its relation to the coverage and kinetics may lead to development of
electrocatalysts that can adsorb vanadium ions with the desired energy for improved kinetics.
4.5 Supporting Information
4.5.1 Experimental Details

The V>" and V*' solutions in HCIOs, HBr, and hydriodic acid (HI, 57%, contains no
stabilizer, Sigma Aldrich) are prepared using V>Os following a similar process using the same
electrochemical assembly as discussed in Chapter 3. For preparing solutions at different states of
charge in HI, the potential of —0.2 V instead of 0.08 V (vs Ag/AgCl) is chosen because this is the
most reducing potential at which we observe that all the V> gets converted to V**, with lowest
contribution of I3~ in the UV-vis spectra. More details regarding electrolyte preparation are
discussed in the original publication.*

4.5.2 Rate Law for VZ'/V3" Reaction in Presence of Anions

a) Inner sphere reaction mechanism for V>*/V** reaction involving adsorbed vanadium-anion
intermediate
The proposed inner sphere reaction mechanism involving an adsorbed vanadium-anion

intermediate can be written as:
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Step 1: V2t +x2 x V2
Step 2: * V2 2« V3T + e RDS
Step 3: * V3t 2 V3 4«
For the reaction model described above, conducting a total site balance yields:
Oyz+ +OBys+ + 0, =1 (eq.S4.1)
where 0; is the coverage of species, i. Because the electron transfer step is RDS, step 1 and step 3

are assumed to be quasi-equilibrated:

Kl _ 9V2+
0.[VZ+]

ev3+
Ky =—
>0,V

Here K; and K3 are adsorption constants for V2* and V37, respectively.
Substituting By2+ and Bys+ in terms of 0, in eq. S4.1, we retrieve:
Kle*[V2+] + K3e*[V3+] + 9* = 1

1
T KV + K3 [V3] + 1)

0.

The rate of reaction, i.e., rate of electron transfer in step 2 is:

ix = nF(k,0y2+ — k_50ys3+) (eq.S4.2)
where k, and k_, are the forward and backward rate constants for step 2.
k, and k_, can be written from BV equation in terms of standard rate constant, k,, defined at

equilibrium:

<nk(1—a)F (E—EO')>
RT
kz = koe
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RT

nkaF(E_Eo')>

k_z S koe <

Here E° is the formal potential of electrode. Eq. S4.2 transforms to:
ng(1-Q)F (E—EO') ngaF (E—EO')
RT \TRrRT
ix = nFk,| Byz+e — By3+e (eq.S4.3)

Even though the net current density, i is zero at equilibrium, a balanced faradaic activity can be

expressed in terms of exchange current density, i,:

ne(1-a)F (E, —E"') neaf (E —EO')
< RT - ) _< RTq (eq.S4.4)
i, = nFk,0y2+e =nFk,0ys+e

Using Nernst equation to remove the potential dependence:

E., —E° = Eln[v—ﬂ]
eq nF [V2+]

Substituting the value of (Eeq —FE 0') to eq. S4.4 and simplifying, we get eq. 4.1 reported in the

results and discussions section:

(nk(l—a))
o nFk,K[V?*] [V3+] n
o T KV + Ko [V3H + D) < [v2+]>
(eq.4.1)
Rk v vy R
K[V + K [V3H] + 1)([\/“])
Simplifying even further:
Ky +1(1-25) ry24+q-(1-2E
= ety ()

Using expressions for i,, k,, and the adsorption constant of species i (K;):
Ea

I, = A (— —)
iy exp |~ =
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E
k, = A,exp (— Ra;) (eq.S4.5)

Aern,i Aern,i - TAern,i
Ki = exp —T =exp|— RT
AH,.... ;
Asexp ( Rr;"'l>

where E, , is the activation energy of step 2, and AG,yp, i, AHyxn i, and AS,.,, ; are free energy,
enthalpy, and entropy of reaction i.

Eq. 4.1 can be rewritten by using eq. S4.5 and simplified to:

- (1_nk(1—a)) - (nk(l—a))
iy = Agexp (— Ea"’)nF KR VR T (eq. 54.6)
o= Lo RT (1 + K, [V2] + K5 [V3])

Eq. S4.6 can be reduced under certain conditions to explain the behavior observed in all
electrolytes:

Condition 1: When K, [V?*] » (1 + K5[V3*])

E ng(l-a) ni(1-a)
i, = nFA,exp (— Ra,;)> [V2+]( n )[V3+]< n )

_ dexp (_ %) [V2+](_M) [V3+](le(711—0l))

where A = nFA, and E, = E,

Condition 2: When K5[V3*] » (1 + K, [V?*])

E,,\K _n(1-a) _(1_m(1-@)
i, = nFA,exp (— ﬁ)K—l[v”](1 n )[v3+] (-5
3
ng(1—-a) ng(1—-a)
= Aexp <—%> [V2+]<1_ : n )[V3+]_(1_ : n )

A

where A = TLFA—;’M and E, = Eq, + AHpyn1 — AHpyn 3

Condition 3: When 1 » (K,[V?*] + K5[V3*])
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E ng(1-a) ng(1-a)

i, = nFA,exp (_ Ra;)) Kl[V2+](1 n )[V3+]( n )
ng(1—-a) ng(1—-a)
= Aexp (—%) [V2+](1_ S )[V3+]( 5 )

where A = nFA,A; and E; = E;, + AHpy 1
Under Condition 2, the order of V** is positive and order of V3 is negative, with equal in
magnitude. This behavior is the same as observed experimentally for H2SO4, HCI, and HBr. Under
Condition 3, the orders of both V** and V3" are positive, which is same as observed experimentally
in HCIO4 and HIL
b) Inner sphere V>*/V3* reaction mechanism involving adsorbed anion

If adsorbed anion (* X) is involved, the reaction mechanism is modified to:

Step 1: X+*x2*X
Step 2: V4 Xx2 * [X— V3] + e RDS
Step 3: * [X—V3*] 2 [X—V3*] ++

Following the same process of site balance and simplifying assuming the electron transfer step

involving an adsorbed anion is RDS:

ng(1-a)F (E—EO'))
RT
—0

ik = anO ex[V2+] 6'(

where k, is the standard rate constant defined at equilibrium, 8x and 8x_ys+ represent the
coverage of anion (X) and complexed V> ([X — V3*]) respectively.
Exchange current density, i, can be written as:

ne(1-a)F (Eeq—Eo')
RT

nyeaF (Eeq—E°")

RT ) (eq.S4.7)

i, = anOGX[V”]e< ) = nFk,Bx_ys+ € <
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Thus, the reaction kinetics is directly proportional to 8x (or 6[x_ys+)) when an adsorbed anion is
involved.

Removing the potential dependence by substituting the value of (Eeq —-E 0’) in eq. S4.7, and

simplifying:

(nk(l_a’))
nFk,K, [X][V?*] ([X — V3+]> n

o = IGK -V + KX + D\ VP

(eq.S4.8)
n 0_’)

B nFk,K3[X — V3+] [X — V3] -5
(KX = V3 + K [X]+ 1) ( [V2+] )

Here K; and K3 are adsorption constants for X and [X — V3*] respectively.
Eq. S4.8 can be reduced under certain conditions to explain the behavior observed in all
electrolytes:

Condition 1: When 1 > (K3[X — V3*] + K, [X])

1_nk(1—a) nk(l—a))

i = nFkoKy[X] [V2+]( " )[X - V3+]( "

Condition 2: When K;[X] >» (1 + K3[X — V3*])

np(1-a) ng(1-a)

i0=ano[V2+]<1_ n )[X—V3+]( n )

Condition 3: When K5 [X — V3+] > (1 + K4 [X])

fo = nFky (K /K XV ) — yae (50)

Under Condition 1 and Condition 2, the orders of both V>* and V3" are positive, which is same
as observed experimentally in HClO4 and HI. Under Condition 3, the order of V' is positive and
order of V3" is negative, with equal in magnitude. This behavior is same as observed

experimentally for H>SO4, HCI, and HBr.
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c) Outer sphere reaction mechanism for V>*/V** reaction

Assuming V**/V** reaction is an outer sphere reaction, the reaction will include only one step in

which electron transfer occurs:
Vit 2 V3t 4+ e
The rate of reaction can be written as:
i = nF (ko [V2T] — ko [V3*])

where k, and k_, are forward and backward rate constants for the reaction that can be written in
terms of standard rate constant, k, defined at equilibrium.

The kinetic current density, ij, can be now written as:
ne(1-a)F (E—EO') ngaF (E—EO')
RT B RT
i =nFk,| [V*']e —[V3*]e

At equilibrium, exchange current density, i,, can be written as:

ne(1-Q)F (Eeq—EO')
RT

RT

nyaF (Eeq—E°,)>

i, =nFk, [Vz’f]e< ) = nFk, [V3+]e_<

Using the Nernst equation to remove the potential dependence, and simplifying, we obtain:

ng(1-a) ng(1-a)

i, = nFk, [V2+](1_T)[V3+](T) = nFk, [V3+](1‘(Tﬁ_a))[vz+](nfl—a) (eq.S4.9)
Thus, looking at eq. S4.9, the orders for both V?* and V** are positive for an outer sphere
reaction. This would not explain the negative orders observed for V3* in H,SOa, contradicting our
assumption that V>*/V3" reaction is an outer-sphere reaction.
4.5.3 Molecular Dynamics (MD) Simulations for Extended X-ray Absorption Fine
Structure (EXAFS) for V** and V** Complexes
Ab initio Car-Parrinello Molecular Dynamics (CPMD) simulations are performed for

different vanadium complexes: [V(H20)s]**, [V(H20)sCI1]*, [V(H20)4CL]*, [V(H20)5SO4]", and
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[V(H20)6]*" to generate their MD-EXAFS spectra. The NWChem software package is used for
CPMD simulations, and the PBE functional is employed.*® The simulations are conducted in the
NVT ensemble using the Nose-Hoover thermostat at 300 K with the period of ionic and electronic
thermostats set to 1200 au. Besides the vanadium complex, 50 explicit water molecules are
included in a periodic cell with side lengths of 12 A, corresponding to a water density of 1 g cm ™.
A uniform background charge is added to neutralize charge of the periodic system, and all
hydrogens are given a mass of 2 au to decrease the high frequency OH bond vibrations. After a 10
ps equilibration period, CPMD simulations are ran for 100 ps with a time step of 5 au (~0.121 fs)
and fictitious electron mass of 600 au.

EXAFS spectra are calculated with the MD-EXAFS method.*! The atomic coordinates of
MD snapshots are collected every 1 ps, for a total of 100 snapshots for each vanadium complex
(100 ps of total simulation time). For each snapshot, an EXAFS spectrum is calculated using the
FEFF9 code with self-consistency field (SCF) using a cluster radius of 6 A centered on vanadium.*
About 1000 individual scattering paths are generated for each snapshot, and individual snapshots
are then averaged to produce an average EXAFS spectrum for each complex.
4.5.4 Ligand-Exchange Free Energies for V2*/V3* Complexes

The structures of the V** complexes are geometry optimized using DFT with the B3LYP-
D3 hybrid functional. No symmetry constraints are imposed during these geometry optimizations.
The Def2-TZVPPD basis set is used for all atoms. Using dispersion corrected hybrid-functionals
and diffuse basis functions is shown to give increased accuracy of anion binding.**** Long-range
solvation is treated implicitly during the geometry optimizations of all species using the COSMO

solvation model (with default NWChem settings and a dielectric constant of 78.4 for water).

117



Computed free energies include the COSMO implicit solvation energy as well as zero-
point, translational, rotational, and vibrational contributions obtained from ideal gas partition
functions. Entropic and enthalpic contributions are evaluated at 298.15 K based on the output of
harmonic vibrational frequency analysis. The Gibbs free energy of a species in the aqueous phase

is computed as:
G(T) = Egas + AGso1y + Hgas - TSliq

where Eg 4 is the total electronic energy of the species in the gas phase, 4G4y, is the COSMO
solvation free energy, Hy s 18 the thermal correction to the enthalpy, T is the temperature, and Sy;,
is the liquid phase entropy. Here, Sj;, is approximated using the Wertz correction® to correct the
gas phase entropy (S445) for solvation induced structural ordering in the aqueous electrolyte given

as:
Sliq = Sgas + ASsowation

where AS¢,1ation = —0.46 (Sgas - 14.3) for 1.0 M of solute. The reference state for all species
is 1.0 M, besides water which is approximated as ~55.5 M.

To understand anion complexation strength, we perform a series of DFT calculations to
compute the Gibbs free energy of reaction, AGy, (298.15 K), for various V> ligand exchange
reactions. The free energy of each vanadium complex is calculated with only COSMO implicit
solvent. In the case of anions, 12 explicit water molecules are added in addition to implicit COSMO
solvation for improved accuracy.***’ The free energies of the non-vanadium species are thus

computed as:

Gx- = GIx(H,0) 1,1~ ~ G(H,0),,
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Gu,0 = GH,0),; — G(H,0),,

4.5.5 DFT Modeling of Adsorbed Intermediates

Adsorption energies for proposed vanadium-anion intermediates are computed on the edge
site of a graphene cluster model capped with hydrogens. These graphene cluster models are shown
to be representative of graphite in prior studies and demonstrated to be sufficiently large to not
suffer from finite size effects.*® One hydrogen is removed from the site that the vanadium complex
will adsorb onto, and another is removed on the opposite site to maintain an even number of
electrons (Figure S4.5). A cluster model of amorphous carbon would be more representative of
the glassy carbon electrodes used in experiment, but it is challenging to accurately model due to
its amorphous nature and heterogeneity of adsorption sites. In contrast, the graphene cluster models
provide a controlled system to model trends in adsorption strength of vanadium-anion
intermediates.

We predict that vanadium adsorbs to the carbon surface through an anion bridge (*OH,
*Cl, *Br, or *I). The structures are geometry optimized using the B3LYP-D3 functional with
COSMO implicit solvation as implemented in NWChem.**° Select calculations are done using the
MO06-2X-D3 functional to compare trends with B3LYP-D3. The Def2-TZVPPD basis set is used
to model the vanadium complex, whereas the Def2-SVP basis set is used to model the graphene
cluster for computational tractability. To ensure that the correct spin state is considered,
Constrained Density Functional Theory (CDFT) is used with a spin constraint on the vanadium
complex.’® A spin constraint of 2 spin up electrons is applied for V** complexes, and a spin

constraint of 3 spin up electrons is applied for V>* complexes. Free energies of the adsorbed
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vanadium-anion intermediates are referenced to the vanadium-water complex (i.e., [V(H20)s]*" or
[V(H20)6]*") and the bare graphene surface, as seen in eq. S4.10.

AGg,4s[Complex] = E[* Complex] — E[Complex] — E[*] + AG,, (eq.S4.10)
where AG,q4s[Complex]| is the free energy change upon adsorption of the vanadium-anion
complex, E[* Complex] is the energy of the adsorbed vanadium-anion complex, E[Complex] is
the energy of the vanadium-anion complex, and E[#] is the energy of the graphene cluster model.

COSMO implicit solvation is used to treat the solvent environment.

Calculations using M06-2X-D3 and B3LYP-D3 functionals agree that adsorption free
energies follow the order *I > *Br > *Cl > *OH, with the weakest intermediates binding through
*I and the strongest through *OH. In addition, the presence of sulfate in the first coordination
sphere of V3* leads to the strongest adsorption out of the complexes studied here. We also predict
that the *[OH—V(H.0)s]** complex (V>" oxidation state) adsorbs stronger than the
*[OH—V(H,0)s]" complex (V?* oxidation state), which is consistent with a previous study of
V#/V3" adsorption on graphite.>!

4.5.6 Coverage of Anions on Glassy Carbon

Surface coverages of adsorbed anions (i.e., *Cl, *Br, *I, *OH, and *SO4) on glassy carbon
are computed using periodic DFT as implemented in NWChem.*? A 64-atom amorphous carbon
slab from reference 53 is used as the glassy carbon surface model for our study. The glassy carbon
surface is geometry optimized using the PBEO hybrid functional corrected for dispersion
interactions with Grimme’s D3 method (PBE0-D3).>*% The bottom 3 A of the glassy carbon
surface is fixed at its optimized positions. The carbon model occupied a 7.53 x 7.53 x 27.53 A3

supercell with a 20 A vacuum layer to prevent self-interaction in the z direction. A plane wave
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kinetic energy cutoff of 817 eV (30 au) and an energy tolerance of 2.72 x 107 eV is used for all
calculations.

To predict anion coverages (0) as a function of electrode potential, we calculate the
electronic adsorption energies of *Cl, *Br, *1, and *OH at different coverages on the glassy carbon
model. The adsorbates are evenly spaced on the glassy carbon surface and the system is geometry
optimized using PBE(O-D3. The average adsorption energies of Cl, Br, and I are calculated using
eq. S4.11 at coverages up to 1/4, 1/6, and 1/12 monolayers (ML), respectively. Adsorption energies
at higher coverages are not calculated because of spontaneous desorption from the surface during

optimizations. The average adsorption energy of the halide, E,4s[* X] is calculated as:
1 n
Eags[* X] = ;(E[* + nX] — EE[XZ] — E[+]) (eq.S4.11)

where X is a halide, # is the number of adsorbates on the surface, E[* + nX] denotes the energy of
the glassy carbon surface with n halides adsorbed, and E[*] is the energy of the bare glassy carbon
surface. Adsorption energies for *OH are referenced to liquid water and hydrogen gas using eq.
S4.12. To calculate the energy of liquid water, we corrected the DFT-calculated electronic energy

of a water molecule in the gas phase with enthalpy of vaporization, AHyap = 40.6 kJ mol™!.
1 n
Eags[* OH] = ;(E[* + nOH] + EE[HZ] — E[*] — nE[H,0]) (eq.S4.12)

In eq. S4.11 and 4.12, E[i] is the DFT-calculated energy of the species i (i = Ha, X2, H20)
in gas phase, whereas E[x i] is the DFT-calculated energy of an adsorbed species i (i = OH, X) in
gas phase. Linear fits of the adsorption energy as a function of coverage are obtained.

To predict halide coverages at different potentials, we use the generalized computational

hydrogen electrode (CHE) model combined with an equilibrium coverage model.’*>’ This
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approximation has been shown to predict qualitative trends of halide coverage on metals.’® The

equations for a halide (X) adsorbing on a site (*) of glassy carbon are written as follows
1
EXZ(g) +e” = X (aq) (eq.S4.13)
XT(aq) +*=*X+e” (eq.S4.14)

Adding eq. S4.13 and S4.14 together, we get eq S4.15, which is used to calculate halide

adsorption free energies on the glassy carbon surface.
1
EXZ(g) +x=x%xX (eq.S4.15)

To model the adsorption of hydroxide (OH) onto the glassy carbon surface, we reference
its equilibrium with water and a proton as follows>®

H,0(aq) + x=+«OH+ H*(aq) + e~

1
HY(aq) + e~ = 2 Hy(g)
For halide and hydroxide adsorption on glassy carbon with respect to the gas phase, the
equilibrium constant (K,,) expression is equal to the ratio of the number of sites occupied by a

halide to the number of sites unoccupied sites, which can be written in terms of halide coverage

(Bx) assuming a standard state of 1 M for each species. This result gives eq. S4.16.

[6x] _[6x] AG

fea S 00 -0~ “PiT (ea 5410

where AG is the free energy of adsorption.

We calculate the free energy change as a function of applied potential, U, using the
generalized CHE model.*>**° Entropy and zero-point energy contributions are neglected. We next
construct a coverage and potential dependent adsorption free energy model as shown in eq. S4.17.

AGagqs = Eqqs(8) —ne(U —U°) (eq.S4.17)
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Here E,45(0) is the adsorption energy of the anion as a function of the coverage, n is the number
of electrons transferred, U° is the standard reduction potential of the halide, and U is the electrode
potential referenced to the SHE. The U° of Cly, B, 2, and H» used in calculations are 1.36, 1.09,
0.54, and 0 V vs SHE, respectively.

We iteratively solve eq. S4.16 and S4.17 to obtain the coverage 0 as a function of electrode

potential U for OH, Cl, Br, and I adsorbed on glassy carbon. The results are shown in Figure S4.6.

4.5.7 Supporting Figures and Tables
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Figure S4.1. V**/V3* Reaction Kinetics in HBr on Glassy Carbon using Two Independent Methods. Exchange
current densities as a function of State of Charge for HBr (0.1 M V,0s + 1 M HBr) obtained by two independent
methods: (i) (solid lines) by extrapolating the y-intercept of log of oxidation current densities and using the Tafel
equation for the reaction: V2" — V3* +¢7, and (ii) (dashed lines) Charge transfer resistance (R, ) at open circuit voltage
using potentiostatic electrochemical impedance measurements assuming an overall one and two electron transfer (for

Ree).
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Figure S4.2. V*/V3* Reaction Kinetics on Glassy Carbon in Various Acidic Electrolytes at Different
Temperatures using Two Independent Methods. Exchange current densities as a function of State of Charge
obtained by two independent methods: (solid line) using the Tafel equation and (dashed line) Charge transfer
resistance (R;) at open circuit voltage for (a) HI with H>SO4 on CE (0.1 M V,0s + 1 M HI, 1 M H,SO4 on CE)
assuming an overall one electron transfer (for R.;). (b) HI with HC1O4 on CE (0.1 M V,0s + 1 M HI, 1 M HCIO4 on
CE) assuming an overall one electron transfer (for R;). (¢) HCIO4 (0.1 M V,05 + 1 M HCIO4) assuming an overall
one electron transfer (for R.;). (d) HBr (0.1 M V,0s + 1 M HBr, 1 M H,SO4 on CE) assuming an overall two electron

transfer (for R.;), at different temperatures.
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Figure S4.3. Tafel Slopes for V**/V3* Reaction on Glassy Carbon in Various Acidic Electrolytes. Tafel slopes as
a function of State of Charge in H>SO4 (0.2 M VOSOs4 + 0.5 M H»S04), HCI with H,SO4 on CE (02 M VCI3 + 1 M
HCI, 1 M H,SOs4 on counter electrode), HC1 with HCIO4 on CE (0.2 M VCl; + 1 M HCI, 1 M HCIO4 on counter
electrode), HBr (0.1 M V,0s + 1 M HBr, 1 M H,SOj4 on counter electrode), HI with H,SO4 on CE (0.1 M V,0s + 1
M HI, 1 M H,SOs4 on counter electrode), HI with HC1O4 on CE (0.1 M V,0s + 1 M HI, 1 M HCIO4 on counter

electrode), and HCIO4 (0.1 M V,0s + 1 M HCIOy). The data for H,SO4 and HCI with H,SO4 on counter electrode has
been reproduced from reference 11.
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Figure S4.4. UV-vis Spectra of V3* at High Concentrations of Br™ and I". UV-vis absorbance of V3* as a function
of wavelength at room temperature (T = 23.3 °C) in: (a) HBr (0.1 M V,0s + 1 M HBr) with increasing [Br~]. (b) HI
(0.1 M V205 + 1 M HI) with increasing [I"]. V3* spectra is obtained by reducing V,Os salt completely to V' and

oxidizing back to V3, followed by the addition of sodium bromide (NaBr, BioXtra, > 99.0%, Sigma Aldrich) or
sodium iodide (Nal, ACS Reagent , > 99.5%, Sigma Aldrich).
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Figure S4.5. Graphene Cluster used as a Model Carbon Surface. The adsorption energies of vanadium-anion
intermediate are calculated on graphene cluster instead of glassy carbon, due to the difficulty in modeling glassy
carbon because of its amorphous nature.
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Figure S4.6. Coverage of Halides on Glassy Carbon as a Function of Electrode Potential. Coverage of anions
evaluated using DFT with varying electrode potential. Dashed lines represent the coverage of OH when extrapolating
the adsorption energy linear fit to low coverages.
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Table S4.1. Reaction Orders for V2*/V3* in H:SO4, HC1, HBr, HC104, and HI with H2SO4 or HC1O4 on Counter
Electrode Calculated using Regression. The orders are calculated using regression from exchange current densities
for V#*/V3* reaction for 0.2 M vanadium concentration at various temperatures (23.3, 30, 35, and 40 °C). Average
values over the four temperatures are reported. These are approximate orders because rate constants vary with
changing temperature.

Electrolyte [V3*] order () [V3*] order ()

i iO.Rct i, iO.Rct

H>SO4 0.19 £0.05 0.08 £ 0.04 Assuming € = —y

HCl 0.13+0.03 0.18 £0.05 Assuming € = —y

HBr 0.09 £0.03 0.13+£0.02 Assuming € = —y
HI with HC104 on CE | 0.29 £0.07 0.25+0.11 0.07+0.03 | 0.11+0.05
HI with HoSOs on CE | 0.46 +0.08 0.41+0.11 0.18+0.08 | 0.29+0.10
HCl104 0.44 +0.04 0.44 +0.08 0.19+0.07 | 0.24+0.05

Table S4.2. Structural Parameters from Model Fits to Experimental EXAFS Spectra of V** and V** in HCIO4,
H2S04, and HCI for Two and Multiple Leg Scattering Paths. CN is the coordination number, R is the distance,
and o? is the Debye-Waller factor. All parameters are allowed to vary during fitting, unless explicity stated as “set” in
parenthesis after their value.

Perchloric acid Sulfuric acid Hydrochloric acid
Structural 02M | 02M | 02M | 02M | 02M | 02M
Path parameters Oi 1;/[1\\/[/2+ Oi 1;/11\\/[/3+ V3+ + V3+ + V3+ + V3+ + V3+ + V3+ +
ClO. ClO. 1.2M 1.95M 2.7M 1.6 M 3.6 M 5.6 M
¢ ¢ SO | SO& | SO Cr Cr cr
579+ | 570+
CN 6 (set) 6 (set) 6 (set) 6 (set) 6 (set) 6 (set) 035 031
V-0 R/A 2.140 + 2.002 £ 1.994+ | 1.994+ | 1.995+ | 2.008+ | 2.008+ | 2.010+
0.011 0.006 0.003 0.002 0.002 0.002 0.005 0.003
2.9+ 2.7+ 2.4+ 34+ 2.4+ 32+
2 3 &2
o2 x 10%/ A 87+14 3.1+0.6 0.3 0.3 03 0.3 05 04
11.38+ | 10.09 + 9.68 + 11.57+ | 1141+
CN 12 12 0.70 1.50 2.06 12 0.70 0.61
R/A 2.407 + 2330+ | 2324+ | 2340+ | 2324+ zﬁig :b(t’ﬁﬁ: d(‘flrséfr;g\sg?lii
V-H 0.013 0.029 0.014 | 0023 | 0015  tror
perchloric acid)
o2 x 103/ A2 04+15 51436 3.0+ 2.8+ 02+ 5.1. (set, taken' frorfl
1.6 3.1 2.2 V3" in perchloric acid)
031+ 0.96 = 1.16 +
CN 0.35 0.75 1.03
. 3238+ | 3.273+ | 3271+ .
V-S R/A Not Applicable 0.078 0.032 0,062 Not Applicable
3.0+ 4.2 + 12.4 +
2 3 &2
of < 107A 1.8 6.8 13.9
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021+ | 030+
CN N 035 | 031
. 2401 = | 2360+
V—Cl R/A Not Applicable - 0.051 0.038
32+ | 354+
2 3 2 _—
o? x 10% A 10.7 9.6
558+ | 5.40+
oo CN 6 6 6 6 6 6 o0 | o6
R/ A 4399 + 3931+ | 4063+ | 4064+ | 4.103= | 3.950% | 3.944+ | 3.936+
3-leg 0.102 0.088 0.067 | 0.083 | 0055 | 0082 | 0071 | 0.046
collinear 3.5 25 1.3 9.4 2.7 25
2 3/ %2 S+ S+ 3+ 4+ g+ 5+
o?x 107 A2 | 121£192 | 107168 | 7 00 o o 23 .
558+ | 540+
V-0-V-0 CN 6 6 6 6 6 6 070 | 0.62
4-leg R/ A 4399 + 3931+ | 4072+ | 4074+ | 4112+ | 3.950+ | 3.944+ | 3.936+
0.102 0.088 0.067 | 0.083 | 0055 | 0082 | 0.071 | 0.046
collinear 35+ 254 13+ 9.4+ 2.7+ 25+
2 3/ &2 . . . . . .
o?x 10V A% | 121192 | 107168 | >, 00 o o s .
579+ | 570+
CN 6 6 6 6 6 6 Sas | Toal
V-0-V-0
o doub] /A 4279 + 4004+ | 3.988+ | 3.988+ | 3.991+ | 4016+ | 4.017+ | 4019+
4- egt ouble 0.022 0.012 0.006 0.004 0.004 0.004 | 0.010 | 0.006
return
116+ | 108+ | 96+ | 13.6= | 96= | 128+
2 3 2
2 x 10/ A2 | 348+56 | 124+24 5 05 o 5 7 e
1231+ | 1296+ | 13.16+ 1178+ | 1170 +
Voo CN 12 12 035 | 075 | 1.03 201 035 | 031
(2nd R/ A 4117 + 4043+ | 3763+ | 3810+ | 3.795% | 4.049+ | 4.071+ | 4.066 %
coordination 0.072 0.058 0.032 | 0051 | 0036 | 0038 | 0071 | 0032
sphere) 5 . 253+ 23.8+ 212+ 17.8 147+ | 151+
02 x 107 A2 | 264+ 128 | 204128 | “o7 s s 0o o "
3+ 2+
Identified complex [VILOY | [VALOYT" | [VEH0)6 + [V(H0)s80,)* | Y H2OsI” + [V(H:0)sCl]
+ [V(H20)4Cl]
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Table S4.3. DFT-calculated Free Energies of Ligand Exchange Reactions (AGL) at 298 K and 1 M Solute
Concentration.

Reaction V oxidation AGL /_II(J
state mol
[V(H,0)¢]3t + ClI” +S0%~ 2 [V(H,0),50,Cl] + 2 H,0 3+ —-82.4
[V(H,0)6]3t + S0%2~ 2 [V(H,0)sS0,]" + H,0 3+ —-70.7
[V(H,0)¢]3* + Br~ +S03~ 2 [V(H,0),S0,Br] + 2 H,0 3+ —-67.2
[V(H,0)4]3t + HSO; 2 [V(H,0)sHS0,]%t + H,0 3+ —58.4
[V(H,0)¢]3t +2Cl- 2 [V(H,0),Cl,]* + 2 H,0 3+ —48.2
[V(H,0)¢]3t + I- +S03~ 2 [V(H,0),S0,1] + 2 H,0 3+ —48.1
[V(H,0)g]3t + ClI- 2 [V(H,0)sCl]** + H,0 3+ -31.2
[V(H,0)¢]3t + 2Br~ 2 [V(H,0),Br,]* + 2 H,0 3+ -19.8
[V(H,0)¢]3* + Br~ 2 [V(H,0)sBr]?* + H,O0 3+ ~14.7
[V(H,0)¢ 3t +1- 2 [V(H,0):1]%* + H,0 3+ 0.24
[V(H,0)¢]3t + 21~ 2 [V(H,0),I,]" + 2H,0 3+ 8.3
[V(H,0)¢]?* + CI- 2 [V(H,0)sCl]* + H,0 2+ 4.2
[V(H,0)¢]?t + 2 Cl- 2 [V(H,0),Cl,] + 2 H,0 2+ 7.7
[V(H,0)6]?* + S0%2~ 2 [V(H,0)sS0,] + H,0 2+ 24.0

Table S4.4. Free Energies for Proposed Vanadium-anion Intermediates Calculated with either the B3LYP-D3
or M06-2X-D3 Functional.

Intermediate AG,4s[Complex] (B3LYP-D3) | AG,,,[Complex] (M06-2X-D3)
/ eV / eV
*[OH-V(H20)s]" -2.97 ~3.32
*[OH-V(H20)s]*" -3.05 -3.39
*[OH-V(H20)4S04] -3.86 —4.18
*[C1-V(H20)4Cl1]"* ~2.58 -3.01
*[Cl-V(H,0)s]*" -2.18 -2.55
*[Br-V(H20)4Br]" —2.24 —2.43
*[Br-V(H20)s]*" -1.99 -2.31
*[I-V(H20)4I]" —2.06 -2.16
*[1-V(H20)s]* -1.99 —2.23
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Chapter 5 : Understanding Influence of Halides on Metal Ion

Charge Transfer Reactions”

* This chapter is adapted with permission from Florian, J.; Agarwal, H.; Singh, N.; Goldsmith, B. R. Why Halides
Enhance Heterogeneous Metal Ion Charge Transfer Reactions. Chem. Sci. 2021, /2, 12704—12710. The computational
portion of the work is conducted by Jacob Florian.

5.1 Summary

The reaction kinetics of many metal redox couples on electrode surfaces are enhanced in the
presence of halides (i.e., CI, Br, I'). In this chapter, using first-principles metadynamics
simulations, we show a correlation between calculated desorption barriers of V>*-anion complexes
bound to graphite via an inner sphere anion bridge and experimental V>*/V3* kinetic measurements
on edge plane pyrolytic graphite in H2SO4, HCI, and HI. We extend this analysis to V*/V3*,
Cr**/Cr*", and Cd%/Cd*" reactions on a mercury electrode and demonstrate that reported kinetics
in acidic electrolytes for these redox couples also correlate with the predicted desorption barriers
of metal-anion complexes. Therefore, the desorption barrier of the metal-anion intermediate is a
descriptor of kinetics for many metal redox couple/electrode combinations in the presence of
halides.
5.2 Introduction

Electrochemical charge transfer (CT) of metal ions has applications in energy storage,’
wastewater remediation,? organic synthesis,® and chemical production.* Understanding and
controlling CT at the electrode surface would increase energy efficiency, product selectivity, and

reduce capital cost of devices. Interestingly, halides accelerate the kinetics of many
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electrochemical reactions in aqueous solution as shown in Figure 5.1. For example, heterogeneous
CT reactions including V*7/V3*>6 Cr?*/Cr*",’® Fe?'/Fe** >!1® and Eu*'/Eu’")!! and metal
electrodeposition reactions, such as Cd*/Cd** and Zn"/Zn?*,'>!3 show rate constants (k) that are up
to 10° higher in the presence of chloride (CI7), bromide (Br), or iodide (I"). Kinetic enhancement
by halides is observed on many electrodes, including glassy carbon (GC),'* Hg, !> Au,”!* and Pt,>!®
where the increase in k typically is the largest for I, followed by Br~, and then CI". Thus,

understanding the cause of these enhancements would guide electrolyte and electrode selection.
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Figure 5.1. Effect of Halides on Metal Ion Charge Transfer Kinetics for Multitude of Redox Couples. The
observed ratios of rate constants with and without halides for various redox couples and electrodes in aqueous
electrolytes. Kpajiges cOrresponds to the rate constant in the presence of halides, whereas K4 hatiges cOrresponds to the
rate constant in sulfate or perchlorate electrolytes. The abscissa shows ‘redox couple | electrode surface’ combinations
where rate data has been reported. The halides present in the electrolytes considered are either chloride, bromide, or
iodide. GC = Glassy carbon electrode and Myg = Metal-Hg amalgam alloy electrode. Table S5.1 in the Supporting
Information (SI) contains the standard rate constants for these redox couples.

Halide-induced rate enhancements may arise from the halide ions being adsorbed on electrodes
to serve as sites for adsorption and CT of metal ions. This mechanism, whereby the halide anion

adsorbed on the electrode acts as a bridge in the electron transfer between metal ion and electrode,
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has been called anion bridging.!® The anion bridging mechanism has been invoked to explain rate
enhancements for Cr**/Cr**, V*/V¥* Sb**/Sb>*, and Fe*'/Fe** redox couples.!®!*131718 A two-
step inner sphere mechanism for how an adsorbed anion (* X) promotes oxidation of a metal ion
(M™") through the formation of an adsorbed metal-anion intermediate (* XM™*1) is written in eq.
5.1 and 5.2. Although here we write M™*1 as the product leaving behind * X, it is also possible
that the halide becomes part of the desorbed complex as XM™+1,

MY +x X Sx XM 4+ e~ (eq.5.1)
* XM 5« X + Mt (eq.5.2)

Although this mechanism is plausible, there is little knowledge of how the metal ion and the
bridging anion together promote CT and why the rate enhancement relative to non-complexing
electrolytes (i.e., through *OH bridge) typically follows the order of CI" < Br  <1I'. This order of

rate enhancement correlates with increasing free anion polarizability,'*2°

that is, polarizable anions
can more easily transfer one of their outer shell electrons to the metal cation while the other
electron is being transferred from the electrode surface to the anion bridge. However, free anion
polarizability does not account for the electrode and redox couple identity. Interfacial potential
shifts due to anion adsorption can also increase the rate of metal ion redox couples, as has been
reported previously.?! However, some studies have found that electrostatic effects alone are
insufficient to explain the large increases (> 10 Anatide/Ano halides) in the observed rate constants and
postulated that anion bridging may be responsible.®1%15:18

In this chapter, building up on our findings of Chapters 3 and 4, we test our hypothesis that
anion bridging on electrodes increases the kinetics for many metal redox couples by changing the

energy of the metal-anion surface intermediate (x XM™*1) and its adsorption and desorption

barriers. The energy of * XM™*1 controls the fraction of active sites that the intermediate occupies
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and the apparent activation barriers for the redox reaction. In Scheme 5.1a we show an energy
diagram of a metal ion CT reaction involving the adsorbed intermediate written in eq. 5.1 and 5.2.
We assume that electron transfer is fast so that it occurs concurrently with either adsorption or
desorption. This assumption is consistent with observations that rate enhancements arise from
changes in the barrier associated with the formation of adsorbed complexes as opposed to the
intrinsic barrier for electron transfer.!>!” At equilibrium, the reduced and oxidized species are the
same energy, and the forward and reverse rates are equal and opposite. The magnitude of these
rates is proportional to the experimental rate constant (k) and exchange current density (i,).

The energy of the surface intermediate should correlate with the ease at which the intermediate

E:

desorbs from the surface, thus we hypothesize the desorption free energy barrier (AGg,,) is a

descriptor for redox kinetics. For chemically similar surface reactions, the activation barrier of an

elementary step is often linearly correlated to the reaction energy of that step, referred to as a

Bronsted-Evans-Polanyi (BEP) relation.?? Therefore, the adsorption barrier (AGids) linearly

E:

4es) linearly correlates

correlates with the adsorption energy (AG,45) and the desorption barrier (AG

with the desorption energy (AG ) if a BEP relation holds. If true, AG i

4es Dositively correlates

with AG 4. and negatively correlates with AG,4 (Scheme 5.1b). The oxidation rate is a function

of the concentration of the reduced species ([M™*]) and the rate constants for adsorption (kg4s)

¥

qes» Whereas

and desorption (kg .s) on the surface. Adsorption is rate-limiting at low values of AG

E:

des» thus the rate is maximized at intermediate AG i

desorption is rate-limiting at high values of AG des

values at the top of the volcano curve in Scheme 5.1¢.®> The rate has contributions from the

apparent, or experimentally observed activation energy and frequency factor. The apparent

activation energy (Scheme 5.1d) correlates with AG? (AG* ) when AGE is low (high).

ads des des
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Similarly, neglecting entropic changes, the apparent frequency factor (Scheme 5.1e) approaches

E:

des*

the frequency factor for the adsorption step, 41 (desorption step, A2) at low (high) values of AG
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Scheme 5.1. Reaction Energy Diagram and Predicted Trends for Kinetic Parameters with Varying Desorption
Barriers. (a) Energy diagram of a metal ion charge transfer reaction involving an adsorbed intermediate. The
desorption free energy barrier (AGﬁes) of the metal-anion surface intermediate can be a descriptor for kinetics of a
M™ /M™*1 redox couple. The diagrams on the right show the dependence of (b) reaction energy, (c) rate (proportional
to exchange current density and observed rate constant), (d) apparent activation energy, and (e) apparent frequency
factor on AG? assuming Brensted-Evans-Polanyi scaling relations hold. Here kags has units of 7!, kqes has units of

des>
mol L' s7!, and overall rate has units of mol L™! s7L.

We establish a relationship between desorption free energy barriers of metal-anion complexes
and the kinetics of various redox reactions that rationalizes the enhancement by halides following

the model discussed in Scheme 5.1. If BEP relations exist, any of the free energies in Scheme 5.1

E:

could be calculated, but here we focus on AG ;¢

due to prior work showing its relevance to metal

ion CT kinetics®* and because it can be relatively straightforwardly computed. Using density

2

3o
qes Of V°"-anion

functional theory (DFT)-based metadynamics simulations, we predict AG
complexes on the graphite edge plane (1120) [graphite(1120)] and compare to our V2*/V3* kinetic
measurements on edge plane pyrolytic graphite (EPPG) in H2SO4 and hydrohalic acids. We

evaluate V2*/V?* experimental exchange current densities (i,), apparent frequency factors, and
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apparent activation energies (E,) on EPPG in sulfuric (H2SOs4), hydrochloric (HCI), and hydriodic
(HI) acids following the process described in Chapters 2—4 and show that these parameters

correlate with the predicted desorption barriers. Desorption barriers of V3*-, Cr**-, and Cd**-anion

E:

complexes are also calculated on a model mercury Hg(111) electrode to examine whether AGj,¢

correlates with rate constants across different redox couples and electrodes. These metal ions are
chosen because of the availability of experimental rate data displaying an increase in activity in
the presence of halides (Figure 5.1).

Our results show that desorption barriers of metal-anion complexes on model surfaces correlate
with rate constants on polycrystalline electrodes, but inner sphere CT rates and adsorption of
anions are also dependent on the surface structure of the electrode.?> When rates of Fe**/Fe** CT
on different facets of Pt?® and Au?’ were examined in non-complexing perchloric acid, the rates
correlated with the potential of zero charge (PZC) of the different facets. This finding suggests that
the dependence of the rate constant on the local electrode structure comes, at least in part, from
variations in the PZC, which affect the structure of the double layer. When Fe?*/Fe*" kinetics were
measured in sulfuric acid, which is reported to follow an inner sphere mechanism,”® a 30-fold
increase in activity was observed at the grain boundaries of a polycrystalline Pt electrode compared
to on the grains themselves.?® Clearly, the rates for heterogeneous CT reactions are not uniform on
a polycrystalline electrode, and corresponding desorption barriers of metal-anion complexes on
different facets are likely to change. Although we limit our calculation of desorption barriers to a
single facet for different electrodes, we elucidate qualitative trends by correlating desorption
barriers of predicted metal-anion intermediates to experimental kinetic data on a given electrode
surface. Our findings show that desorption barriers of metal-anion intermediates are descriptors

for CT kinetics of redox couple across a constant electrode surface and support the hypothesis that
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halides increase the CT in redox couples by changing the energy and transition states of the
adsorbed metal-anion intermediate.

5.3 Results and Discussion

5.3.1 V?*'/V3* Reaction on Graphite Edge Plane

We study the V2*/V>" reaction in this work because we have identified the solution-phase
structure in various electrolytes as discussed in Chapter 4, and a prior study showed that the
desorption barrier of the V" intermediate in non-complexing solution can be related to redox
kinetics.”* A metadynamics study predicted the adsorption and desorption barriers of [V(H20)6]*"
and [V(H20)s]>" through an oxygen bridge on graphite(1120) and found that [V(H20)s]*"
desorption had a larger barrier and was rate limiting.* Thus, a lower desorption barrier for the V>*-
complex should result in faster kinetics.

Our predicted desorption barriers of V>*-anion complexes on graphite(1120) and
experimental kinetic parameters of V2*/V** on EPPG in H>SO4, HCI, and HI are shown in Figure
5.2. The cell and graphite(1120) model used in metadynamics simulations to predict AG;eS are
shown in Figure 5.2a. The EPPG used in experiments consists of multiple parallel edge facets,
which resembles graphite(1120). The kinetic measurements are conducted at various V2" and V**
concentrations using a rotating disk electrode setup to prevent mass transfer limitations and kinetic
parameters are estimated using Tafel and CT resistance methods both of which show quantitative
agreement. The change in E, at various V" and V** concentrations in each electrolyte (Figures
S5.1 and S5.2) indicates that the V?*/V>" is an inner sphere CT reaction on EPPG that involves an
adsorbed intermediate, as opposed to an outer sphere reaction where E, is independent of
vanadium concentration. This dependence of apparent activation energy on vanadium

concentrations arises because of the dependence of coverage on temperature, which causes the
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apparent activation energy to include contributions both from the rate constant and enthalpies of

adsorption/desorption steps.'*
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Figure 5.2. Computational Metadynamics of V**-anion Complexes on Graphite and Experimental Kinetic
Measurements of V2*/V3* Reaction on Edge Plane Pyrolytic Graphite. (a) Cell used for metadynamics simulations
of V3*-anion complexes on graphite(1120). (b) Free energy vs the distance between the V3* ion and the carbon surface
for V3*-anion complexes adsorbed to graphite(1120) through an *OH, *CI, *Br, or *I bridge at 300 K. Geometries of
adsorbed V**-anion complexes at the free energy minima are shown next to the corresponding free energy profile in
H2S0y4 (red line), HCI (green line), HBr (blue line), and HI (purple line). Atom color legend: C = gray, V = violet, O
=red, S = yellow, H = white, Cl = green, Br = dark brown, I = purple. (¢) V2*/V3* exchange current density (i,) at
room temperature (T = 23.3 °C) on EPPG in H,SO4, HCI, and HI from steady state current densities as a function of
voltage extrapolated to equilibrium voltage using the Tafel equation vs. the V3*-anion complex desorption barrier. (d)
V2'/V3* apparent activation energy (E,) in HySO4, HCI, and HI extracted from the temperature dependence of i,, from
measurements between 23.3—40 °C vs the V¥*-anion complex desorption barrier. (e) V2'/V3* frequency factors vs. the
V3*-anion complex desorption barrier. For all experimental measurements in (c—e¢), the acid concentration is 1 M and
concentrations of both VZ* and V3" are 0.1 M.
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The adsorbed *[X-V(H20)s] (where X = Cl, Br, or I) and *[OH-V(H20)4SO4] were used
as models for the adsorbed metal-anion complex in hydrohalic acids and H>SOs4, because they
preserve the V3' structure in solution and are adsorbed through an anion bridge. The
*[OH-V(H20)4S04] complex is modeled through an *OH bridge, because *SOs is unstable on
carbon surfaces.!* Figure 5.2b shows the desorption free energy profiles of V>*-anion complexes

from graphite(1120) based on metadynamics simulations using spin-polarized DFT with the PBE

functional. To calculate AG* . the distance between the metal ion and the surface was biased until

des>
the complex desorbs. Desorption barriers through halide bridges are lower than through an *OH

bridge on graphite(1120) in the order *OH > *I > *Br > *Cl. Additional DFT and metadynamics

modeling details are given in the SI (Figures S5.3—S5.5).

The behavior between the measured i, in each electrolyte and AG;es of the V**-anion

complexes in Figure 5.2¢ matches the volcano-like relationship in Scheme 5.1¢. V** adsorbs too

strongly in H2SO4 such that desorption is rate-limiting, and as AG_ decreases due to weaker V3

des

E:

adsorption in HI, the rate begins to increase. However, once AGg,

is too low, the adsorption of
species become rate-limiting as suggested by rate measurements in HCI. The i, has contributions
from both E, and the apparent frequency factor, which are shown in Figure 5.2d and 5.2e. The
data in Figure 5.2d resembles the inverse volcano in Scheme 5.1d with a hypothetical minimum
between *[I-V(H20)s]*" in HI and *[OH—V(H20)4S04] in H>SO4. Assuming BEP relations hold,
the ideal desorption barrier with the lowest E, will be located at that minimum. Despite having the
lowest measured E, among the electrolytes studied, the V>*/V3" exchange current density is lowest
in H2SO4 because it has a low frequency factor, as shown in Figure 5.2e. Using this as a model,

we predict that the i,, E,, and apparent frequency factor of V2*/V3" in HBr will be between that in

HCI and HI, because the desorption barrier of *[Br—V(H20)s]*" is between *[Cl1-V(H20)s5]*" and
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*[I-V(H20)s]*". We also find that the E, observed on EPPG in the presence of halides does not
correlate with increasing free anion polarizability. This finding highlights the importance of
understanding the surface intermediate structure and that using anion physicochemical properties

alone are insufficient to explain the observed kinetic behavior.

5.3.2  V¥/V3¥, Cr?*/Cr3, and Cd"/Cd?*" Reaction on Mercury

To assess the transferability of the desorption barrier as a descriptor, we compare the AG;eS
of adsorbed V**-, Cr*'-, and Cd**-anion complexes on a mercury (Hg) electrode to standard rate
constants in sulfuric and hydrohalic acids. Mercury is the most widely reported electrode for anion-
promoted electrocatalysis of metal redox couples with several experimental rate constants
available in the literature (Table S5.1). Anion-promoted electrocatalysis has also been reported on
surfaces such as Au, Pt, and carbon, but data is sparse and often consists of only one or two redox
couple/electrolyte combinations. We predict the desorption barriers of V3*-, Cr**-, and Cd**-anion
complexes adsorbed on a Hg(111) electrode through halide and hydroxyl bridges, Figure 5.3.
Hg(111) is often used as a model surface (Figure S5.3) for mercury electrodes to study qualitative
trends.?%33

The effect of halides on the desorption barrier for V3* complexes adsorbed on Hg(111) are
different than on graphite(1120). In the case of V3" desorption on Hg(111) (Figure 5.3a),
*[Br—V(H20)s5]*" has a desorption barrier of 1.91 eV, followed by *[CI-V(H20)s5]*" at 1.28 eV,

and *[OH—V(H,0)4804] at 0.46 eV. This trend for V3" complexes on Hg(111) is opposite to that

of graphite(1120), where AG;eS is largest in sulfate electrolytes. This change in trends of
desorption barriers for the same redox couple must arise due to the difference in nature of the
interaction of the intermediate with Hg(111) and graphite(1120). Hg, being noble, has

chemisorption that is dominated by Pauli repulsion (especially for electronegative adsorbates such
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as halides), while chemisorption on graphite is dominated by covalent interactions.>* Generally,

AGH

des

is much larger on Hg(111) than graphite(1120).
Cr** complexes with anions in its first solvation sphere, and CT is predicted to take place

through a adsorbed chromium-anion complex i.e., Cr**-anion bridge on Hg.!>*> We predict that

E:

4es relative to sulfate in

Cr’* behaves similarly to V** on Hg(111), where halides increase the AG
the same order (*OH < *Cl < *Br < *I), Figure 5.3b. The *[OH—Cr(H20)4SO4] complex only
physisorbs on the surface, consistent with experiments suggesting that Cr**/Cr** CT is outer sphere
in the presence of sulfate on Hg electrodes.®

We also model the desorption of Cd*>" on Hg(111), but only in H2SO4 and HCI, where rate
data for Cd%/Cd*" is available.!? Cd**-anion complexes have been proposed as the adsorbing
species on Hg electrodes in hydrohalic acids.*®*” From Figure 5.3¢, the desorption barrier of the
Cd?**-chloride complex is 2.35 eV, which is much higher than the Cd**-sulfate complex at 0.64 eV.
In the initial geometry, Cd** was coordinated with five water molecules and one chloride or sulfate
ligand, consistent with a report that aqueous Cd** has a coordination number of six.>® During the
simulation, Cd*" adsorbed directly onto Hg(111) and formed a *[Cl-Cd(H20)2]" complex. After
Cd*" desorbed, the solvent waters were reincorporated into the first solvation sphere to form the

[Cd(H20)sC1]" complex. The desorption barriers of Cd?>* complexes are higher than V** and Cr**

complexes in the same electrolyte.
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Figure 5.3. Desorption Barriers and Kinetics in the Presence of Halides of Metal Complexes on Mercury
Electrode. Metadynamics-based free energy profiles for desorption of (a) V3'-, (b) Cr’*-, and (¢) Cd**-anion
complexes from Hg(111) through an *OH, *Cl, *Br, or *I bridge at 300 K. Snapshots of the adsorbed metal-anion
complexes are shown at the free energy minima. (d) Experimental standard rate constants of the metal charge transfer
reactions on mercury drop electrodes plotted against the corresponding predicted desorption barriers from (a—c).
Colors denote the acid, namely H>SOs4 (red), HCI (green), HBr (blue), and HI (purple). Rate constants for these
reactions were reproduced from references 11,12,41 Atom color legend: Hg = gray, V = dark purple, Cr = blue, Cd =
pink, O =red, S = yellow, H = white, Cl = green, Br = dark brown, I = purple.

The desorption barriers of V3*, Cr**, and Cd*" on Hg(111) show a positive correlation with
previously measured standard rate constants of the V>*/V3*, Cr**/Cr*", and Cd%/Cd** reactions on

mercury drop electrodes in Figure 5.3d. Although Cd%Cd?*" metal electrodeposition is expected
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to follow a different reaction mechanism than the inner sphere CT of aqueous ions, the correlation
still holds. This may occur because the first electron transfer step (i.e., Cd"/Cd*") is slower than
the solid metal formation (i.e., Cd%/Cd"), making the kinetic trends more closely resemble that of
aqueous CT.*** This positive correlation between desorption barrier and rate constant suggests
that these points are on the left side of the volcano curve in Scheme 5.1¢ where adsorption is rate
limiting and not around the maximum like V**/V3* on EPPG. For a given redox couple in Figure
5.3d, the CT rate constant and desorption barriers increase going from H>SO4 (*OH bridge) < HCI
(*Cl bridge) < HBr (*Br bridge) < HI (*I bridge). This observation suggests that the more
polarizable halides decrease the energy of the active metal-anion intermediate on Hg, thus
increasing surface coverage and leading to higher reaction rates. Unlike V>*/V** on EPPG, we do
not have experimental apparent activation energies for a more detailed comparison of kinetics on
Hg electrodes. We hypothesize that activation energies for V>*/V3*, Cr**/Cr*", and Cd’/Cd*" on
Hg will negatively correlate with the desorption barrier and the rate constant.

We also compute desorption barriers of Fe**/Fe** on Au(111) through *OH, *Cl and *Br
bridges (Figure 5.4). Qualitative enhancements in rate constants have been reported for Fe*"/Fe**
on gold with increasing concentrations of Cl~ and Br~ compared to H2S04.!° The desorption
barriers for the [OH-Fe(H20)4S04], [Cl-Fe(H20)s5]*", and [Br—Fe(H.0)s]*" complexes are
predicted to be 0.82, 0.67, and 0.55 eV, respectively, on Au(111). Thus, the rate enhancements in
the presence of chloride and bromide may arise due to decreasing the desorption barrier. However,
because the reports of enhancements with halides for Fe*/Fe*" on Au(111) are only qualitative,

we are unable to obtain quantitative correlations.
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Figure 5.4. Desorption Barriers of Fe’*-anion Complexes on Gold Electrode. Metadynamics-based free energy
profiles for desorption of Fe**-anion complexes from Au(111) through an *OH, *Cl, *Br, or *I bridge at 300 K.
Geometries of the adsorbed Fe**-anion complexes are shown at the lowest point on the free energy profile. Atom color
legend: Au = gold, Fe = brown, O = red, S = yellow, H = white, Cl = green, Br = dark brown.

-

The desorption barrier of the electroactive species is a new way to rationalize and predict
rate enhancement by halides for inner sphere aqueous metal ion CT reactions. However, we stress
that the desorption barrier is only a valid descriptor among inner sphere reactions on chemically
similar surfaces. When examined together, the rate constants for V>*/V3* on Hg(111) and
graphite(1120) in hydrohalic electrolytes do not correlate in the same way with AG;es (Figure
5.5).

The inability of AG3, to describe kinetics across different electrodes for a given redox
couple can arise due to three major factors: (1) reactions on different surfaces do not necessarily
obey the same BEP relations, (2) discrepancies exist between the modeled surface and the actual
electrode active site, and (3) different mechanisms occur on different electrodes. By comparing
desorption barriers of different metal-anion complexes on the same surface, these factors will be

similar and qualitative insights can be gained. Different mechanisms and explanations for anion
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enhancements may also be valid. Theories have been developed for how electrostatics can be used
to explain outer sphere CT,* and how electrode modification can be used to enhance rates by
changing the potential of zero charge.**** Rate enhancements can also arise from a change in

mechanism from outer sphere to inner sphere, as is reported to occur for Cr**/Cr** when halides

¥

des

are added to the electrolyte.® The applicability of using AG:,. as a descriptor for kinetics of the
same redox couple on multiple surfaces could be tested by conducting kinetic measurements for a
fixed redox couple on chemically similar surfaces such as metal electrodes. Figure 5.5 shows a

possible correlation between the desorption barriers for vanadium-anion complex on two noble

metals (Au and Hg) and V2*/V3" rate constants, but more data is needed for a conclusive analysis.
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Figure 5.5. Rate Constants vs Desorption Barrier on Different Electrodes for V**/V3* Redox Couple. Standard
experimental rate constants on EPPG, mercury drop electrodes, and gold vs the predicted desorption barrier of V3*-
anion complex on graphite(1120), Hg(111), and Au(111). Colors denote the sulfuric and hydrohalic acid, namely
H»S0y4 (red), HCI (green), HBr (blue), and HI (purple).

5.4 Conclusions
The work in this chapter demonstrates the role of halides in promoting inner sphere
heterogeneous metal charge transfer by changing the transition state energies and energy of the

adsorbed metal-anion intermediate. Experimental kinetic measurements combined with
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metadynamics simulations show that halide bridges increase kinetics of the V>*/V3" redox couple
on EPPG by decreasing the desorption barrier of the vanadium-anion complex intermediate (V-
anion), until an optimum is reached. For V**/V3*, Cr**/Cr**, and Cd’/Cd** on Hg, desorption is not
rate limiting and halides stabilize the metal ion on the Hg surface, thus increasing surface coverage
and promoting the reaction rate. When BEP relations hold for chemically similar reactions,
desorption barriers correlate with redox kinetics. This knowledge can guide anion bridge design
so reactive intermediates adsorb on electrodes with optimal strength. Because the CT kinetics of
many metal ion redox couples are increased in the presence of halides, these findings apply broadly
and highlight the importance of understanding the combined role of the redox couple, electrode,

and electrolyte when engineering electrochemical systems.
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5.5 Supporting Information
5.5.1 Rate Constants for Metal Ion Redox Couples

Rate constants in Table S5.1 are calculated at room temperature using various methods.
For comparing rate data to desorption barriers in Figure 5.3, rate constants in hydrohalic and
sulfuric acid electrolytes were taken from a single reference for each redox couple to avoid

discrepancies in the experimental method used.

Table S5.1. Standard Rate Constants for Metal lon Redox Couples With and Without Halide Anions. "Metal,
electrodes are metal-Hg amalgam alloy electrodes. “(ref) indicates reference used for Ky, paiiges in Figure 5.1. The
ref is chosen as a perchlorate- or sulfate-based salt solution (instead of acid) for the cases where the rate data in
presence of halides is available only in halide-based salt solutions to eliminate the effect of pH on rate constants.

Redox Couple Electrode” Electrolyte™ Rate Constant / cm s™! | Reference
Ag /AL Ag HCIO, 5.18 x 10 B
Bi**/Bi’ Bise HCIO, (ref) 3.70 x 10 B
Bi*'/Bi’ Big, H>SO4 1.80 x 1073 46
Bi**/Bi® Big, HCIO4 + CI” 2.80 x 1073 46
Bi**/Bi® Big, HCIO4 + I” 2.90 x 107! 4
Bi*'/Bi’ Hg HCIO4 3.70 x 10™* 46
Bi*'/Bi’ Hg H>SO04 1.85x1073 46
Bi*'/Bi’ Hg HCI 2.70 x 1073 46
Cd*/cd® Cdag HCIO4 3.52x107! 4
Cd?/Cd° Cdy, NaClO; (ref) 5.00 x 10! B
Cd*'/cd® Cdag NaxSOq4 5.50 x 10! »
CdZ/Cd Cdre KCl 1.25 x 10° 50
Cd*'/cd® Cdag KBr 9.10 x 107! 0
Cd*'/cd® Cdag KI 6.50 x 10° 0
Cd?/Cd° He HCIO; (ref) 250 x 10! 2
Cd*'/cd® Hg H>SO04 1.20 x 107! 12
Cd*'/cd® Hg HCI 9.40 x 107! 12
Ce*'/Ce*" Au HCIO4 4.70 x 1073 3
Ce*'/Ce*" Pt H>SO04 3.70 x 10™* 2
Co?'/Co Co CoSO4 (ref) 6.74 % 10°° 53
Co?'/Co° Co CoSO4 + CI” 5.70 x 107° 33
Co?'/Co° Co CoSO4+ 1 5.18 x1071° 33
Cr/Cr” Hg HCIOs (ref) 1.40 x 1073 A
Cr¥'/Cr3* Hg HCIO4 + CI” 2.73 x 1072 4
Cr¥'/Cr3* Hg HCIO4 + I” 6.40 x 1072 4
Cr*'/Cr** Hg NaClO4 8.00 x 10°° 4
Cr*'/Cr** Hg KCI 8.50 x10°° 4
Cr¥/Cr? Hg KBr 1.70 x 107° 54
Cr*'/Cr** Hg KI 9.80 x 107 4
Cu?'/Cy° Cu H>SO4 420 x10™* >
Eu'/Eu>" Hg HCIO, (ref) 1.70 % 10 1
Eu?'/Bu? Hg HCI 2.40 x 10™* 1
Eu?'/Bu? Hg HBr 9.80 x 10™* 1
Fe?'/Fe?" Au HCIO4 8.00 x 1075 36
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5.5.2 [Electrochemical Kinetic Measurements on EPPG
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Figure S5.1. Kinetic Parameters of V2*/V3* Reaction on Edge Plane Pyrolytic Graphite in H2SO4, HCI, and HI
Evaluated using Tafel Method vs Desorption Barriers. Experimentally evaluated exchange current densities (i,)
at room temperature, apparent frequency factors, and apparent activation energies (E,) for V2*/V3* on EPPG plotted
against the predicted desorption barriers. Experimental parameters are evaluated using the Tafel method at 0.02, 0.06,
0.16, and 0.2 M V** concentration, with corresponding concentrations of V3* to make the total V ion concentration
0.2 M. Apparent frequency factors and apparent activation energies are from temperature measurements at 23.3, 30,

35, and 40 °C.

Desorption Barrier / eV
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Figure S5.2. Kinetic Parameters of V2*/V3" Reaction on Edge Plane Pyrolytic Graphite in H2SO4, HCI, and HI
Evaluated using Charge Transfer Resistance Method vs Desorption Barriers. Experimentally measured exchange
current densities (i,) at room temperature, apparent frequency factors, and apparent activation energies (E,) for
V2*/V3* on EPPG as a function of the predicted desorption barrier. Experimental parameters are evaluated using the
Charge Transfer Resistance method at 0.02, 0.06, 0.10, 0.16, and 0.2 M V?' concentration, with corresponding
concentration of V3* to make the total V ion concentration 0.2 M. Apparent frequency factors and apparent activation
energies are from temperature measurements at 23.3, 30, 35, and 40 °C.

5.5.3 Computational Methods and Simulation Cell Setup for Metadynamics

Spin-polarized density functional theory (DFT) calculations are performed using Vienna
Ab Initio Simulation Package (VASP).”””° The PBE functional is used for all metadynamics
simulations.®® The projector augmented wave method is chosen to describe electron-ion
interactions.’! A 400 eV plane wave kinetic energy cutoff is set for all systems. A I'-centered
1x1x1 k-point grid is used. The systems modeled are V>*-anion complexes on the graphite edge
plane (1120), V**-, Cr**-, and Cd*"-anion complexes on Hg(111), and Fe*"-anion complexes on
Au(111).

Details of the unit cell dimensions and compositions for NVT metadynamics simulations

are shown in Figure 5.2a and Figures S5.3-S5.4. Graphite(1120) with lattice constants of a =
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2.45 A and ¢ = 6.77 A (Figure 5.2a) is used as a model surface for EPPG. The graphite surface is
passivated with 42 adsorbed *H and five adsorbed *OH. In addition to vanadium, 38 explicit water
molecules are added to maintain an aqueous environment with a density of 1 g/cm?®. The middle
layer of carbon atoms is fixed to their bulk positions. Spin-polarized DFT is used with a spin
density of 2 spin-up electrons to model the V3" ion. A three-layer 3x3 Hg(111) surface with an Hg
interatomic distance of 3.60 A (Figure S5.3) is used to model a mercury drop electrode. In addition
to the Cr** ion, 48 explicit water molecules are added to maintain an aqueous environment with a
density of 1 g/cm>. The middle layer of Hg atoms is fixed to their bulk positions. Spin-polarized
DFT is used with a spin density of 3 spin-up electrons to model the Cr** ion. The same procedure
is used for the V>* and Cd*" on Hg(111) with 2 spin-up electrons for V>* and 0 spin-up electrons

for Cd*".

20.50 A

Figure S5.3. Simulation Cell for [X—Cr(H20)s]** Complex on Hg(111) used for Calculating Desorption Barriers.
Atom color legend: red = O, gray = Hg, green = anion, beige = H, blue = Cr.

A three-layer 4x4 Au(111) surface with lattice constant @ = 4.17 A (Figure S5.4) is used
]2+

as a model for a polycrystalline gold electrode. In addition to the [Fe(H20)sX]*" complex, 48

explicit water molecules are added to the simulation cell to maintain an aqueous environment with
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a density of 1 g/cm?®. To prevent system translation and maintain a symmetric simulation cell, the
middle layer of Au atoms is fixed to their bulk positions during the simulation. Spin-polarized

DFT was used with a spin density of five spin-up electrons to model the high-spin Fe*" ion.

18.00 A

Figure S5.4. Simulation cell for [X—Fe(H20)s]>" complex on Au(111) used for Calculating Desorption Barriers.
Atom color legend: red = O, gold = Au, green = anion, beige = H, brown = Fe.

A Nosé-Hoover thermostat is used to equilibrate the system at 300 K.3>%3 Equations of
motion are integrated with a time step of 0.5 fs, and all hydrogen atoms are replaced with deuterium
to dampen the high frequency OH bond vibrations. To calculate desorption free energy barriers,
the distance between the metal ion and the surface (z coordinate) is chosen as the collective
variable. Adding an additional collective variable that biases the coordination number between the
metal ion and solvent water molecules, which occurs on a longer timescale than desorption, did
not affect the desorption barriers and thus is not further considered (Figure S5.5).

The free energy barrier for *[I-Cr(H20)s]*" desorption on Hg(111) when biasing both the
coordination number of Cr** with water and the Cr** distance from the surface is 1.24 eV (Figure
S5.5). The most stable *[I-Cr(H20)s]** configuration occurs at a Cr>*-Hg distance of 5.2 A and a
coordination number of five and is described by the dark blue energy well. This prediction is

similar to the desorption barrier when only biasing the Cr** distance from the surface, which is
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1.21 eV as shown in the free energy profile in Figure 5.3b. The second collective variable biasing
the coordination number of water with the metal ion did not change the desorption barriers by

more than three percent.

X FE (eV)
< Q-1 .
@ % % Q&ojaoﬁ% 03
£
ool TR _
= -0.4
s
g e -0.6
=
s
8 5.0 -0.8
Q
-1.0
-1.2

Cr-Hg Distance (A)

Figure S5.5. Two-dimensional Contour Plot Showing the Free Energy Surface of the Desorption of
*[I-Cr(H20)s]** when Biasing Both Coordination Number of Water and Cr3**-Hg Distance. Snapshots of the
adsorbed and desorbed complexes with solvent water molecules removed are shown, and the arrows show their
position on the free energy surface. The reference state is the desorbed state. Atom color legend: gray = Hg, blue =
Cr, purple =1, red = O, white = H.

After at least a 5 ps equilibration period, gaussian bias potentials with height 0.01 eV and
width 0.10 A are deposited every 15 fs to bias the collective variable. The width of the gaussian
hills is based on the standard deviation of changes in the collective variable during equilibration.
Metadynamics simulations are stopped once the distance of the desorbed metal ion complex
exceeded 1.5Rs—x + Rx—u from the surface for more than 0.3 ps, where Rs—x is the surface-anion
bond distance in the gas phase and Rx- is the bond distance between the anion-metal ion of the
gas-phase complex. The effect of applied potential is not considered in these simulations.

5.6 References

(1)  Sanchez-Diez, E.; Ventosa, E.; Guarnieri, M.; Trovo, A.; Flox, C.; Marcilla, R.; Soavi, F.;
Mazur, P.; Aranzabe, E.; Ferret, R. Redox Flow Batteries: Status and Perspective towards
Sustainable Stationary Energy Storage. J. Power Sources 2021, 481.

(2)  Srimuk, P.; Su, X.; Yoon, J.; Aurbach, D.; Presser, V. Charge-Transfer Materials for
Electrochemical Water Desalination, lon Separation and the Recovery of Elements. Nat.

156



3)

(4)

)

(6)

(7

(8)

©)

(10)

(1)
(12)

(13)
(14)
(15)
(16)

(17)

(18)

(19)

Rev. Mater. 2020, 5 (7), 517-538.

Mohle, S.; Zirbes, M.; Rodrigo, E.; Gieshoff, T.; Wiebe, A.; Waldvogel, S. R. Modern
Electrochemical Aspects for the Synthesis of Value-Added Organic Products. Angew.
Chemie - Int. Ed. 2018, 57 (21), 6018-6041.

Orella, M. J.; Roman-Leshkov, Y.; Brushett, F. R. Emerging Opportunities for
Electrochemical Processing to Enable Sustainable Chemical Manufacturing. Curr. Opin.
Chem. Eng. 2018, 20, 159-167.

Agarwal, H.; Florian, J.; R. Goldsmith, B.; Singh, N. V**/V** Redox Kinetics on Glassy
Carbon in Acidic Electrolytes for Vanadium Redox Flow Batteries. ACS Energy Lett. 2019,
4,2368-23717.

Park, M.; Jeon, I. Y.; Ryu, J.; Jang, H.; Back, J. B.; Cho, J. Edge-Halogenated Graphene
Nanoplatelets with F, Cl, or Br as Electrocatalysts for All-Vanadium Redox Flow Batteries.
Nano Energy 2016, 26, 233-240.

Rodes, A.; Feliu, J. M.; Aldaz, A.; Clavilier, J. The Influence of Polyoriented Gold
Electrodes Modified by Reversibly and Irreversibly Adsorbed Ad-Atoms on the Redox
Behaviour of the Cr(IIl) / Cr(I). J. Electroanal. Chem. 1989, 271 (1-2), 127-139.
Weaver, M. J.; Anson, F. C. Distinguishing between Inner- and Outer-Sphere Electrode
Reactions. Reactivity Patterns for Some Chromium(IIl)-Chromium(II) Electron-Transfer
Reactions at Mercury Electrodes. Inorg. Chem. 1976, 15 (8), 1871-1881.

Johnson, D. C.; Resnlck, E. W. Electrocatalysis of the Reduction of Iron(IIl) by Halides
Adsorbed at Platinum Electrodes in Perchloric Acid Solutions. Anal. Chem. 1977, 49 (13),
1918-1924.

Weber, J.; Samec, Z.; Marecek, V. The Effect of Anion Adsorption on the Kinetics of the
Fe’*/Fe?* Reaction on Pt and Au Electrodes in HCIOa. J. Electroanal. Chem. 1978, 89 (2),
271-288.

Niki, K.; Mizota, H. Effect of Specific Adsorbed Anions on the Electrode Kinetics of the
V(III)/V(II) and Eu(IIT1)/Eu(Il) Couples. J. Electroanal. Chem. 1976, 72 (3), 307-317.
Frischmann, J. K.; Timnick, A. Transfer Coefficients and Heterogeneous Rate Constants
for Cadmium(Il) in Various Supporting Electrolytes Evaluated by Phase-Angle
Measurements with an A.C. Polarograph. Anal. Chem. 1967, 39 (4), 507-511.

Eriksrud, E. Effect of Halides and Alkali Cations on the Zn(Hg)/Zn(II) Electrode Reactions.
J. Electroanal. Chem. 1977, 76 (1), 27-49.

Agarwal, H.; Florian, J.; Goldsmith, B. R.; Singh, N. The Effect of Anion Bridging on
Heterogeneous Charge Transfer for V2*/V3*. Cell Reports Phys. Sci. 2021, 2 (1), 100307.
de Levie, R. Anion Bridging and Anion Electrocatalysis on Mercury. J. Electrochem. Soc.
1971, 118 (8), 185-192.

Davenport, R. J.; Johnson, D. C. Electrocatalysis of the Oxidation of Antimony(III) at
Platinum Electrodes in 2M Hydrogen Chloride by Adsorbed lodide. Anal. Chem. 1973, 45
(9), 1755-1756.

Weaver, M. J. Some Recent Approaches to the Study of Heterogeneous Redox Kinetics of
Metal Complexes. Comparisons with Homogeneous Redox Processes. Isr. J. Chem. 1979,
18 (1-2), 35-44.

Taylor, L. R.; Parkinson, B. A.; Johnson, D. C. Electrocatalysis of the Charge-Transfer
Process for the Sb(III)/Sb(V) Couple at a Platinum Electrode in Concentrated HCI.
Electrochim. Acta 1975, 20 (12), 1005-1009.

Sykes, A. G. Further Advances in the Study of Mechanisms of Redox Reactions. Adv. Inorg.

157



(20)

21

(22)

(23)

(24)

(25)

(26)

27

(28)

(29)

(30)

€19

(32)
(33)

(34)

(35)

(36)

Chem. Radiochem. 1968, 10 (C), 153-245.

Heyrovsky, J. Retarded Electrodeposition of Metals Studied Oscillographically with
Mercury Capillary Electrodes. Discuss. Faraday Soc. 1947, 1, 212-225.

Weaver, M. J.; Anson, F. C. Double-Layer Effects on Simple Electrode Reactions. J.
Electroanal. Chem. 1975, 65, 737-758.

Bligaard, T.; Nerskov, J. K.; Dahl, S.; Matthiesen, J.; Christensen, C. H.; Sehested, J. The
Brensted-Evans-Polanyi Relation and the Volcano Curve in Heterogeneous Catalysis. J.
Catal. 2004, 224, 206-217.

Norskov, J. K.; Studt, F.; Ablid-Pederson, F.; Bligaard, T. Fundamental Concepts in
Heterogeneous Catalysis; John Wiley & Sons: Hoboken, New Jersey, 2014.

Jiang, Z.; Klyukin; Vitaly Alexandrov. First-Principles Study of Adsorption—Desorption
Kinetics of Aqueous V>*/V3+ Redox Species on Graphite in a Vanadium Redox Flow
Battery. Phys. Chem. Chem. Phys. 2017, 19, 14897—-14901.

Vogel, Y. B.; Zhang, J.; Darwish, N.; Ciampi, S. Switching of Current Rectification Ratios
within a Single Nanocrystal by Facet-Resolved Electrical Wiring. ACS Nano 2018, 12 (8),
8071-8080.

Aaronson, B. D. B.; Chen, C. H.; Li, H.; Koper, M. T. M.; Lai, S. C. S.; Unwin, P. R.
Pseudo-Single-Crystal Electrochemistry on Polycrystalline Electrodes: Visualizing
Activity at Grains and Grain Boundaries on Platinum for the Fe?**/Fe’* Redox Reaction. J.
Am. Chem. Soc. 2013, 135 (10), 3873-3880.

Hromadova, M.; Fawcett, W. R. Studies of Double-Layer Effects at Single Crystal Gold
Electrodes II. The Reduction Kinetics of Hexaaquairon(IIl) Ion in Aqueous Solutions. J.
Phys. Chem. A 2001, 105 (1), 104-111.

Bochmann, H. G.; Vielstich, W. On the Reaction Rate of the Fe(II)/Fe(IIl) Redox Couple
in Sulfate Solution. Electrochim. Acta 1987, 33 (6), 805-809.

Oldenburg, F. J.; Bon, M.; Perego, D.; Polino, D.; Laino, T.; Gubler, L.; Schmidt, T. J.
Revealing the Role of Phosphoric Acid in All-Vanadium Redox Flow Batteries with DFT
Calculations and In Situ Analysis. Phys. Chem. Chem. Phys 2018, 20, 23664-23673.
Wasileski, S. A.; Weaver, M. J. Electrode Potential-Dependent Anion Chemisorption and
Surface Bond Polarization as Assessed by Density Functional Theory. J. Phys. Chem. B
2002, 706 (18), 4782-4788.

Dimitrov, D. L.; Raev, N. D. Molecular Dynamics Simulations of the Electrical Double
Layer at the 1 M KCIl Solution | Hg Electrode Interface. J. Electroanal. Chem. 2000, 486
(1), 1-8.

IvanistSev, V.; Nazmutdinov, R. R.; Lust, E. A Comparative DFT Study of the Adsorption
of H,O Molecules at Bi, Hg, and Ga Surfaces. Surf. Sci. 2013, 609, 91-99.

Toth, G.; Spohr, E.; Heinzinger, K. SCF Calculations of the Interactions of Alkali and
Halide Ions with the Mercury Surface. Chem. Phys. 1995, 200 (3), 347-355.

Xin, H.; Linic, S. Exceptions to the d-band Model of Chemisorption on Metal Surfaces: The
Dominant Role of Repulsion between Adsorbate States and Metal d-States. J. Chem. Phys.
2010, 732 (22), 12—15.

Dellien, I.; Hepler, L. G. Enthalpies of Formation of Cr** (aq) and the Inner Sphere
Complexes CrF2" (aq), CrCly" (aq), CrBr2" (aq), and CrSO4" (aq). Can. J. Chem. 1976, 54
(9), 1383—-1387.

Anson, F. C.; Barclay, D. J. Anion Induced Adsorption of Cadmium(II) on Mercury from
Iodide and Bromide Media. Anal. Chem. 1968, 40 (12), 1791-1798.

158



(37)

(38)

(39)

(40)

(41)

(42)

(43)
(44)
(45)
(46)

(47)
(48)

(49)

(50)

(1)
(52)

(53)

(54)

(55)

Ackerman, J. J. H.; Orr, T. V.; Bartuska, V. J.; Maciel, G. E. Effect of Halide Complexation
of Cadmium(II) on Cadmium-113 Chemical Shifts. J. Am. Chem. Soc. 1979, 101 (2), 341—
347.

Frick, R. J.; Hofer, T. S.; Pribil, A. B.; Randolf, B. R.; Rode, B. M. Structure and Dynamics
of the Cd(II) Ion in Aqueous Solution: An Ab Initio QMCF-MD Study. Phys. Chem. Chem.
Phys. 2010, 12 (37), 11736-11743.

Van der Pol, F.; Sluyters-Rehbach, M.; Sluyters, J. H. On the Elucidation of Mechanisms
of Electrode Reactions by Combination of a.c.-and Faradaic Rectification Polarography.
Application to the Zn**/Zn(Hg) and Cd**/Cd(Hg) Reduction. J. Electroanal. Chem. 1975,
58 (1), 177-188.

Bongenaar, C. P. M.; Remijnse, A. G.; Sluyters-Rehbach, M.; Sluyters, J. H. On the
Selection of the Most Probable Mechanism of the Cd(II) Reduction at Mercury from 1 M
KF Solution. J. Electroanal. Chem. 1980, 111 (2-3), 139-153.

Jones Ulrich, J.; Anson, F. C. Ligand Bridging by Halide in the Electrochemical Oxidation
of Chromium(II) at Mercury Electrodes. Inorg. Chem. 1969, 8 (2), 195-200.

Kant, R.; Kaur, J.; Mishra, G. K. Theory for Influence of the Metal Electrolyte Interface on
Heterogeneous Electron Transfer Rate Constant: Fractional Electron Transferred Transition
State Approach. J. Phys. Chem. C 2020, 124 (4), 2273-2288.

Kaur, J.; Kant, R. Theory of Work Function and Potential of Zero Charge for Metal
Nanostructured and Rough Electrodes. J. Phys. Chem. C 2017, 121 (24), 13059-13069.
Kaur, J.; Kant, R. Model of Local Work Function and PZC for Molecular Self Assembly
over Nanostructured Metal Electrode. J. Phys. Chem. C 2018, 122 (1), 911-918.

Mehl, W.; Bockris, J. O. M. Mechanism of Electrolytic Silver Deposition and Dissolution.
J. Chem. Phys. 1957, 27 (3), 818-819.

Moussa, A. A.; Sammour, H. M. Reactivity of Anions towards Electron Transfer in the
Bismuth - Teravalent Bismuth Exchange Reaction. J. Chem. Soc. 1960, 2151-2157.
Gorodetskii, V. V.; Losev, V. Elektrokhimiya 1966, 2, 656.

Salié, G. Experimental Investigation of Intermediate States of Electrochemical Amalgam
Reactions. Zeitschrift Fur Phys. Chemie 1970, 244, 1.

Kooijman, D. J.; Sluyters, J. H. The Galvanostatic Single-Pulse and the Coulostatic Impulse
Methods for the Determination of the Rate Constants of Electrode Reactions. Electrochim.
Acta 1967, 12 (12), 1579-1592.

Agarwal, H. P. Electrode Kinetics Studies Using Faradaic Rectification. Electrochim. Acta
1971, 16 (9), 1395-1414.

Ferro, S.; De Battisti, A. Electron Transfer Reactions at Conductive Diamond Electrodes.
Electrochim. Acta 2002, 47 (10), 1641-1649.

Galus, Z.; Adams, R. N. The Investigation of the Kinetics of Moderately Rapid Electrode
Reactions Using Rotating Disk Electrodes. J. Phys. Chem. A 1962, 43 (3), 5-10.

Sheinin, A. B.; Zinovev, V. A.; Kheifets, V. L. Oscillographic Studies of the Kinetics of
Electrode Processes. 3. Cobalt Electrode in Solutions of Various Composition. Russ. J.
Phys. Chem. A 1961, 35 (3), 513-516.

Anson, F. C.; Rathjen, N.; Frisbee, R. D. The Absence of a Detectable Potential-
Dependence of the Transfer Coefficient in the Cr’*/Cr*" Reaction. J. Electrochem. Soc.
1970, 117 (4), 477.

Hurlen, T. Heats of Activation at the Cu/Cu(Il) Electrode. Acta Chem. Scand. 1961, 15 (3),
621-629.

159



(56)

(57)
(58)
(59)
(60)

(61)

(62)

(63)

(64)

(65)

(66)

(67)
(68)

(69)

(70)
(71)
(72)
(73)
(74)
(75)

(76)

Curtiss, L. A.; Halley, J. W.; Hautman, J.; Hung, N. C.; Nagy, Z.; Rhee, Y. -J.; Yonco, R.
M. Temperature Dependence of the Heterogeneous Ferrous-Ferric Electron Transfer
Reaction Rate: Comparison of Experiment and Theory. J. Electrochem. Soc. 1991, 138 (7),
2032-2040.

Angell, D. H.; Dickinson, T. The Kinetics of the Ferrous/Ferric and Ferro/Ferricyanide
Reactions at Platinum and Gold Electrodes. J. Electroanal. Chem. 1972, 35 (1), 55-72.
Stulikova, M.; Vydra, F. The Voltammetry of Iron(III) at the Glassy Carbon Rotating Disk
Electrode in Acid Media. 1972, 38 (2), 349-357.

Galizzioli, D.; Trasatti, S. Simple Electron Exchange Reactions. Fe(Il)/Fe(Ill) Redox
Couple. J. Electroanal. Chem. 1973, 44 (3), 367-388.

Gross, M.; Jordan, J. Voltammetry at Glassy Carbon Electrodes. Pure Appl. Chem. 1985,
57 (4), 633-638.

Everett, K. G.; Drew, L. A.; Ericson, S. J.; Schmid, G. M. The Fe(Il)-Fe(Ill) and
Hydroquinone-Quinone Reactions on Oxygen-Covered Rhodium Electrodes. J.
Electrochem. Soc. 1978, 125 (3), 389-394.

Bockris, J. O.; Mannan, R. J.; Damjanovic, A. Dependence of Rate of Electrodic Redox
Reactions on the Substrate. J. Chem. Phys. 1968, 48, 1898—1904.

Losev, V. V.; Molodov, A. 1. The Influence of Fluorine Ions on the Anode Solution of
Indium Amalgam and Certain Regularities in Electrode Processes Involving Complexes.
Dokl. Akad. Nauk SSSR 1963, 148 (5), 1114-1117.

Gaur, J. N.; Jain, D. S. Reduction of Indium at the Dropping Mercury Electrode in Non-
Complexing Media. Electrochim. Acta 1966, 11 (11), 1661-1665.

Moussa, A. A.; Abou Romia, M. M.; El-Taib Heakal, F. Reactivity of the Azide Ion
Compared with That of Chloride and Bromide Ions towards Electron Transfer at Electrodes.
Electrochim. Acta 1970, 15 (8), 1391-1397.

Hollnahel, M.; Landsberg, B. Non-Stationary Anodic Voltage Curves on Nickel. Zeitschrift
Fur Phys. Chemie 1959, 212, 94.

Randles, J. E. B. Progress in Polarography I; Interscience: New York, 1962.

Kravtsov, V. 1. Kinetics and Mechanism of Electrode Reactions of Metal Complexes in
Aqueous Electrolyte Solutions. Russ. Chem. Rev. 1976, 45 (4), 284-297.

Hubbard, A. T.; Anson, F. C. The Theory and Practice of Electrochemistry with Thin Layer
Cells, in Electroanalytical Chemistry A.J. Bard (Vol. 4), A Series of Advances.; Marcel
Dekker: New York, 1970.

Blackledge, J.; Hush, N. S. Mechanism of the Zn(Il)/Zn(Hg) Exchange Part 2: Catalysis by
Halide and Thiocyanate lons. J. Electroanal. Chem. 1963, 5 (6), 435—449.

Koryta, J. Kinetics of Discharge of Zinc at the Dropping Mercury Electrode. Electrochim.
Acta 1962, 6 (1-4), 67-74.

Kambara, T.; Ishii, T. A.C. Polarographic Determination of the Rate Constant of Electrode
Reaction. Rev. Polarogr. 1961, 9 (1), 30-35.

Bard, A. J.; Faulkner, L. R. Electrochemical Methods: Fundamentals and Applications;
John Wiley & Sons, Inc., 2001.

EC-Lab Software User’s Manual; 10.38, Ed.; BioLogic Science Instruments, 2014.
Randin, J. P.; Yeager, E. Differential Capacitance Study on the Edge Orientation of
Pyrolytic Graphite and Glassy Carbon Electrodes. J. Electroanal. Chem. 1975, 58 (2), 313—
322.

lamprasertkun, P.; Hirunpinyopas, W.; Keerthi, A.; Wang, B.; Radha, B.; Bissett, M. A_;

160



(77)

(78)

(79)
(80)
(81)
(82)

(83)

Dryfe, R. A. W. Capacitance of Basal Plane and Edge-Oriented Highly Ordered Pyrolytic
Graphite: Specific lon Effects. J. Phys. Chem. Lett. 2019, 10, 617-623.

Kresse, G.; Furthmiiller, J. Efficient Iterative Schemes for Ab Initio Total-Energy
Calculations Using a Plane-Wave Basis Set. Phys. Rev. B 1996, 54 (16), 11169-11186.
Kresse, G.; Furthmiiller, J. Efficiency of Ab-Initio Total Energy Calculations for Metals
and Semiconductors Using a Plane-Wave Basis Set. Comput. Mater. Sci. 1996, 6 (1), 15—
50.

Kresse, G. Ab Initio Molecular Dynamics for Liquid Metals. J. Non. Cryst. Solids 1995,
192-193, 222-229.

Perdew, J. P.; Burke, K.; Ernzerhof, M. Generalized Gradient Approximation Made Simple.
Phys. Rev. Lett. 1996, 77 (18), 3865-3868.

Joubert, D. From Ultrasoft Pseudopotentials to the Projector Augmented-Wave Method.
Phys. Rev. B - Condens. Matter Mater. Phys. 1999, 59 (3), 1758-1775.

Hoover, W. G. Canonical Dynamics: Equilibrium Phase-Space Distributions. Phys. Rev. A
1985, 37 (3), 1695-1697.

Nosé¢, S. A Unified Formulation of the Constant Temperature Molecular Dynamics
Methods. J. Chem. Phys. 1984, 81 (1), 511-519.

161



Chapter 6 : Understanding Influence of Electrode on Charge

Transfer Reactions of Transition Metal Ions”

* This chapter is adapted from Agarwal, H.; Florian, J.; Goldsmith, B. R.; Singh, N. Explaining Kinetic Trends of
Inner-Sphere Transition Metal lon Redox Reactions at Electrodes Using the d-band Model. Submitted 2022. The
computational portion of the work is conducted by Jacob Florian.

6.1 Summary

In this chapter, we report that the average energy of the d electrons (i.e., d-band center) of a
transition metal electrode rationalizes the kinetic trends of heterogeneous inner sphere charge
transfer (CT) of transition metal ions. We show that V>*/V3* is an inner sphere reaction and that
the kinetic parameters correlate with the energy of an adsorbed vanadium intermediate on Au, Ag,
Cu, Bi, and W electrodes, with W being the most active. We demonstrate that the energy of the
adsorbed vanadium intermediate linearly correlates with the d-band center, such that the d-band
center serves as a simple descriptor for the V**/V3* kinetics. We extract kinetic data from the
literature for four other inner sphere CT reactions of transition metal ions involving Cr, Fe, Co-
based complexes to show that the d-band center also linearly correlates with kinetic trends for
these systems. The d-band center of the electrode is a general descriptor for heterogeneous inner
sphere CT because it correlates with the adsorption strength of the metal ion intermediate. The d-
band center descriptor is analogous to the d-electron configuration of transition metal ions serving
as a descriptor for homogeneous inner sphere CT because the d-electron configuration controls

bond strengths of intermediate metal ion complexes.
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6.2 Introduction

The large effect of the electrode on the kinetics of heterogeneous inner sphere CT (het-CT)
reactions of transition metal ions is poorly understood. Inner sphere CT of transition metal ions
generally involves formation of a chemical bond between the two redox centers through a bridging
ligand. The bridging ligand mediates the electron transfer between the redox centers. Bridging
ligands (denoted by X) are typically molecules containing p-block elements like C, N, O, P, S, and
halides.!” For het-CT, the exchange current densities (i,) or rate constants (k) vary by several
orders of magnitude on different electrodes.*’ Changes of this magnitude in i, and k cannot be
attributed solely to double layer changes at the electrode-electrolyte interface, so the electrode’s
electronic structure must have an effect on the energy of intermediate steps.®’ The i, and k have

10,11

been shown to correlate with electrode properties such as point of zero charge, work

10,12 12,13

function, electronegativity, and polarizability for inner sphere CT reactions of Fe*'/Fe**
complexes;'* but there is a lack of physical understanding of why these properties correlate with
kinetics and how universally these correlations hold.

We hypothesize that the large effect of the electrode in het-CT is because of the electrode’s
influence on the adsorption energy of the intermediate. We denote this intermediate species as
*[X—M], where * represents the electrode surface, and X is the ligand through which metal ion M
adsorbs. In the previous chapters, we have shown that for the V?*/V3' reaction on carbon
electrodes, the i,, apparent activation energy (E,), and apparent frequency factor are related to the
adsorption strength and desorption barrier of an adsorbed vanadium intermediate (*[X—V>*]).%3
We investigate whether this relationship between V>*/V>" kinetics and desorption barrier extends

to metal electrodes here and whether an electrode property can universally describe the trends in

kinetics for het-CT reactions of transition metal ions.
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It is critical to understand what metal ion and electrode properties control the reaction
energetics and mechanism to rationalize kinetic trends of heterogeneous inner sphere CT reactions.
Here we discuss how the kinetic parameters, that is, i, or k, E,, and apparent frequency factor,
depend on a general reaction free energy diagram as depicted in Scheme 6.1a. We then discuss
the corresponding reaction steps, intermediates, and transition states of homogeneous inner sphere
CT (hom-CT, Scheme 6.1b) and het-CT (Scheme 6.1¢) and identify similarities in reaction
mechanism.

Both homogeneous and heterogeneous inner sphere CT generally involve the formation of
three intermediates (Ii, I», and I3). For the case where electron transfer to form I3 is the rate
determining step (RDS), the apparent frequency factor is related to the concentration of the
intermediates (I} and ;) formed in steps before the RDS and depends on the free energies of
forming I (AG;) and b (AG,). The E, is related to the difference in the transition states (fgrps)
energy and the energy of I, denoted by E¥RDs. Therefore, with AG,, AG,, and E*RPS_ one can in
principle predict the kinetics of charge transfer. If the electron transfer step is not the RDS or
multiple reaction steps are rate-controlling, the kinetics of CT will depend on the free energies of
relevant intermediates and transition state energies. Experimentally measuring AG;, AG,, and
E*®ps js difficult and evaluating these energies from first-principles atomistic modeling requires
structural knowledge of these species and calculating the reaction energy profile, which is
computationally expensive. By identifying similarities in the mechanisms of hom-CT and het-CT
and properties that control AG;, AG,, and E*RPS in hom-CT, we can predict what electrode

properties may control het-CT of transition metal ions.
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(a) Reaction free energy profile for homogeneous and heterogeneous inner-sphere charge transfer
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(c) Heterogeneous inner-sphere charge transfer mechanism
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Scheme 6.1. Inner Sphere Charge Transfer Reactions of Transition Metal Ions in Solution and at Electrode.
(a) Free energy diagram showing typical steps involved in inner sphere CT of transition metal ions. Reactant (R),
intermediates (Ii, I, and I3), and products (P) are denoted. The exchange current density and rate constant are a
function of the reaction energetics. AG; is the free energy change of step i, E¥RDS is the activation energy of the rate
determining step, and E*+ is activation energy to form the product (e.g., the desorption barrier in heterogeneous inner
sphere CT). Corresponding reaction steps for (b) homogeneous and (c¢) heterogencous inner sphere CT involving
transition metals M and M,. Here x is the oxidation state of M; in homogeneous CT, and y is the oxidation state of
M, in homogeneous and heterogenous CT. L and X are neutral ligands. The d-orbitals of metal ions M; and M in
homogeneous CT and density of states of electrode M; and d-orbitals of metal ion M, is shown for het-CT. The p-
orbitals of bridging ligand X is also shown. ET is electron transfer, €x is the electronic energy of the p-orbital of ligand
X, and ¢r is the electrode Fermi-level energy with respect to the vacuum.
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For hom-CT (Scheme 6.1b) the properties that control AG;, AG, and E¥Rbs include the d-
electron configuration of the transition metal ion redox centers and the ligand field strength. Here,
the reactants undergo CT as two metal ions in solution, MLy and M%’ Xe. We assume that M Lg
first loses ligand L to form Iy, with energy AG,.! Next, M{Ls and M%’ X form a bridged precursor
intermediate I, (LsMf — X — M3 X5) with free energy of reaction AG,.! I, subsequently undergoes
electron transfer in the RDS through transition state $gpg to form a bridged successor intermediate
I3, which proceeds to form the products. The d-electron configuration of metal ions M; and M,
and the ligand field strength of ligand X govern the d-orbitals involved in forming I; and I> and
control AG; and AG,. The symmetry of the d-orbitals of the metal ions available for overlapping
with the p-orbitals of the bridging ligand controls the M; — X — M, bond strength, and hence E*Rps
and E,.! Thus, the rate of hom-CT can be controlled by tuning the d-electron configuration of the
metal ions and ligand field strength.

For het-CT, in addition to the d-electron configuration of the metal ion and the ligand field
strength, the coupling of the energy levels between the metal ion and the electrode affects AG,
AG, and E*Rps_ In het-CT, one of the redox centers is an electrode (M;), so in Scheme 6.1¢ we
depict the density of states and Fermi-level (er) for M;. We also show the electronic energy (ex)
of the p-orbital of the ligand X in metal ion complex M%’ Xs- M%’ X¢ adsorbs on M; to form L.
Analogous to hom-CT, AG, (M%’ X ligand dissociation) and AG,, (M%’ X adsorption to M;) depend
on the d-electron configuration of M, and the ligand field strength of X. Additionally, AG, also
depends on the electronic structure of M;. I> undergoes electron transfer to form M; — X —

M3 "X (that is, Is or *[X — M3 **]). I5 desorbs to form the product. The adsorption energy of the

metal ion on the electrode through the bridging ligand (*[X — M%’ +1]) depends on the electronic

structure of the electrode and controls E¥RPS. Thus, the electronic structure of the electrode
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influences het-CT analogous to the d-electron configuration of transition metal ions for hom-CT.
For a reaction where adsorbate scaling relations exist,'® the energy of all intermediates will vary
linearly, i.e., an electrode that adsorbs one intermediate strongly relative to other electrode
materials will also adsorb other intermediates strongly. If Brensted-Evans-Polanyi (BEP) relations

hold for any reaction,'>!

the transition state energies will be linearly related to the reaction
energies of the elementary steps. Thus, for reactions with adsorbate scaling and BEP relations, the
entire reaction energy profile can be defined by a single intermediate or transition state energy,
where all other energies would be related linearly. We showed in previous chapters that for het-
CT of metal ions in acidic electrolytes on carbon electrodes, i,, E,, apparent frequency factors
scaled with the computationally predicted energies of I5 or desorption barrier E*+ in Scheme 6.1a.

We hypothesize the d-band center of the electrode is related to the adsorption energies of the
intermediates and transition states for het-CT reactions of transition metal ions. From a molecular
perspective, for a fixed ligand X and metal ion M, the adsorption strength of X on electrode M, is
dictated by the occupancy of the antibonding states of X, which depends on the position of
antibonding states relative to €g. The position of antibonding states of atomic adsorbates such as
H, N, O, S and molecular adsorbates such as CO, NO, C,H4 are described well by the d-band center

of the electrode (i.e., average energy of the d-electrons with respect to £g).'"2° The occupancy of
antibonding states of X is higher with a lower d-band center, which leads to a weaker adsorption
of X. The weaker adsorption of X leads to weaker adsorption of the *[X — M%’ +1] intermediate for
fixed X and M, and vice versa. This d-band model has successfully rationalized kinetic trends of
several inner sphere reactions in heterogeneous catalysis that involve the formation of an adsorbed
intermediate such as hydrogen evolution reaction (HER)!®! and the oxygen reduction reaction.?’

If similar trends between the d-band center and adsorption energies are seen for metal ion
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adsorbates, the d-band center will capture the effect of the electrode on the kinetics of het-CT of
transition metal ions if the bridging ligand is unchanged.

In this chapter, we demonstrate that the d-band electronic structure of the electrode is related
to the heterogeneous inner sphere CT kinetics of transition metal ions. We use the V>*/V>" reaction
as a probe system and evaluate kinetic parameters on five different metal electrodes to show
V#/V3* kinetics linearly correlates with the d-band center of the different electrodes. The d-band
center controls the kinetics by changing the adsorption strength of the metal ion CT intermediate.
We extend this analysis to show that the d-band center also linearly correlates with the kinetics of
het-CT reactions involving Cr, Fe, Co-based complexes. The d-band correlation is stronger than
those of other electrode properties proposed to explain kinetic trends. Our demonstration that the
d-band model rationalizes kinetic trends for several inner sphere CT reactions of transition metal
ions on various electrodes provides links between concepts from heterogeneous catalysis and
homogeneous inner sphere CT.

6.3 Results and Discussion
6.3.1 V?*/V3* Reaction Kinetics on Metal Electrodes

Although Bi,'2° Ag,?6 Sb,>” W, 28 Cu,?® and Sn*’ on carbon supports have shown improved
kinetics for the V**/V3* reaction, there is little understanding of the reason behind this kinetic
enhancement and whether there are any trends in the kinetics with electrode properties. Various
challenges have prevented a fair comparison of activity among electrodes and understanding of
the reaction mechanism, including the absence of reaction rates normalized by the
electrochemically active surface area (ECSA), differences in experimental techniques (cyclic
voltammetry at different scan rates, CT resistance at different voltages) and testing conditions

(mass transfer limitations), and not capturing the effect of metal deposition and functionalization
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on properties of the carbon support. Similar challenges have prevented comparing activities of
different metal electrodes for other transition metal ion redox couples.’'* We address these
challenges in this work by: (i) using unsupported metals as electrodes in a single electrolyte to
ensure any changes in activity are coming solely from the metal itself, (i1) measuring ECSA
normalized kinetics, and (iii)) measuring kinetic parameters using steady-state current
measurements and CT resistance at open circuit voltages using a rotating disk electrode that
provides control over mass transfer limitations. Mitigating these challenges allows us to
understand the V**/V3* reaction mechanism and identify physicochemical descriptors that explain
kinetic trends for several het-CT reactions.

We measure the V**/V3 kinetic parameters on Au, Ag, Cu, Bi, and W metal electrodes in
H>SO4 to isolate the effect of the electrode on charge transfer. The preparation of these electrodes
are discussed in the Supporting Information (SI). We choose these five metal electrodes for our
analysis because of their varying d-band center and other electronic properties like work function,
polarizability, and electronegativity. Because V" interacts with anions present in the electrolyte
and often forms complexed species, we use the same electrolyte to ensure the structure of reacting
vanadium ions remains unchanged and the role of the metal electrode on V**/V3* redox kinetics is
isolated.?*3* We have shown in previous chapters that V>* exists as [V(H20)s]** and V>* exists as
a mixture of [V(H20)sS04]" and [V(H20)6]*" in H2SOsa.

We measure the ECSA to ensure normalized intrinsic V2*/V?* kinetics on Au, Ag, Cu, Bi,
and W metal electrodes. We determine the ECSA of Au using Cu underpotential deposition (UPD)
and the ECSA of Ag and Cu using Pb UPD. We observe that Cu and Pb UPD do not occur on Bi
and W. To our knowledge, there is not any other UPD technique previously shown to estimate

ECSA for Bi and W. A previous study used HER currents to determine the ECSA of W electrodes,
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however, it is unclear if the measured HER currents were mass-transfer limited and the roughness
of the W electrodes was not considered.’ Here, we measure the ECSA of Bi and W electrodes by
determining the HER current at a fixed voltage on our disk electrode and normalizing to the HER
current on Bi and W electrodes deposited to have a roughness factor of one. The details of the
ECSA measurements are discussed in Chapter 2. We ensure that the HER currents are not mass
transfer limited by operating at sufficiently high rotation or stir rates where the current is
independent of mass transfer. This is the first time that HER current is used to measure ECSA of
Bi electrodes.

We evaluate the i,, Tafel slopes, E,, and apparent frequency factors for the V27/V3*
reaction on Au, Ag, Cu, Bi, and W electrodes using steady state current measurements (Tafel
method) and impedance measurements (CT resistance method). We record the steady state
measurements at different rotation rates for a range of overpotentials using a rotating disk electrode
setup, and use Koutecky-Levich analysis to deconvolute the contributions of kinetic and diffusive
current.’® The kinetic currents of the oxidation reaction are used to estimate i, and Tafel slopes
using the Tafel equation for all metal electrodes except W. We use the Butler-Volmer equation
instead of the Tafel equation to estimate i, on W because the limiting currents are reached at low
overpotentials on W. Analyzing only the oxidation region ensures the contribution of HER on the
estimated i,, is minimal.>** Electrochemical impedance spectroscopy measurements at open circuit
voltage are fitted to a modified Randles circuit to estimate exchange current densities from CT

resistance method (i, g, ). The variation of i, with temperature is fitted to the Arrhenius equation
to estimate E, and apparent frequency factors by Tafel method. Similarly, the variation of i, g,
with temperature is used to estimate apparent activation energies (Eq g, ), and CT apparent

frequency factors. The agreement between the kinetic parameters obtained from the independent
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Tafel and CT resistance methods assists in ensuring reproducibility and provides information
pertaining to the number of electrons involved in the reaction as shown in Figure S6.1 of the SI.
This experimental procedure to estimate kinetic parameters is the same as used in previous chapters
and 1s discussed in detail in Chapter 2.

The large effect of the electrode surface on the exchange current density in Figure 6.1a
shows that the V**/V3* reaction is inner sphere. The i, of the V>*/V** reaction on all five electrodes
(Au, Ag, Cu, Bi, and W) measured in this work are compared with i, on glassy carbon (GC) and

edge plane pyrolytic graphite (EPPG) from our prior chapters and are shown as a function of State

2+
of Charge (SOC = %) in Figure 6.1a. We measure the SoC by deconvoluting the

contributions of V" and V" using UV-vis spectroscopy as discussed in Chapter 2.>* The i, on
metal electrodes follow the order W > Cu > Ag > Au > Bi at 50% SoC. The three orders of
magnitude variation in i, between the most active (W) and least active (GC) electrode in Figure
6.1a is much larger than the factor of 3—8 times observed for different electrodes for outer sphere

7 suggesting that the V2*/V3*' is an inner sphere reaction.

reactions of transition metal ions,*
Additionally, the three orders of magnitude rate enhancement on metals compared to carbon
confirm that the catalyzing effect observed previously for metals deposited on carbon supports for
V#/V3* reaction is largely due to the metals themselves and not due to changes in the properties
of carbon supports because of metal deposition. By comparing i, and i, on different metal
electrodes except W, we show that the RDS of V2*/V3* reaction involves one electron transfer on
all metals (Figure S6.1), similar to GC and EPPG in H2S04.23*

The dependence of V2*/V3" kinetics on SoC for all metal and carbon electrodes indicates

that VZ*/V3* is an inner sphere reaction, and matches the kinetic trends predicted by a rate law with

electron transfer step as RDS. W, Cu, Ag, and Bi show a maximum in i, between 30-80% SoC
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similar to EPPG, whereas i, on Au decreases with decreasing SoC similar to GC as shown in
Figure 6.1a. An outer sphere reaction would not have a decreasing i, with SoC, as we have
previously discussed on GC.* The rate law for inner sphere CT reaction with electron transfer step
as the RDS (eq. S6.17) captures the i, behavior with SoC on all metal and carbon electrodes. On
the contrary, rate laws assuming either the adsorption or desorption of the vanadium intermediate
as the RDS are unable to capture the i, behavior on all electrodes (Tables S6.1 and S6.2).

The Tafel slopes on all metal and carbon electrodes in Figure 6.1b indicate that the V2*/V3*
reaction is asymmetric with electron transfer as the RDS. For a reaction involving one electron
transfer in RDS and completely symmetric (transfer coefficient, @,, = a;..q =0.5), the Tafel slope
is ~117 mV decade ' at room temperature (T = 23.3 °C) and independent of SoC.*® The Tafel
slopes are between 130-170 mV decade™! on Au, Bi, EPPG, and GC and between 200-250 mV
decade ! on Cu and Ag. On the contrary, Tafel slopes are close to 60 mV decade ' on W. The use
of V2*/V*" oxidation region to estimate i, and Tafel slopes greater than 117 mV decade ' on all
metal and carbon electrodes except W indicate that the V>*/V>" reaction is asymmetric with @,
lower than 0.5. The relatively constant Tafel slopes with varying SoC confirms that the electron
transfer is the RDS on all metal and carbon electrodes. The Tafel slopes decrease with decreasing
SoC if the adsorption or desorption of the vanadium intermediate are considered as RDS, as shown
in the SI. However, the reaction mechanisms with adsorption, electron transfer, or desorption steps
as RDS do not explain the very low Tafel slopes on W indicating the possibility of a more complex
reaction mechanism on W. Asymmetric transfer coefficients have been previously reported for

several redox reactions including Fe?"/Fe*", Co*"/Co*", and Cr**/Cr** on metal electrodes.®?"~4
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Figure 6.1. Kinetic Parameters for the V**/V3* Reaction in H2SO4 on Metal and Carbon Electrodes. (a) Exchange
current densities (i,) from the Tafel method at room temperature (T = 23.3 °C). (b) Tafel slopes at T = 23.3 °C. (¢)
Apparent activation energies (E,) and (d) Apparent frequency factors. All kinetic parameters are plotted as a function
of state of charge for V2'/V** reaction on Au, Ag, Cu, Bi, and W metal electrodes and edge plane pyrolytic graphite
(EPPQ) and glassy carbon (GC) electrodes. The E, and apparent frequency factors are evaluated using the i, at T =
23.3,30.0, 35.0, and 40.0 °C for all metals except W. We use i, at T = 5.0, 10.0, 15.0, and 23.3 °C to evaluate E, and
apparent frequency factors for W because of the difficulty in obtaining accurate i, at higher T. The vanadium ion
concentration is 0.2 M dissolved in 1 M H,SO4, except for GC (0.5 M H>SO4). All kinetic parameters of GC and EPPG
are reproduced from our prior works.>3*

The variation of E, and apparent frequency factor with SoC also indicates that the electron
transfer step is the RDS for V2*/V3* reaction on all electrodes except W and EPPG. On all metals

except W, the E, and apparent frequency factor continuously increase with decreasing SoC as
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shown in Figure 6.1¢ and Figure 6.1d, respectively. Similar trends in E, and apparent frequency
factor with SoC are also observed on GC. The increasing E, and apparent frequency factor with
decreasing SoC agrees with predicted trends for a reaction mechanism with electron transfer step
as the RDS (Figure S6.3). W and EPPG shows a minimum in both E, and apparent frequency
factor with SoC as shown in Figure 6.1¢ and 6.1d. The reaction mechanisms with adsorption,
desorption, or electron transfer step as the RDS (Figures S6.2—-S6.4) do not predict a minimum in
E, and apparent frequency factor with SoC indicating the reaction mechanism on W and EPPG is
different than the other metals or on GC. The rate laws showing the trends in kinetic parameters
with SoC are summarized in Table S6.2 and available in the SI.

Based on the kinetic data and comparison to our previous work on GC, we hypothesize that
the CT intermediate is a vanadium species adsorbed through an *O bridge, and the energy of this
intermediate affects the i, for metals. On GC, we showed V> adsorbs as *[OH—V(H20)s]" bridged
intermediate, which corresponds to I, in Scheme 6.1.>** Alternatively, the bridging ligand may
come from *OH on the surface. The *[OH—-V(H20)s]" undergoes electron transfer and a ligand
exchange to form *[OH—V(H20)4SO4], corresponding to I3 in Scheme 6.1c. We expect ligand
exchange to occur during the electron transfer step in the RDS because the ligand exchange of V3*
with SO4?~ is thermodynamically preferred.>** We observe in our density functional theory-based
metadynamics calculations that *[O—V(H20)4SO4] 1s more favorable to form on metals compared
to *[OH—V(H20)4S04]. Because we see similar kinetic trends in Figure 6.1 on metals as on GC,
we postulate a reaction mechanism similar to GC on metals involving the *[O—V(H20)4S04]
intermediate (corresponding to I3). Further, because we have shown that the energy of the
*[X—V*'] intermediate or its desorption barrier, E¥#, correlates with kinetics in various acidic

electrolytes on GC and EPPG, >3 we hypothesize that the adsorption strength of *[O—V(H20)4S04]
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(i.e., I3) will correlate with the apparent frequency factor and E, for metals as well. As discussed
in the Introduction, if BEP relations hold for a given reaction, a single intermediate or transition

state energy (e.g., E¥*) can be used to describe the entire reaction energy profile. Resultantly, we

compute the E*+ for *[O—V(H20)4S04] on metals to compare to our kinetic data here.
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Figure 6.2. V?'/V3* Kinetic Parameters in H2SO4 Compared to Desorption Barrier of Proposed Intermediate
on Metals. (a) Exchange current density at room temperature (T = 23.3 °C), (b) Apparent activation energy, and (c)
Logarithmic of apparent frequency factor at 50% state of charge in H>SO4 as a function of calculated desorption barrier
(E*+) of *[0—V(H20)4S04] on Au, Ag, Cu, Bi, and W electrodes for V>*/V>" reaction.

The computed desorption barrier of *[O—V(H20)4SO4] rationalizes the kinetic trends of
the V2*/V3" reaction on metal electrodes. We calculate the E*+ of *[O—V(H20)4SO4] using
metadynamics and show the i,, E,, and apparent frequency factor at 50% SoC vs E*+ in Figure
6.2. The E*+ increases in the order W > Cu > Ag > Au > Bi and the i, in Figure 6.2a follow a
similar trend confirming our hypothesis that changing the metal electrode alters the reaction energy
profile. Based on a reaction profile where BEP relations hold for different conditions/electrodes,?!
we would expect that as E*+ increases, due to stronger intermediate adsorption, the E, and the
intermediate coverage would increase. The higher intermediate coverage would lead to a larger
apparent frequency factor. All metals except W obey these trends expected from BEP relations, as
shown by the increasing E, and apparent frequency factor with increasing E¥+ in Figure 6.2b and

Figure 6.2¢ respectively. However, W has different Tafel slopes and different dependence of E,
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and apparent frequency factor on SoC compared to other metals and is most active with lowest E,.
The different dependence on SoC and low E, on W for high E*+ indicates that the V>*/V3" reaction
occurs either through a different reaction mechanism or that BEP relations don’t hold on W.
Regardless, the i, increases with E¥+, indicating that the electrodes that binds *[O—V(H20)4S04]
more strongly are more active. The simulation cell used and process of evaluating desorption
barrier from the metadynamics calculations is the same a discussed in Chapter 5. The free energy
profiles of the adsorbed vanadium intermediate on metals are shown in Figure S6.5.

Our studies for the V2*/V*" reaction on metal electrodes highlight the importance of
measuring kinetic parameters and coupling them with the understanding of the reaction energy
profile to identify how the intermediate energies correlate with reaction kinetics. However, the
desorption barrier of the *[O—V(H20)4S04] intermediate requires metadynamics calculations and
does not provide direct information about the electrode property influencing kinetics. Next, we
show that the d-band center of the electrode correlates with the adsorption strength and desorption
barrier of *[0O—V(H20)4S04], opening an avenue to directly predict active materials for V>*/V3*
reaction.

6.3.2 Correlating V>*/V3* Reaction Kinetics with the d-band Center of the Electrode

The V*/V?** kinetics on transition metal electrodes in H2SO4 at 50% SoC linearly correlate
with the d-band center. The i, correlates strongly to the d-band center (Pearson correlation
coefficient, r = 0.97) of the four d-block metal electrodes as shown in Figure 6.3a. The linear
correlation between i, and d-band center arises because the desorption barrier of
*[O—V(H20)4S04] correlates with the d-band center (r = 0.84), as shown in Figure 6.3b. The
correlation of i, with the d-band center has a higher r and lower mean absolute error (MAE) than

the correlation of desorption barrier with the d-band center indicating that the d-band center can
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be used to predict kinetics with higher accuracy than the desorption barrier. The MAE of 0.41 mA
cm 2 for the linear correlation between i, and the d-band center in Figure 6.3a is much smaller

than the maximum i, observed on metals indicating small errors in i, will not affect the quality of

correlations.
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Figure 6.3. Relationship between Exchange Current Density of V>*/V3* Reaction in H2SO4, d-Band Center,
Desorption Barrier, and Metal-Hydrogen Bond Strength. (a) Exchange current density of V?*/V3" reaction plotted
against d-band center. (b) Desorption barrier of *[O—V(H20)4sSO4] plotted against the d-band center. (c)
Metal-hydrogen (M—H) bond strength plotted against the d-band center. (d) Exchange current density of V27/V3*
reaction plotted against M—H bond strength. Exchange current densities for the V2*/V3* reaction is obtained at 50%
state of charge and room temperature (T = 23.3 °C). Linear trendlines are indicated for each. r is the Pearson
correlation coefficient and MAE is the mean absolute error. The d-band center and M—H bond strength values for
metals are taken from references 17 and 41, respectively.

Because Bi is not a d-block element, we use another material property, the metal-hydrogen
(M—H) bond strength, to include Bi in the analysis. M—H bond strength also linearly correlates
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with the d-band center (r = 0.97) as shown in Figure 6.3¢. The i, of V>*/V>" reaction on all five
metals linearly correlates with the M—H bond strength as shown in Figure 6.3d (r = 0.98). Even
though the MAE for linear correlation of i, with M—H bond strength in Figure 6.3d is lower than
that of i, with d-band center in Figure 6.3a, we do not believe the M—H bond strength itself
impacts the kinetics. The M—H bond strength instead is representative of the electronic structure
of the electrode. Thus, i, of V>*/V3" reaction on all five tested metals correlates with the electronic
structure of the electrode. The d-band center controls the electrode—oxygen adsorption strength of
the vanadium intermediate on metal electrodes, explaining trends in V**/V3* kinetics. The d-band
center and the M—H bond strength of the electrode can be used as descriptors to identify materials
with desired properties for the VZ*/V3* reaction. The d-band center of materials can be altered by
alloying with different metals and introducing defects, opening avenues to identify low-cost
materials that are active for V>*/V?" reaction.
6.3.3 d-band Center as a Descriptor for Heterogeneous Inner Sphere Charge Transfer of

Fe-, Co-, Cr- Metal Ions

To explore if the d-band center or other electrode properties explain kinetic trends of het-
CT of various transition metal ions, we extract kinetic data for four het-CT reactions from literature
to add to our V2*/V** work here. To avoid lab-to-lab variations in the reported k or i, for a redox
couple on the same electrode we only compare kinetic data from the same laboratory measured
using the same methods.** Additionally, to control for the effect of the anion on rate constants, we
only compare kinetic data in the same electrolyte. To ensure sufficient points to draw a correlation,
we only select CT reactions where a minimum of three metals are used as electrodes. These criteria
result in six sets of data to add to ours for V>*/V3" in H,SOa. Three of those sets of data are for the

same redox couple (Fe*'/Fe’") but done in different laboratories with varying total Fe
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concentration and supporting electrolyte. The six data sets include the kinetic rate constants of
[Fe(H20)s]*"*" in HoSO4 (with total [Fe] = 0.1 and 0.01 M) and mixture of K2SO4 and H>SOs
(Fe?"/Fe*),!011 [Co(NH3)sINCS*™* and cis-([Co(en)2](NCS)2)'"° in mixture of NaClOs and
HCI1O4 (Co**/Co*"),” and Cr**/Cr*" in NaClO4.® The anions present in the electrolyte or part of the
coordination sphere, e.g., OH™, NCS~, SO+, act as bridging ligands to form adsorbed metal ion
intermediate for these redox reactions undergoing het-CT similar to V>*/V3* !

The kinetics of all five het-CT reactions linearly correlate best with the d-band center of
the electrode in comparison to other electrode properties proposed to influence het-CT kinetics in
the literature. The data in Figure 6.4a shows that r for kinetics is largest for the d-band center
compared to electrode polarizability, electronegativity, and work function. The high r for kinetics
with M—H bond strength for these CT reactions confirm the strong correlation between the M—H
bond strength and d-band center as also observed in Figure 6.3c. The kinetics might also correlate
to several combinations of electrodes properties, however, in this work we choose a single
electrode property to follow the principle of Occam’s razor.*® Even though the electrode
electronegativity for [Fe(H20)s]*"*", electrode work function for cis-([Co(en)2]J(NCS)2)!*"°, and
electrode polarizability for VZ*/V3* also lead to good linear correlations (|r| > 0.5), d-band center
and M—H bond strength are the only electrode properties that shows good correlations for all
analyzed CT reactions as depicted in Figure 6.4a. Although our analysis is limited to only five
inner sphere CT reactions due to limited availability of rate constants, the high r value for the d-
band center of the electrode for all CT reactions suggests that the d-band center can be used as a
descriptor for understanding and capturing the effect of electrode on the het-CT reactions. The
availability of more kinetic data for inner sphere CT reactions on multiple metal electrodes in the

same electrolyte will help in further confirming this analysis.
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Figure 6.4. Correlation between Kinetics of Inner Sphere Charge Transfer Reactions of Transition Metal Ions
and Electrode Properties. (a) Pearson correlation coefficient (1) for linear correlations of exchange current densities
(i,) or standard (k) or apparent (k) rate constants for various inner sphere redox couple | electrolyte combinations
vs d-band center of the electrode, metal—hydrogen (M—H) bond strength, electrode polarizability, electronegativity,
and work function. (b-h) i, or k or kg, for various inner sphere redox couple | electrolyte combinations linearly
correlating with the d-band center of the electrode with r and mean absolute error (MAE) shown in inset. The metal
electrode properties used to determine the correlations are available in Table S6.3.

The kinetics linearly correlate either positively or negatively with the d-band center for all

five het-CT reactions. The kinetics of V**/V*" in H,SO4 (Figure 6.4b), Cr**/Cr’" (Figure 6.4c),

and [Fe(H20)6]*"*" in H2SO4 (Figure 6.4f and 6.4g) correlate positively with the d-band center.

On the other hand, the kinetics of cis-([Co(en)2](NCS)2)'"° (Figure 6.4d), [Co(NH3)s]NCS?"1*

(Figure 6.4e), and [Fe(H,0)s]*"*" in a mixture of K,SOs and H>SO4 (Figure 6.4h) correlate
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negatively with the d-band center. We propose the sign of the correlation depends on whether
increasing the adsorption strength of the metal ion intermediate increases or decreases the rate. For
V#/V3* and the others with positive correlations, a higher d-band center increases the adsorption
strength of the intermediates, increasing the rate. If the intermediate adsorbs too strongly, the
kinetics will decrease with higher d-band center leading to a negative correlation because the
electrode will adsorb the intermediate even more strongly, and desorption becomes more difficult.
Resultantly, there is an optimum value for intermediate adsorption strength or d-band center of the
electrode, that would maximize the CT kinetics based on Sabatier’s principle.'> Figure 6.4e shows
the kinetics of [Co(NH3)s]NCS?"!" are faster on Ag compared to Au and Pt indicating that possibly
the d-band center of Ag allows the intermediate to adsorb with optimum adsorption strength,

2% on more metal electrodes is

maximizing the kinetics. However, kinetics of [Co(NH3)s]NCS
needed to confirm this. The positive d-band center correlation of [Fe(H20)s]>** kinetics in H2SO4
vs the negative correlation of kinetics in KoSO4 and HoSO4 may arise because of differences in
complexation of Fe?" and Fe*" species in these electrolytes, which affect the bridge involved in
formation of the adsorbed metal ion intermediate. Regardless of the changing sign of correlations,
the MAE for correlations of kinetics of all five het-CT reactions vs d-band center is at least an
order of magnitude smaller in comparison to the kinetics on most active metal as shown in Figures
6.4b—6.4h, indicating the correlations capture the kinetic trends on metals quantitatively.

The use of the d-band center as a descriptor to understand the electrode effect on het-CT
confirms our hypothesis of analogous reaction mechanisms for inner sphere CT in the
homogeneous and heterogeneous phase. As discussed, the kinetics in homogeneous inner sphere

CT depends on the d-electron configuration that controls the orbital overlap between the bridging

ligand and metal ions in the bridged intermediates, which in turn controls the intermediate’s bond

181



strength for a fixed bridging ligand. Similarly, the kinetics of het-CT depends on the adsorption
strength of the bridged intermediate on electrode surface, which is controlled by the d-band center
of the electrode for a fixed metal ion and bridging ligand. Compared to the d-band center, the
smaller r value for all other electrode properties like polarizability, electronegativity, and work
function is expected because none of these electrode properties govern the adsorption strength of
the bridged intermediate. The identification of the d-band center as a descriptor will enable the
rational design of bimetallic alloys or core-shell catalysts with a desired d-band center to improve
redox kinetics for het-CT reactions.
6.4 Conclusions

The work presented in this chapter demonstrates a relationship between the d-band center of a
transition metal electrode and kinetic trends for heterogeneous inner sphere charge transfer
reactions of transition metal ions. The d-band center controls the adsorption strength of the metal
ion intermediate, which rationalizes the trends in heterogeneous inner sphere CT kinetics. The
linear correlation of the redox kinetics with the d-band center observed here for reactions involving
transition metal ion adsorbates is similar to the linear correlations found with the d-band center
and reaction kinetics for many chemical reactions in heterogeneous catalysis involving atomic and
molecular adsorbates. The observation that the d-band center controls the heterogeneous inner
sphere CT rate is also analogous to the d-electron configurations of transition metal ions
controlling rates in homogeneous inner sphere CT. The importance of the energy of d orbitals
highlights the similarity in the intermediate steps between homogeneous and heterogeneous inner
sphere CT. The d-band center of a metal electrode can be tuned by alloying with different metals

at various compositions, nano structuring (e.g., changing the fraction of exposed surface facets),
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or introducing lattice strains, opening an avenue to rationally design electrodes for heterogeneous
inner sphere charge transfer reactions.
6.5 Supporting Information
6.5.1 Preparation of Metal Electrodes

The Ag, Cu, and W metal disk inserts (5 mm outer diameter x 4 mm thick) used for rate
measurements are purchased from Pine Research. The Au films (300 nm thick) are deposited using
electron beam evaporation on a glassy carbon disk insert (5 mm outer diameter X 4 mm thick, Pine
Research). Ti (10 nm thick) is used as a seed layer and the glassy carbon disk insert is cleaned with
ion implantation prior to deposition for proper adhesion of the seed layer. The deposition rate used
is 2 A s7!. These metal depositions are conducted using the Angstrom Engineering Evaporator in
the Lurie Nanofabrication Facility at the University of Michigan, Ann Arbor (UofM). The Bi disk
insert (5 mm outer diameter X 4 mm thick) is prepared by machining a Bi rod (11 mm diameter,
99.99% metals basis, Fisher Scientific) at the Instrumentation shop of UofM according to the
design used by Pine Research for making their disk inserts.**
6.5.2 Rate Laws to Identify Rate Determining Step of V2*/V3* Reaction

The overall reaction can be written as a series of elementary steps:

Step 1 (Adsorption): V2t +x2 x V2
Step 2 (Electron Transfer): * V2T 25 V3t 4 e”
Step 3 (Desorption): * V3t 2 V3t 4«

The rate laws for all the above considered discusses is derived below and findings of which rate

laws match the observed kinetic trends from experiments are summarized in Table S6.2.
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a) Rate Law Assuming Desorption of V>* (Step 3) is RDS
The measured current density can be written as shown in eq. S6.1:
i = nF(k30ys+ — k_5[V3*]0,) (eq.S6.1)
Here n is the total number of electrons involved in the reaction, k3 and k_5 are the forward and
backward rate constants of Step 3, and 6y3+ and 6, are the coverage of sites that are occupied by

V3" and are empty, respectively. Since Steps 2 and 3 are quasi-equilibrated, we can write eq. S6.2:

9V2+
K, =
T [vatle,
(eq.S6.2)
ev3+
K, =
2 9V2+

Here K; is the adsorption constant of Step 1, K, is the equilibrium constant of Step 2, and Oyz+ is
the coverage of V>*. The forward and backward rate constants of Step 2 (k, and k_,) are written
in terms of applied overvoltage (1) and standard rate constant at equilibrium (k, ) using the Butler-

Volmer equation (eq. S6.3):

naoxF n
kZ = kOe( RT )
_(n(l_aox) F 77)

k_, =kye RT (eq.S6.3)

K, = ke _ ol

2= ko, e
Conducting a total site balance and simplifying, we get eq. S6.4:
e* + 9V2+ + ev3+ = 1

(eq.S6.4)

e* + Kl[V2+]e* + KZKl [V2+]9* =1
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O = AT KV + KK VA

Substituting coverage terms from eq. S6.4 in eq. S6.1 and simplifying the measured current

density, we get eq. S6.5:

. k3K, Ky [V2*] — k_5[V®*]
i = (eq.S6.5)
1+ K [V2*] + K,K; [V2T]
Substituting K, in terms of 17 from eq. S6.3, eq. S6.5 reduces to eq. S6.6:
k 2+ L k 3+
K;|V“"|le RT — k_5[V
. 3K [V ] [V (q.56.6)

nky
1+ K{[V?*] + e RT K;[V?*]
Tafel slope is obtained as by taking the derivative of # with respect to log(i). Considering the
oxidation Tafel slope that is measured in experiments, we get eq. S6.7:

nFn
dn 2.303 RT (1 + K V] + e RT K, [V2+]>

b= B (eq.S6.7)
"~ d(logi) nF (1 + K;[VZ*])

[v2*]

[V]total

The Tafel slopes are written in terms of SoC (SoC = ), eq. S6.8, to compare with

experimental data in Figure 6.1b of the chapter:

nFn
dn 2.303 RT (1 + K; [V]tora1SOC + e RT K, [V]totaISoC>

_ _ (eq.S6.8)
d(logi) nF (1 + K;[V]tota1S0C)

b

b decreases with decreasing SoC for a constant [V ]otar, Which is not observed on any of the metal
and carbon electrodes.
The Nernst equation (eq. S6.9) is used to simplify further to reduce i in terms of V2" and V**

concentrations in eq. S6.10:
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RT  [[V3*]
n= Fln <W> (eq.S6.9)

i =nF

<k3K1[V3+] - k—3[V3+]> (eq.S6.10)

1+ K [V2*H] + K [V37]
i is zero at equilibrium, however a balanced faradaic activity can be expressed in terms of i, as
depicted in eq. S6.11:

. nFk;K;[V3*] _ k_3[V3*]
YT A KV KV | (A + K V2] F K V3]

(eq.S6.11)

Case 1: When 1 » (K{[V?*] + K, [V3*])
iO = an3K1[V3+] = k_3[V3+]

Case 2: When K, [VZ*] » (1 + K, [V3*])
: k_3
i, = an3 [V3+][V2+]—1 — 7 [V3+][V2+]—1

Case 3: When K, [V3*] » (1 + K,[V?*])

The sign of V> and V>* orders for none of the cases above match with the orders observed in

experiments on all metal and carbon electrodes.

Gy

. ) A
Using the temperature dependence of adsorption constant K; (oc exp (— H)) and rate

_Ea,3
RT

constant k5 (oc exp ( )) in eq. S6.11, we obtain the trends in E,; and apparent frequency factor

with SoC as shown in Figure S6.2. Here AG, is the free energy of Step 1 and E|, 5 is the activation

energy of Step 3.
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b) Rate Law Assuming Electron Transfer Step Involving Adsorbed Vanadium Intermediate
(Step 2) is RDS
The measured current density is described by eq. S6.12:
i = nF(k,0y2+ — k_50y3+) (eq.S6.12)
Assuming Steps 1 and 3 are in quasi-equilibrated and following the same process of site balance,

we get eq. S6.13:

koK [V?1] — k_,K3[V3t
. 2K [V 2K3[V=7] (eq.56.13)
1+ K, [V2*H] + K3[V3H]
Here K3 is the adsorption constant of Step 3.
Substituting k, and k_, in terms of 1 from eq. S6.3, we get eq. S6.14:
Ny FN _ n(l—aox)Fn)
eCHK [V — e ( RT K, [V3+
i =nFk, V7 sV (eq.S6.14)

14+ K [V?+] + K3[V37]

Anodic Tafel slopes are obtained in terms of SoC and [V]ota1 in €q. S6.15, using the same process

as above:

dn 2303 RT

b= =
d(logi) nay, F

(eq.S6.15)

b remains constant with SoC for a constant [V |otq1, Which is observed on all the metal and carbon
electrodes. Since the Tafel slopes on W are very different compared to other metals, we anticipate
a more complex reaction mechanism on W.

Using the Nernst equation (eq. S6.9), i, simplifies to eq. S6.16:
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C nFkKy V] [V3+]\ %
%_ﬂ+&Wﬂ+&WWKWW>
(eq.S6.16)

| nFkoKSIVE] (T
‘m+&wm+&wwxww>

Case 1: When 1 > (K{[V?*] + K3[V3*])
iO — anoKl [V2+](1—a0x) [V3+]a0x — an0K3 [V2+](1—a’ox) [V3+]0(ox
Case 2: When K, [V?*] > (1 + K3[V3*])

nFk,K;

iy = Fk,[V2+]ox [V3+]ox =
K,

[V2+] —Qox [V3+]a0x

Case 3: When K5[V3*] » (1 + K, [V?*])

. nFk,K;

lp =

[V2+] (1-apx) [V3+] —(1-apx) — nFk, [V2+] (1-aox) [V3+]—(1—a0x)
3

In Case 1, both V** and V** orders are positive. This behavior is the same as observed
experimentally for Ag, Cu, Bi, and W electrodes. In Case 3, the V" order is positive and V>* order

is negative, which is experimentally observed for Au electrode.

Using the temperature dependence of adsorption constant K; (oc exp (— %)) and K;

(oc exp (— %)) and standard rate constant k,, (oc exp (%)) in eq. S6.16, we obtain the trends
in E, and apparent frequency factor with SoC as shown in Figure S6.3. Here AG; and AGj is the
free energy of Step 1 and 3 respectively and Ej , is the activation energy of Step 2.
c) Raw Law Assuming Adsorption of V>* (Step 1) is RDS
The measured current density is described by eq. S6.17:

i = nF(k.[V?*]0, — k_10y2+) (eq.S56.17)

Here k, and k_; are the forward and backward rate constants of Step 1.
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Assuming Steps 2 and 3 are quasi-equilibrated and following the same process of site balance as

described above, we get eq. S6.18:

V2] = (52) s>
14 K;[V3+] + (%) [V3+]

i =nF (eq.S6.18)

Here K, is the equilibrium constant of Step 2 and K3 is the adsorption constant of Step 3.

Substituting k, and k_, in terms of 7 from eq. S6.3, eq. S6.18 transforms to eq. S6.19:

_(n_FU)
. ki [V*] = k_1K3[V3*]e VRT
i =nF — (eq.S6.19)

1+ Ky [V3*] + K,y [V3+]e (R

Anodic Tafel slopes are obtained in terms of SoC and [V]ota1 in €q. S6.20, using the same process

as followed for deriving other rate laws:

d
b=—l
d(logi)

_(@) (eq.S6.20)
2.303 RT (1 + K3[V]tota1(1 — SoC) + K3[V]iota1(1 — SoC)e ™ \RT )

_(@)
nFK;3[Vleorar (1 — SoC) e \RT

b decreases with decreasing SoC for a constant [V |¢otar, Which is not observed experimentally on
metal and carbon electrodes.

Using the Nernst equation, i, is reduced to eq. S6.21:

nFk,[V?*] nFk_,K;[V?*]

= _ eq.56.21
o T TN KV Ko V2] 1+ Ka[V3H] + K5 [V2T] (eq )

Case 1: When 1 > (K3[V3*] + K5[V?*])
iO S anl [V2+] S an_1K3 [V2+]

Case 2: When K5[V3*] » (1 + K3[V?*))
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nFk
i, = K_31 [V2+][V3+]—1 — an_l[V2+][V3+]—1

Case 3: When K5[V2t] » (1 + K3[V3*)])

) nFk,
fo =
3

= an—l

In Case 2, the V** order is positive and V** order is negative, which is experimentally observed
for Au electrode. However, none of the remaining cases explain positive orders of V>* and V>* as

experimentally observed for Ag, Cu, Bi, and W electrodes.

a,1
RT

Using the temperature dependence of rate constant k; (oc exp ( )) and adsorption constant K

(oc exp (— %)) in eq. S6.21, we obtain the trends in E, and apparent frequency factor with SoC

as shown in Figure S6.4. Here E, ; is the activation energy of Step 1 and AGj is the free energy

of Step 3.
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6.5.3 Supporting Figures and Tables
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Figure S6.1. Exchange Current Density of V2*/V3* Reaction in H2SO4 for Au, Ag, Cu, and Bi Metal Electrodes
by Two Independent Methods. Exchange current densities (i,) as a function of state of charge obtained by (solid
line) using the Tafel equation and (dashed line) Charge transfer resistance (R,;) at open circuit voltage for (a) Au, (b)
Ag, (¢) Cu, and (d) Bi electrodes at room temperature. i, g , is obtained by considering overall one electron transfer.
The i, and i, ., agree at higher temperatures as well for all electrodes.
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Figure S6.2. Kinetic Trends for a Reaction Mechanism with Desorption Step as RDS. Predicted trends of (a) i,,
(b) E,, and (c) Apparent frequency factor with SoC considering desorption step as the rate determining step. The
trends of kinetic parameters with SoC are independent of the chosen values of AG; and E, ;. Here AG; is the free
energy of Step 1 (adsorption) and E_ 5 is the activation energy of Step 3 (desorption).
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Figure S6.3. Kinetic Trends for Reaction Mechanism with Electron Transfer Step as RDS. Predicted trends of
(a) iy, (b) E,, and (c) Apparent frequency factor with SoC considering electron transfer step as the rate determining
step. The trends of kinetic parameters with SoC are dependent of the chosen values of AG;, AG3 and E, ,. For some
combinations of AG;, AG; and E,,; i, continuously decreases, E, and apparent frequency factor continuously
increases with increasing SoC. However, we choose these parameters such that the trends in kinetic parameters with
SoC match with experiments. Here AG; and AG; is the free energy of Step 1 (adsorption) and 3 (desorption)
respectively and E , is the activation energy of Step 2 (electron transfer).
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Figure S6.4. Kinetic Trends for Reaction Mechanism with Adsorption Step as RDS. Predicted trends of (a) i,,
(b) E,, and (¢) Apparent frequency factor with SoC considering adsorption step as the rate determining step. The
trends of kinetic parameters with SoC are independent of the chosen values of AG; and E, ;. Here E, ; is the activation
energy of Step 1 (adsorption) and AGj is the free energy of Step 3 (desorption).
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Figure S6.5. Free Energy Profiles of *[O—V(H20)4SO4] Intermediate on Au, Ag, Cu, Bi, and W Metals. Free
energy profile of adsorbed vanadium intermediate on Bi (111), Au (111), Ag (111), Cu (111), and W(110) in order
from top to bottom. These surface facets are chosen because they have the lowest surface energy. Snapshots of the
adsorbed V3" complex is shown at different points on the free energy profile, as indicated by the arrows. Atom color
legend: red = O, light yellow = S, purple = V, white = H, violet = Bi, yellow = Au, light gray = Ag, brown = Cu, and
dark gray = W.
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Table S6.1. Reaction Orders for V**/V3* Reaction in H2SO4 on Au, Ag, Cu, Bi, and W Metal Electrodes using
Regression. Reaction orders of V2" and V3" on different metal electrodes obtained by fitting i, using non-linear
regression for both the Tafel and Charge Transfer Resistance methods.

+ +
Metal : [V?'] order (.y) : [V3'] order (6.)
Lo LoR. iy LR,
Au 0.56 +£0.14 0.55 4+ 0.09 —0.23 £ 0.10 —0.25 £ 0.07
Ag 0.27 £0.10 0.18 +0.11 0.05 +0.04 0.01 +0.02
Cu 0.24 + 0.22 0.28 + 0.06 0.13 + 0.08 0.19 + 0.04
Bi 0.64 £+ 0.06 0.39 +£0.13 0.28 £ 0.15 0.59 £ 0.24
\\ 0.64 £ 0.09 | R datanot fitted | 0.53 £+ 0.04 R, data not fitted

Table S6.2. Experimental Observed and Predicted Trends for Various Reaction Mechanisms of V2'/V3*
Reaction. Reaction mechanisms predicting or not predicting experimentally observed reaction orders of V2" and V3*
and trends in kinetics on metal and carbon electrodes. * denotes that the trends are satisfied on all tested electrodes
except W and edge plane pyrolytic graphite (EPPG), and # denotes that trends are satisfied only on Au and glassy
carbon (GC).

Condition Rate Determining Ste
Desorption Electron Transfer Adsorption
V2" and V** Orders No Yes Yes”
i, with SoC No Yes Yes”
b with SoC No Yes No
E, with SoC No Yes* No
Apparent frequenc
I;":El)ctor witthoC Y Yes* Yes* No

Table S6.3. Electronic Properties of Different Metal Electrodes. The facet for which the electronic property
corresponds to is shown in parenthesis (if applicable). ‘Poly’ and ‘Liq’ denotes polycrystalline and liquid respectively.

Electronic Property”
M—H bond Atomic
Metal d—ban(117 strength*! | Polarizability Atomic Work 45
center / keal mol™ (x 10724 % | Electronegativity*’ Function
gativity
/ eV / em? / eV
Au —3.56 (111) 45.44 (Poly) 5.8 2.40 531 (111
Pd —1.83 (111) 60.00 (Poly) 4.8 2.20 5.22 (Poly)
Pt —2.25 (111) 59.71 (Poly) 6.5 2.20 5.64 (Poly)
Ir —2.11 (111) 59.70 (Poly) 7.6 2.20 5.76 (111)
Rh —1.73 (111) 60.01 (Poly) 8.6 2.28 4.98 (111)
Ag —4.30 (111) 38.60 (Poly) 7.2 1.93 4.74 (111)
Hg Not Applicable | Not Available 5.7 1.90 4.48 (Liq)
Cu —2.67 (111) 42.96 (Poly) 6.1 1.90 4.94 (111)
Bi Not Applicable | 36.17 (Poly) 7.4 1.90 4.34 (Poly)
W 0.77 (110) 73.98 (Poly) 11.1 1.70 4.55 (Poly)

“ The conversion factor of 1 eV = 96.48 kJ mol™" is used to convert d-band center and work function to units of kJ
mol ! for all metals. Similarly, 1 kcal = 4.184 kJ is used for converting all M—H bond strength to units of kJ mol .
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Chapter 7 : Conclusions, Future Directions, and Outlook

7.1 Summary and Conclusions

Redox flow batteries (RFBs) are one of the most promising technologies for grid scale long
duration energy storage due to their high electrode lifetimes and scalability. Even though the origin
of inorganic RFBs that store/release energy based on charge transfer (CT) of transition metal ions
dates to the early 1970s, there is still a lack of fundamental understanding of how these CT
reactions occur at electrode surfaces. As discussed in Chapter 1, the slow CT kinetics of transition
metal ions at electrode surface introduces voltage losses that reduce the overall efficiency of RFBs,
increasing their costs.

The overall goal of this dissertation was to understand CT mechanism of transition metal ions
used in RFBs and identify electrode and electrolyte properties that can be tailored to design
materials with improved CT kinetics for the development of low-cost RFBs. I used V2*/V3" as the
probe redox couple in this dissertation to understand CT mechanism of transition metal ions due
to widespread importance of V2*/V>* at the negative half in most commercialized vanadium RFBs
(VRFBs) and demonstrated that the findings for V>*/V3" also rationalize kinetic trends of several
transition metal ion redox couples used in RFBs. By identifying the structure of ions in solution,
isolating the effect of anions and electrodes on CT kinetics, microkinetic modeling, and adsorption
energy calculations of proposed intermediates, I showed that the desorption barrier of the metal

ion intermediate (*[bridge—M], with generally anions as the bridge for CT) explains the influence
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of anions on CT kinetics and the d-band center of the electrode correlates with CT kinetics of
transition metal ions on different electrodes.

In Chapters 3 and 4, I isolated the effect of anions on V2*/V3* reaction kinetics on a glassy
carbon (GC) electrode to show that the anion-induced kinetic enhancement arises due to decrease
in activation energy because of changes in the energy of the adsorbed vanadium intermediate
(*[bridge—V>"]), as depicted in Scheme 7.1. I conducted V>*/V>* kinetic studies in HC104, H2SOs4,
HCI, mixed HCI/H2SO4, HBr, and HI to show that V*/V>" is an inner sphere reaction. Using UV-
vis spectroscopy, extended x-ray absorption spectroscopy, and density functional theory (DFT)
evaluated ligand exchange energies, I identified that V2" exists as [V(H20)s]*" in all electrolytes,
while V3" complexes with anions and exists as a mixture of [V(H20)6]*" and [V(H20)sSO4]" in
H>S04 and mixed HCI/H2S04, and a mixture of [V(H20)6]**, [V(H20)5sX]*", and [V(H20)4X2]" (X
= Cl, Br, and I) in HCI, HBr, and HI. By evaluating the coverage of anions using DFT, I confirmed

that the changes in coverage are not responsible for anion-induced kinetic enhancement.

Energy ——»

Increasing
Apparent
Activation Energy

Increasing
Adsorption
Strength

Reaction coordinate ——
Scheme 7.1. Effect of Anions on the Reaction Energy Profile of V**/V3* on Glassy Carbon. Both [V(H,0)e]*"
(reactant) and [V(H20)6]*" (product) have the same energy at equilibrium. During the charge transfer reaction,
adsorbed vanadium intermediate (*[bridge—V>*], bridge = OH, Cl, Br, and I) is formed. The adsorption strength of the
*[bridge—V>"] intermediate correlates with activation energy of V*'/V3" reaction explaining the influence of anions
on charge transfer kinetics. Atom color legend: light gray = vanadium, red = oxygen, white = hydrogen, green =
chloride, brown = bromide, purple = iodide, and dark gray = glassy carbon.
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In Chapter 5, I showed that the desorption barrier of the metal ion intermediate (*[bridge—M])
correlates with kinetic trends in the presence of halides for multitude of metal ion redox couples.
The desorption barrier is linearly related with the adsorption energy of the *[bridge—M]
intermediate (which is identified to be important in Chapters 3 and 4) by Bronsted-Evans-Polanyi
relationships and can be calculated using metadynamics. I conducted V*'/V** kinetic
measurements on edge plane pyrolytic graphite (EPPG) in various electrolytes and calculated
desorption barriers of *[bridge—V>"] intermediate on graphite(1120) that is structurally similar to
EPPG, to show that the VZ*/V** kinetics correlates with the desorption barrier. The V27/V3*
kinetics on EPPG is maximum when the desorption barrier of the *[bridge—V>"] intermediate is
between that of *[I-V*'] and *[OH—V>"], as depicted in Scheme 7.2. I also demonstrate that the
kinetics of V2*/V3*, Cr**/Cr**, and Cd°/Cd>" on Hg and Fe?'/Fe** on Au in various electrolytes

also correlates with desorption barrier of corresponding *[bridge—M] intermediates.

[X-V(H,0)s]**

Free Energy for Desorption

2
AGdes

Rys+ _ Graphite

Scheme 7.2. Influence of Desorption Barriers on V2*/V3* Reaction Kinetics on Edge Plane Pyrolytic Graphite.
Free energy vs the distance between the V?* ion and the carbon surface for V3*-anion complexes adsorbed to
graphite(1120) through an *OH (red), *Cl (green), and *I (purple) bridge. The free energy minimum in the energy
profile is the desorption barrier and denoted by AGﬁes. A sample geometry of adsorbed V3*-anion complex at the free
energy minimum is shown in the inset. The variation of V?/V3" rate in different electrolytes on edge plane pyrolytic
graphite with AGEeS of V3*-anion complexes adsorbed through different bridges is also shown in the inset. Atom color

legend: C = gray, V = violet, O = red, H = white, Cl = green, Br = dark brown, I = purple.
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In Chapter 6, [ showed that the CT kinetics of transition metal ions at electrodes are dependent
on the electronic structure of the electrode. The d-band electronic structure of the electrode dictates
the occupancy of antibonding orbitals of the adsorbate ligand of metal ion intermediate, which in
turn controls the adsorption strength of the intermediate at the electrode as depicted in Scheme
7.3. Resultantly, the CT kinetics correlates with the d-band center of the electrode. I conducted
V#/V3* kinetic measurements on five metal electrodes (Au, Ag, Cu, Bi, and W) and extracted the
kinetic data of several Cr, Fe, and Co-based complexes undergoing CT on metal electrodes from
literature to show that the d-band center of the electrode linearly correlates with the CT kinetics as
shown in Scheme 7.3. The use of d-band center as a descriptor for CT reactions of transition metal
ions at electrodes is analogous to the d-electron configuration of transition metal ions controlling

CT kinetics in solution phase.

Fermi
Energy

Ligand X
Energy

o
(@)

Exchange Current Density

O L
Electrode d-band Center

Scheme 7.3. Effect of the Electronic Structure of Electrode on Heterogeneous Charge Transfer Kinetics of
Transition Metal Ions. During the charge transfer process, metal ion intermediate (*[X—MXs]) is formed on the
surface of the electrode. Resultantly, the p orbitals of ligand X (denoted by red) are split into bonding and antibonding
states. The adsorption strength of the *[X—MXs] depends on the occupancy of the antibonding states of X. The
schematic on the left shows that the occupancy of the antibonding states of X is dictated by the d-band center of the
electrode. With increase in the d-band center of the electrode (green lowest, then purple, pink, and yellow highest),
more antibonding states are occupied due to which the *[X—MXs] intermediate adsorbs weakly. The direct
consequence of decreasing adsorption strength of *[X—MX;] intermediate is either increase in the exchange current
density as show by schematic on the right or vice versa. The d orbitals of M are shown by blue and the density of
states of different electrodes are shown by green, purple, pink, and yellow.

The identification of the desorption barrier of metal ion intermediate to explain the influence
of anions and d-band center of the electrode to rationalize the influence of electrode on CT kinetics

of transition metal ions in this dissertation opens a wide avenue of electrolyte and electrode
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engineering for RFBs. Carefully chosen additives that alter the coordination structure of transition
metal ions or alloying and nano structuring to modify the electrodes’ d-band center such that
adsorption strength of the metal ion intermediate is optimized can lead to development of more
efficient RFBs that have lower cost due to faster CT kinetics. Since CT reactions of transition

metal ions at electrodes are also critical in many natural phenomena and applications, including

5 8 1

photosynthesis,'? biological systems,’ electrodeposition,®® corrosion,”!! and chemical
sensors,>!? I expect that the findings of this dissertation can also help in making these processes
more efficient.
7.2 Limitations of the Work and Future Directions

This dissertation has made significant contributions in the field of understanding CT of
transition metal ions at electrodes. Even though the work provided new insights and identified
relevant electrolyte and electrode properties that can be tuned to enhance CT kinetics of transition
metal ions at electrodes, there are a few limitations of the work that are highlighted below and
form the basis of future work. Pursuing work in the proposed directions will allow the findings of
this dissertation to be more broadly accepted by the scientific community and test if these findings
can provide mechanistic insights of more complicated reactions.
7.2.1 Experimental Evidence of Adsorbed Metal Ion Intermediate

The adsorbed metal ion intermediate (*[bridge—M]) that is hypothesized to form during

CT reactions of transition metal ions is based on the structure of transition metal ions in solution,
possible mechanism of CT through anion bridging proposed in literature, and favorable free energy

of relevant adsorbed intermediates calculated using computational modeling. However, there is no

spectroscopic evidence that *[bridge—M] is formed under reaction conditions at the electrode
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surface. Since the adsorbed intermediates are generally formed in low concentrations for short time
scales during the reaction, the detection of these intermediates is extremely challenging.
Surface enhanced Raman spectroscopy (SERS), a label-free analytical technique with

13715 can be used to obtain used to obtain rich vibrational

single-molecule detection sensitivity,
molecular information of the adsorbed intermediate formed in CT reactions. The enhanced
sensitivity of SERS stems from the fact that when an appropriately nanostructured material (such
as gold, silver, or copper) that can sustain high-quality localized surface plasmon resonances is
illuminated with light of an appropriate wavelength, the optical fields re-radiated by the
nanostructure and the incident field can coherently superimpose, to create regions of concentrated
electromagnetic energy (hot spots) where the field amplitude can be enhanced by factors of tens
or even hundreds.”*”!® In recent years, in situ SERS has been used to interrogate adsorbate
molecule reactants, intermediates, products, and thereby follow reaction dynamics at
electrocatalyst surfaces for several reactions like oxygen and carbon dioxide reduction.!”"”

In situ SERS can be used to confirm the formation of *[bridge—V>*] intermediate during
V#/V3* reaction. Anions that serve as bridges adsorb on the surface of Au and can be detected
using SERS, with Au—OH stretch at 580 cm ™!, Au—Cl stretch at 260 cm ™!, and Au—Br stretch at
180 cm!.2922 If the *[bridge—V>"] intermediate is formed under reaction conditions, on addition
of V3" ions in different acidic electrolytes, the Au—anion stretch will no longer be the same
(Au—anion—V stretch) and will shift from its original location due to the interaction with vanadium
ions. Since the adsorbed *[bridge—V>*] intermediate will also have other vibrations associated with

surrounding ligands, preliminary work to understand the structure of vanadium ions in different

acidic electrolytes from Raman is required for correct assignment of vibrations.

203



7.2.2 Extension of Findings to Carbon Felt Electrodes

The V**/V*" kinetic studies in different electrolytes discussed in Chapter 3—5 are
conducted on GC and EPPG. Both GC and EPPG are structurally very different from carbon felts
that are commercially used as electrodes in RFBs. Conducting V**/V** kinetic studies on carbon
felts and showing the findings in this dissertation can explain kinetic trends on carbon felts in the
presence of anions will allow the work to be widely accepted with a potential of direct
implementation in RFBs.

Carbon felts are very porous with high surface area, which introduces additional challenges
to quantify reaction kinetics due to mass transfer limitations. Recently, a new strategy to measure
reaction kinetics on porous electrodes has been proposed, which involves the pores of carbon felts
to be filled with epoxy. The cross-section of this composite is a planar electrode with kinetics
representative of what happens inside the porous electrode.?® These planar electrodes prepared
from carbon felts can be attached to rotating disk electrode assembly for measuring reaction
kinetics.

7.2.3 Similarity in Charge Transfer Mechanism of Transition Metal Ion and Organic

Redox Couples

Several electrode treatments have been shown to improve the CT kinetics of organic redox
couples used in aqueous organic RFBs. Thermal treatment,*>” acid/base treatment,’!-3%37-41

plasma treatment,*** electrochemical oxidation treatment,** doping with elements,3!-3%:45:46

47-52 53-56

carbon-based electrocatalysts, and metals and metal oxides are shown to improve CT in
aqueous organic RFBs and are the same treatments shown to improve CT for VRFBs as discussed

in Chapter 1. The improvement in performance of aqueous organic RFBs by similar treatments
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as VRFBs on carbon electrodes can arise due to a similarity in the CT mechanism of organic and
vanadium redox couples.

The proposed CT mechanism for organic redox couples used in aqueous organic RFBs is
the same as that of transition metal ion redox couples used for RFBs including V**/V**. Quinones,
which form the most popular class of organic molecules used in aqueous organic RFBs, undergo
CT as shown in Scheme 7.4. The quinone molecule approaches and interacts with the functional
groups introduced by treatments on the electrodes’ surface. The quinone molecule then gets
adsorbed on the surface forming a quinone bridged intermediate. The adsorbed intermediate
undergoes CT followed by desorption, leading to regeneration of the electrode surface.’” These
steps are repeated until a stable reduced/oxidized organic molecule is formed after several charge
transfers. This mechanism of CT in quinones is similar to other transition metal ion redox couples
discussed in Chapter 3-5 where the functional groups introduced by electrode treatments or anions

adsorbed on electrode act as active sites for forming a metal ion bridged intermediate during CT.
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Scheme 7.4. Proposed Charge Transfer Mechanism in Quinones Used in Aqueous Organic Redox Flow
Batteries. The treatment of the electrode introduces hydroxyls (*OH) on the surface which act as bridges for charge
transfer. The quinone molecule approaches the electrode surface and adsorbs to form a quinone bridged intermediate,
which undergoes charge transfer(s) to store or release energy. Finally, the quinone molecule desorbs from the surface.
The scheme is adapted from reference 32.

Due to the similarity in CT mechanism of organic molecules and transition metal ion redox
couples and based on the findings of this dissertation, there is a possibility that the energy of a
similar organic bridged intermediate can be tailored to control the CT kinetics and the stability of
organic molecules. If true, this would allow us to understand the CT mechanism and control the
degradation of organic molecules that often limit the performance of aqueous organic RFBs. It is
possible that the mechanism might change or become more complex depending on the nature of
the quinone derivatives and for other classes of the aqueous organic molecules due to their different
orientations on the electrode surface, steric hindrance, stability, and degradation products. Hence,
fundamental work that captures the effect of specific functional groups and molecular structure on
the CT in organic molecules is needed to validate if the mechanisms are indeed similar and the

findings of this dissertation can be extended to organic molecules.
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7.3 Outlook

As the RFB community moves forward with the continued exploration of old and identification
of new chemistries, a more structured approach with standardization of testing procedures for
measuring CT kinetics and RFB performance is needed to be adapted by researchers around the
globe, so that the findings are transferable and can be put to immediate use. In this dissertation, I
evaluated the kinetic parameters of V2*/V3" reaction for 15 electrode-electrolyte combinations over
the course of five years. Even though a lot of electrolyte and electrode treatments are shown to
improve CT kinetics of vanadium redox couples (as discussed in Chapter 1), the reported kinetic
data could not be utilized due to widely varying experimental conditions and techniques. I had to
be very watchful while extracting the kinetic data of other metal ion redox couples from literature,
as discussed in Chapters S and 6, due to huge lab-to-lab variations in reported kinetic parameters.
All these kinetic studies combined allowed me to identify two key properties of the electrolyte and
the electrode that can be tuned to control CT of transition metal ions. However, this process could
have been accelerated significantly if there was a standardized protocol adapted by researchers
worldwide for testing CT kinetics of redox couples and RFBs performance. The availability of a
large database of kinetic and performance data collected under same conditions can allow the use
of machine learning models to identify patterns and insights onto the important properties that can
guide future experiments.

I recommend the use of steady state measurements and electrochemical impedance
spectroscopy (EIS) instead of cyclic voltammetry (CV), wherever possible, to estimate kinetic
parameters of redox couples since the instantaneous currents obtained in CVs are shown to yield
erroneous kinetic parameters.’’” CVs can however serve as a good tool for looking at qualitative

kinetic trends if done under same conditions. I propose CVs to be conducted at a fixed scan rate
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of 100 mV s ! since 100 mV s ! is most widely used scan rate in VRFB literature and EIS should
be conducted at open circuit voltage (OCV) since charge transfer resistance at OCV only represents
CT kinetics.*®

I recommend the RFB performance at a fixed current density with minimum number of cycles
to be reported in all academic publications. This (current density, cycle) combination must be
considered as a universal for testing performance across different redox couples, so that the
performance of various chemistries with same electrolytes and electrode treatments can be
compared. From the widespread studies of VRFBs in literature, current density of 100 mA cm 2
with at least 100 cycles can be used a benchmark for comparisons. Additionally, carbon felts used
as electrodes differ in performance when purchased from different vendors, partly due to the
differences in synthesizing process which alters physical properties of carbon felts. The physical
properties of carbon felts like porosity, conductivity, thickness, and wetness should be clearly
reported, so that their effects on performance are accounted for wherever possible. Solid-state
batteries and solar photovoltaics are a step ahead from RFBs in the topic of standardization, with
several leading academic journals requiring the researchers to report performance metrics under
specific conditions with complete experimental details.>>%" A recent article was published where
established researchers across the globe recommended experimental protocols in organic-based
RFBs,’! however standardized conditions for measuring CT kinetics and testing RFBs
performance is yet to be proposed.
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