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General Introduction

" England and all civilized nations stand in deadly peril of not having enough to eat.|[...] The
fixation of atmospheric nitrogen is one of the great discoveries awaiting the genius of
chemists”

William Crookes
Chemical News, 128, 125, 1898
Haber-Bosch process to fix ammonia was proved 10 years later

The fast global economical development witnessed on the planet since the mid XX™ century
is leading to a world full of promises, but it is also generating a relatively new challenge: it is
essentially based on the consumption of increasing amounts of energy, and this energy is currently
essentially produced from limited (and usually fossil) reserves. From this simple statement two ways
to pursue our economical development emerge: either we use new sources of energy with less
limited reserves or we considerably improve the efficiency at which we are using energy; most
probably, we shall do both. In each case, energy storage plays a significant role (notably because the
daily energy peak production does essentially not match the daily peak consumption) and is thus
directly related to the challenge mentioned above. Electrochemical energy storage technologies
could be suitable for numerous applications, and technologies based on oxygen as a positive
electrode active material (oxidant) would be highly interesting considering the availability of the
resource. Among those technologies, the use of highly-available metals as negative electrode would
make particularly suitable candidates for a massive deployment, all the more knowing that the high
energy density of the resulting batteries would make them adapted to mobile applications.

In the present thesis, we will focus on one of these promising technologies: non-aqueous
alkali metal oxygen batteries (MOB). The research on these technologies has been initially motivated
by the discovery, twenty years ago, of the rechargeability of a lithium-oxygen battery involving an
aprotic electrolyte. Such a battery could offer, in theory, one of the highest energy density available,
comparable to that of oil. However, it appeared more recently that the effects of parasitic reactions
were considerably underestimated, and that the actual working principle of the battery was poorly
understood. In particular, the mechanisms of oxygen reduction (and evolution) in aprotic media in
presence of alkali metal cations remain unclear. A considerable amount of work has been done
worldwide during the 5 last years in order to better understand these mechanisms as well as the
phenomena occurring during the cycling of the MOB. By doing so, many limitations of the

technology have been clearly identified, and solutions to overcome them have been proposed.
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Thus, a first objective of the present work is to offer a particular critical point of view on this
very recent and prolific research (Chapter I), with special emphasis on the oxygen reduction reaction
(Chapter Il). It will be noted that the improvement of the system significantly depends on a better
fundamental understanding of the influence of alkali metal cations on the oxygen reduction
mechanism. From theoretical considerations (Chapter Ill) and electrochemical characterizations, it
will be shown that the impact of the different cations can be accounted for by a unique mechanism,
based on their charge-density (Chapter V). Furthermore, the influence of the solvent on the
mechanism will be correlated to specific solvation parameters (detailed in Chapter IV and VI), which
can be measured independently for each solvent. Therefore, these parameters could be used to
account for the behavior of electrolytes, but also in a predictive manner, as to rationalize the design
of electrolytes for MOB (Chapter VI). Finally, a kinetic model of the mechanism, involving solubility
equilibrium, will be proposed (Chapter VII). This model will serve as a mean to confirm several
qualitative hypotheses, but also to estimate thermodynamic constants associated to the non-

aqueous oxygen reduction mechanism in the presence of alkali metal cations.
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Glossary

NaS : Sodium Sulfur Battery

VRB: Vanadium Redox-flow Battery
MAB: Metal-Air Battery

MOB: Metal-Oxygen Battery

LiOB: Lithium-Oxygen Battery
NaOB: Sodium-Oxygen Battery
KOB: Potassium-Oxygen Battery

HSAB : Hard and Soft Acids and Bases
AN : Acceptor Number

DN : Donor Number

MCB : Metal Cation Basisity

DMSO : Dimethylsulfoxide

Acn : Acetonitrile

DMA : N,N-dimethylacetamide

EN : Ethylene Diamine

DMF : N,N-dimethylformamide
DME : 1,2-dimethoxyethane

NMP : N-methyl-2-pyrrolidone

Py : Pyridine

TAA": Tetraalkylammonium cation
TBA': Tetrabutylammonium cation

TEA': Tetraethylammonium cation

RRDE : Rotating Ring-Disk Electrode






Chapter I.Toward
Electrochemical Energy Storage
Devices for the Future Electrical

Grid

“The future influences the present just as much as the past”

(attributed to) Friedrich Nietzsch
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Chapter I. Toward Electrochemical Energy Storage Devices For the Future of the Electrical Grid

1. Development and energy consumption

"Culture evolves as the amount of energy harnessed per capita per year increases, or as the
efficiency or economy of the means of controlling energy is increased, or both". This citation from
anthropologist Leslie Alvin White* denotes the close correlation between cultural development, in
the broadest definition, and the energy effectively used by mankind throughout History. In order for
the human’s culture to keep progressing, there has been a need to consume more energy and to use
the energy available more efficiently?.

Using the USA recent history as an example, one can see that, until the middle of the XIX™
century, the daily primary energy consumption per capita® 2 had increased rather steadily, reaching
approximately 5 10" kcal per day per capita (Figure 1.1a). It has then been multiplied by almost 5 in
one century, following the industrial revolution. In the same period, the total energy consumed was
multiplied by ca. 40, owing to the population growth. This increase can be correlated with the
simultaneous improvements in the well-being of the citizens, measured by the human development

index (HDI)* (Figure 1.1b).
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Figure 1.1. a) Evolution of the primary energy consumption per capita per day® 2 and HDI* in the
USA since 1700; b) Correlation of the HDI with the primary energy consumed and emergence of a

possible new trend.

Considering that the world population would top around 10 billion individuals, similar
energy consumption per capita worldwide would represent a total consumption of 4 ZJ per year. As
a comparison, 2008 world’s energy consumption was 0.5 ZJ%, and roughly one third of it came from
oil. This figure shall be compared to the present proven oil resources (that could provide only 8 ZJ
overall) and the total estimated remaining oil resources, including potentially unrecoverable
(representing a mere 60 ZJ). This calculation, which is obviously not a forecast of any real situation’,
demonstrates that pursuing our cultural development by further increasing our energy consumption

per capita, is already not a sustainable option anymore if we keep relying mainly on non-renewable

" Detailed energy forecasts for the next 20/30 years can be found in technical reports® and more discussion
oriented publications’®
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Chapter I. Toward Electrochemical Energy Storage Devices For the Future of the Electrical Grid

energy sources. Therefore, improving the efficiency at which we are using the energy resources,
through technological breakthrough, optimization of our infrastructure and diversification of the
sources, seems more than ever our best option (if not the only one, actually).

As an optimistic note, the current trend in developed countries seems to be a decrease in
the energy consumed per capita; in parallel, the gross domestic product (GDP) per capita and HDI
are still improving, therefore denoting an increase in the efficiency at which energy is used, together

with a decrease of its consumption (see the possible “new trend” arrow in Figure 1.1b).

2. Energy storage and the future of the electrical grid

Electric power generation accounted for 40 % of the total primary energy consumption in
the USA in 20102 (Figure 1.2). This proportion is still increasing, and will continue to do so with the
expected partial electrification of the transportation (transportation represented 27 % of the
primary energy consumption in 2010 in the USA). At present, the efficiency of the electrical system is
rather low: around two thirds of the energy is lost before reaching the end-users. Developing
smart(er) grids would allow a higher overall energy efficiency to the end-users, as well as the
integration of a growing number of intermittent power sources; of course, (electrical) energy storage
plays an essential role in this expected progress*®>. To that goal, there is a great diversity of needs,
from high energy facilities for bulk services like time-shifting, to fast-response facilities for ancillary
services like daily power regulation. As such, the market for energy storage on the grid is expected to

grow significantly over the next decades.

—a—Primary energy consumed for Electricity production '
—m—Energy loss before reaching end-user
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Figure 1.2. Primary energy consumed for electricity production (black) and percentage of energy

lost before reaching end-users (red) in the US2.
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At the moment, although most of the energy storage is based on pumped hydroelectricity
(97 % of the estimated 145 GW installed worldwide), half of the projects for new installations are
concerning electrochemical-based technologies*>. One of the main advantages of the latter
technologies is their adaptability to most of the situations, since they are easily scalable and do not
require specific locations, though at a generally higher cost per kWh stored. They are particularly
suitable for micro-grids or virtual power plants®.

One of the main challenges regarding a long-term widespread use of a particular technology
in electrical grids is the availability of its components/base materials. For example, although
vanadium redox flow batteries is the most mature flow battery and its environmental impact being
one of the lowest (without considering the extraction of vanadium), the reserves of vanadium
available are incompatible with a massive use (Table I.1). Furthermore, vanadium accounts for one
third of the cost of the system, the price of this resource being highly volatile, and the discrete
localization of the extraction sites (mainly in South Africa, China and Russia) is incompatible with its
safe supply®2. A similar reasoning, to a lower extent, explains the growing interest for sodium-based
batteries: the resources of sodium as a replacement to lithium can be considered as infinite, even

though the latter allows higher energy densities and easier handling.

Table I.1. Comparison of different energy storage technologies; LCOE: levelized cost of energy,
WDE: world daily electricity production. Levelized costs are presented as means for comparison;
they might not reflect the actual cost of a real unit. The resource availability for electrochemical
storage technologies is an estimation of the energy that would be provided by the use of all the
reserves of the less available active material of the system, compared to the world daily electricity

production (WDE).

Technology LCOE™ ($ MWh™Y) Round-trip efficiency Resources availability*®
(%)
Pumped Hydro. 150-210 75-80 Geographic limitation
Compressed Air 120-200 50-70 Geographic limitation
Nas 260-290 75-85 >> 100 WDE
VRB 400-800 75-90 <WDE
Zinc-Bromine 200-900 60-75 >10 WDE
Zinc-Air 150-200 <50 > 10 WDE
Lead-Acid 300-600 70-85 1 WDE
Li-ion 100-300 >85 <10 WDE
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3. The current technologies

Several technologies can be considered for smart grid applications. Here, the two main

systems currently used and projected to be used in the short-term will be detailed.

Sodium-sulfur (NaS):

Developed by the Japanese companies TEPCO and NGK since the mid-1980s, the sodium-
sulfur high-temperature battery system is commercially exploited since 2002, essentially for
electricity load-leveling applications. It is based on the formation of sodium polysulfides from sulfur
and sodium during discharge (Figure 1.3). The core material that allowed the development of this
technology is the B-alumina solid electrolyte, which provides a high ionic conductivity for sodium
ions at high temperatures, comparable to that of aqueous electrolytes. Its use however render
mandatory operation at temperature above 300°C, both because the ionic conductivity is insufficient
at lower temperature and to enhance the wetting of the electrolyte by the molten sodium, in order

to decrease the resistance at the interface and by extension the overall cell resistance®’.

S @ S

B-alumina

Negative electrode: liquid sodium

Na = Na® + e~

Positive electrode: liquid sulfur and porous

carbon

xS+ Nat + e~ = NaS;

Figure 1.3. Working principle of the NaS battery.

NaS batteries offer many advantages:
e Coulombic efficiency of nearly 100 %;
e No self-discharge;

e High cyclability (4500 cycles at 90 % depth of discharge);
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e Long calendar life (15 years estimated);
e Recyclability of 98 % of the components.

When also considering the high availability and low production costs of the active materials
and electrolyte composing the system, the Na$S battery is recognized as one of the best candidates
for integration of wind power plants in electrical grids. However, the global energy efficiency of the
system can be significantly limited due to its operating temperature. Indeed, although in continuous
cycling operation the thermal losses are in part compensated by Joule effects, in stand-by
conditions, the operation temperature can only be maintained by external heating, which can
represent 0.5 to 1 % of the nominal capacity of the battery per hour®. The system can nevertheless
be “frozen” at ambient temperature for extended stop, but will require 24 to 48 hours to be fully
operational afterwards. Therefore, NaS systems are not suitable for occasional usage applications,
and their energy efficiency depends on the duration of the inactivity/idling periods they are
submitted to.

Since reactive molten sodium is used at high temperature, together with the formation of
highly corrosive sodium sulfides during discharge, there might also be concerns regarding the
battery safety in operation, and the energy storage facilities might be limited both in size and
geographic locations.

At present, the research on the NaS technology mainly focuses on the lowering of the
working temperature, e.g. by enhancing the wetting of the beta-alumina and its conductivity at

lower temperatures, or by replacing it by another Na*-conducting solid electrolyte®®.

Vanadium redox flow battery (VRB):

The main intrinsic advantage of redox flow batteries is the ability to adjust energy and power
ratings independently, since energy is related to the amount of electrolyte externally stored, while
power is related to the number and size of the cells used. Using the same electrolyte for all cells also
prevents over or under-charging of a single cell, since the state of discharge is related to the
concentration of the active species in the electrolyte. Thus, this technology is easily scalable and
particularly suitable for evolutive projects®® 2%,

VRB were first patented by the Australian University of New South Wales (UNSW) in 1986,
and are currently implemented in several 10s to 100s kW units. During discharge (Figure 1.4), V(V) is
reduced at the positive electrode while V(1) is oxidized at the negative, and protons are exchanged

through a proton exchange membrane similar to that of a proton exchange membrane fuel cell

(PEMFC). Since the anolyte and catholyte are composed of the same chemical elements, though at
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different oxidation degrees, the impact of leakage or membrane failure on the system is limited. VRB
also offer very high cyclability (>10,000 cycles, more than 13,000 having been demonstrated on a 20
kW unit®). The lifetime of the system is essentially limited by the membrane, which can be replaced
after 8-10 years to extend the operating time to possibly more than 20 years. Another intrinsic

advantage of the technology is that vanadium can be mostly recovered after use.

Negative electrode:

V2+ — V3+ + e~

Positive electrode:

2 H* + VO + e~ = VO?* + H,0

Figure 1.4. Working principle of the vanadium redox-flow battery.

Apart from the above-mentioned issues regarding the overall cost and vanadium resources,
the system suffers from its low energy density. As the concentration in vanadium is limited to 2 M in
sulfuric acid, the energy density of the electrolyte is of 25 Wh L™. A 1 MWh unit would therefore
require more than 40 m> concentrated sulfuric acid electrolyte storage, and occupy ca. 100 m? space
(compared to 5 m? of NaS batteries for similar energy storage), which would not make it suitable for
every location/application®.

The main research on the technology currently aims to improve the energy density of the
system, either by allowing higher concentrations of vanadium or using other chemistries for one of
the two electrodes (e.g. the vanadium/halides batteries), achieve higher round-trip efficiencies, or

replace the membrane to reduce the system costs or improve its efficiency.

4. Aprotic metal-air

Systems based on the association between oxygen and highly abundant, low oxidation
potential, and low molar mass alkali metals can be regarded amongst the best candidates for

electrochemical energy storage on the long term. Depending on the nature of the electrolyte
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(aqueous vs. aprotic), the chemistry and the properties of these systems are completely different.

Here, we will focus on non-aqueous alkali metal-oxygen batteries.

General description of a non-aqueous alkali metal-air battery (AAB):

In its most simple embodiment, the AAB system can be described by Figure 1.5. During
discharge, solid alkali metal oxides, in the broadest definition, MO,, are precipitated on the porous
positive electrode, from the oxidation of the metal and the reduction of the oxygen. The possible
reaction products are described in Table 1.2. At current knowledge, whatever the metal used, a
superoxide species MO, is formed as an intermediate or main discharge product. The mechanisms of
the reactions at stake will be discussed in the following chapter; here we will consider the general
mechanism proposed in Figure 1.5 as admitted. The electrolyte can either be liquid, made of an
aprotic organic solvent or an ionic liquid, or solid, and is generally concentrated in alkali metal

cations?%,

Charged

Carbon bt

O— Negative electrode: solid alkali metal
e lllll)lwv/ji\oﬁ:

M o: 0, flow
E 3 _ M: 4' g :- Positive electrode: porous air electrode
MXOZ%

Discharged xM*+0,+xe” = M0,

M= M* + e

Figure I.5. Working principle of the non-aqueous alkali metal-air battery.
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Table 1.2. Expected products and maximal theoretical energy density achievable for several non-

aqueous alkali metal-air batteries.

Alkali metal Main discharge product Maximal energy density

(Wh kg-ldischarge product)

Li* Li,O; 3400

Na* NaO, 1100
Na,0, 1500

K* KO, 950

A theoretical maximal energy density for those systems can be estimated from the weight of
the main discharge product formed (Table 1.2). The practical energy density is rather difficult to
predict since it depends a lot on the design of the whole system, the electrolyte used or the
balancing of the electrodes (the negative would be expected to be slightly overloaded). However,
even if considering a factor of 3 to 4, the AAB energy density value would still be higher than that
anticipated for the lithium-ion technology (at present limited to ca. 250 Wh kg™), and one of the
highest achievable for any battery?.

Ideally, the oxygen used would directly be harvested from ambient air. Since any of the MO,
precipitated during discharge are reactive toward water and carbon dioxide, air purification seems
necessary?2. Furthermore, there might be concerns regarding the interactions between nitrogen and
alkali metals. Although dehydration through a membrane has already been demonstrated?,
selectivity to sole oxygen molecules seems much more complicated. Therefore, most of the works
on non-aqueous alkali metal-air batteries are actually done using pure oxygen as an oxidant, and

here we will use the term of non-aqueous alkali metal oxygen batteries (AOB).

Alkali metal negative electrodes:

The practical use of an alkali metal negative electrode, especially lithium, in a secondary
battery has been long considered: reversible lithium deposition in propylene carbonate was
demonstrated in 1958, for example®. Prototypes using titanium disulfide as positive intercalation
electrode and lithium metal as negative, with a liquid electrolyte, were commercialized by Exxon in
the late 1970s%. However, the formation of dendrites during cycling, causing short-cuts and
explosions, hindered their effective use. Several solutions were proposed to allow smoother lithium
deposition, such the use of additives in the electrolyte®2, but a graphite negative has been finally

used as an alternative, which is the basis of the now world-wide lithium-ion technology (Sony
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1991%). Replacing the liquid electrolyte by a polymer electrolyte is another way to limit the
formation of dendrites, and is currently used in the lithium metal polymer technology of Batscap,
which now equips Bolloré’s Blue Car*.

In the case of AOB, the use of a metal negative electrode might be even more complicated.
Indeed, the studies already done on lithium cyclability have been performed in oxygen-free
environment. In the presence of oxygen, the structure of the solid electrolyte interphase and the
effect of additives would likely be different. Moreover, the formation of soluble intermediates on
the positive electrode, or soluble degradation products, either on the positive or on the negative
electrode, could lead to complex shuttling effects. Such effects have been demonstrated in lithium-
sulfur batteries®, and considered in some studies on lithium-oxygen batteries®. In the case of even
more reactive sodium and potassium metals, a protection of the negative electrode by a solid
electrolyte might be mandatory.

Thus, if an un-protected alkali metal negative electrode is to be used in an AOB, then, not
only the phenomena related to the positive and negative electrodes have to be studied and
understood, but also the indirect interactions between both of them. However, here, as in most of

the literature, we will focus on the phenomena relative to the positive electrode.

Lithium oxygen battery (LiOB):

Since the first publication on an aprotic lithium oxygen battery in 1996, the interest on the
technology has grown fast, owing to its very high theoretical energy density, which is making it a
potential candidate for the replacement of lithium-ion batteries. Indeed, LiOB is one of the rare
systems to meet the costs, energy density and resources availability objectives for electrical vehicles
(in principles).

The beginning of the research on the subject was essentially focused on enhancing the
discharge capacity and rate capability for primary batteries, by varying the structure of the
electrode®**3., composition of the electrolyte®®3, or by improving the cell design®®. The limited
cyclability and the high recharge overvoltage were attributed to pore-blocking by insulating
discharge productsﬂ’ 4 either Li,0, or Li,O, as an analogy to lithium thionyl-chloride batteries*.
Catalysts, such as Mn0,* or Au-Pd** had proven to enhance the cyclability and limit the overvoltage,
at least at the beginning of the recharge®, but the mechanisms associated to their effects is still
under debate.

In the early studies, the vast majority of the electrolytes were based on carbonates solvents

(e.g. propylene carbonate, PC, or ethylene carbonate, EC), as they were classically used in lithium-
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ion batteries. However, these solvents are generally prone to nucleophile attack by superoxide
anion™®* and are unstable toward Li,0,%. Thus, the main products actually formed were not LiO,
but lithium carbonates or formates, mainly resulting from the decomposition of the solvent®. This
has lead to an intense effort on the understanding of the degradation mechanisms occurring during
operation of the system, and finding stable electrolytes.

These studies are in general using one or more of the following 5 major methods:

e Computational studies®®?*: particular types of reactions (nucleophilic substitution, H
abstraction) are postulated. Solvents can then be pre-sorted as being prone or not to the
particular reactivity. Although this methodology can help to limit the number of solvent to
be experimentally tested, it does not provide a definite answer to the question: subtle
effects might be missed (specific interactions or solvation effects) and thus potential
candidates might be erroneously rejected;

e Pure chemical studies®>*: electrolytes and materials are put in contact with the reactive
product, generally KO, or Li,0,, and the formation of degradation products is monitored
over (or after) a given reaction time, by infrared spectroscopy (IR) or nuclear magnetic
resonance (NMR), for example. These methods are less complex to screen stable materials
than electrochemical cycling of batteries. However, the latter tests are still necessary to
conclude, since the degradation is usually more pronounced under potential control, and
can lead to completely different phenomena than in open-circuit conditions. Thus,
chemical studies are an efficient way to make a pre-selection of candidates, but also as an
assessment of the actual stability of the materials over the long term (e.g. for calendar life
assessment); they can however not substitute tests in real operating conditions..

e Electrochemical model studies>=%: electrode and/or electrolyte materials are tested using
a 3-electrode cell with a model working electrode, and a very large excess of electrolyte.
For example, the reversibility of the oxygen reduction in presence of tetraalkylammonium
cations, thus the stability of superoxide in a particular solvent, can be readily assessed from
cyclic voltammetries on a smooth glassy carbon surface®. Coupling with in situ physical
characterization, such as Fourier transform infra-red spectroscopy (FTIR)®:, Raman
spectroscopy, or mass spectrometry (DEMS: differential electrochemical mass
spectrometry), can help to understand the degradation mechanisms. The main limitation of
these techniques is the use of an excess of electrolyte, which also provides an excess of

impurities and facilitates solubilization of the decomposition/reaction products. Thus, they

are suitable to perform a first screening of electrolyte and electrode materials, and to
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isolate and understand particular phenomena, but cannot substitute tests in real operating
conditions.

e Ex situ characterizations after battery cycling®®%: the positive electrode and the electrolyte
are analyzed at different depths of discharge or recharge, or after several cycles. Since LiO,
are reactive toward ambient air, particular attention has to be given during transfers and
characterization. Also, since LiO, can disproportionate to Li,O, over time®, and that this
reaction rate might depend on the solvent or the oxygen pressure, subtle effects might be
missed.

e In situ characterizations during battery cycling®*®®: the positive electrode is analyzed
without disassembling the battery, which provides the advantage of avoiding
contaminations and offers real-time measurements, but at the cost of a generally lower
precision, a much more complex experimental design and (sometimes) far-from-real
operating conditions.

Of the in situ characterizations, one technique was proven particularly efficient: the
monitoring in nearly real time of the gases consumed and formed during discharge and charge of the
battery by mass spectrometry>> &2, Using this technique, the amount of electrons passed through the
positive electrode per molecule of O, consumed or evolved can be evaluated in the course of the
charge and discharge. Furthermore, the evolution of gases formed by the electrode/electrolyte
oxidation or decomposition products, such as H, and mainly CO,, can be monitored, and isotope-
labeling allows identifying the origin of these gases®.

From these studies, it appears that most of the classical solvents are not suitable for LiOB.
Some of the most stable solvents identified are ethers, particularly dimethoxyethane (DME), nitriles
(acetonitrile: Acn), acetamides (dimethylacetamide: DMA), or sulfoxides (dimethylsulfoxide: DMSO),
although there are also evidences for minor degradations in presence of any of these. Not only are
the solvents unstable, but also the electrode materials in the aggressive environment of an
operating LiOB. In particular, carbon is decomposed in contact with Li,0,, to form a lithium
carbonates layer, and polyvinylidene fluoride (PVDF), used as a binder in some systems, is unstable
toward superoxide. It has also been observed that the presence of catalysts, such as platinum and

gold, was actually promoting side reactions®2, which were the reason for apparent enhancement of

the capacity and cyclability of the systems. Figure 1.6 schematizes the main durability issues in LiOB.
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Packing / Separator )
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Reactive species in solution (primary and secondary):
superoxide's reactivity can be enhanced by interaction
with cations or protons. Long term stability in concentrated
oxygen can also be of some concerns.

Possible reaction sites: nearly any component of the
battery can potentially be subject to a reaction with the
reactive species formed.

Solid products surface: reactivity with the deposition site
and the electrolyte might be limited to the formation of
passive interfaces. These might not be stable over time
(solubility of the products, solid diffusion, ...).

Electrode%
=

Binder
Figure 1.6. Reactivity issues in LiOB

Indeed, the presence of impurities, from the electrolyte, leakages during the experiment, or
degradation products formed during cycling, has a complex effect on the battery behavior.
CO,, for example, enhances the discharge capacitym, but also displays adverse effects. Li,0; is known
to react with CO, quickly and efficiently”: it is used in air purifying systems. Li,COs, formed by

reaction (l.1), is not likely to be more soluble than Li,0,, is even less conducting, and less dense.

: : 1 (.1)
L1202 + COZ — L12C03 + 502

Thus, in terms of a passivation and pore-blocking by a non-conductive solid product, the
situation is expected to be worse in the presence of CO,. There are however two possible
explanations for the enhancement of the capacity of LiOB in the presence of CO,:

e the formation of Li,COs is involving 4 electrons per oxygen molecule, thus the capacity per
unit of volume is higher;

e the limitation of the capacity is not (only) due to pore blocking and oxygen mass-transport
difficulties, but mainly to the formation of an insulating Li,0, film on the electrode surface,
and thus to the decrease of the surface area available; in that case, the reaction (I.1) will
generates cracks in this film, liberating part of the surface.

This last proposition is related to a debate that remains partially unresolved when writing

these lines": what is the actual form of the Li,O, deposit? With an electrolyte based on stable

" Considering the number of high quality publications and groups working on the subject, the arguments
presented here are based on very recent results at the moment of the writing and might lead to outdated
conclusions at the moment of the reading. Presently, a serious update of the bibliography is needed every 6
months in average.
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solvents, e.g. DME, the most usually observed form of deposit was either large crystalline toroids
(100-500 nm)? or a compact film of several nanometers thickness*. The first explanation proposed
for this discrepancy is that the crystals size is essentially depending on the discharge rate”: higher
rates would limit diffusion of the intermediates in solution or at the electrode surface, and therefore
favor smaller crystals or even amorphous films.

A more recent and likely explanation has ascribed the formation of toroids mainly to the
presence of water, which would, in short, better solubilize the reaction intermediates”™2. The
complex role of water will be developed in the following chapter. Nevertheless, from a practical
point of view, it is interesting to notice that:

e water can be present as an impurity, and thus not considered as an active material;
e itis consumed during discharge;

e itis not (or only partially) reproduced during charge;

e Li,O, remains the main discharge product®™.

Thus, by performing only battery cycling and ex situ physical characterization afterwards, the
actual working principle would have been missed. Furthermore, similarly to the case of carbonates-
based solvents, optimization would have been done on potentially non-viable systems, since it
produces much more chemical non-reversibility than expected. The very important effect of
impurities also raises the question of comparability between different studies where many
parameters can vary, without being even noticed.

Thus, the first analysis that should be done when working on new electrolytes, electrode
materials, or additives for LiOB, is an assessment of the stability of the compounds. Since usually an
excess of electrolyte is used in laboratory cells, as compared to practical prototype where the
electrolyte proportion is kept as low as possible, the side reactions can actually enhance the
apparent capacity and cyclability of the system’®, and even lead to apparently perfectly-working
systems.

Even when using more stable electrode and electrolyte materials, the cyclability of LiOB is
limited and the charging overpotentials remain above reasonable limits, thereby impeding the
battery round-trip efficiency. This behavior is mainly accounted for by the formation of poorly
conductive Li,O, particles®®, which require high overpotentials to be completely oxidized, together
with the formation of insulating degradation products®. These conclusions should be valid whatever
the actual morphology of the products or the presence of impurities. Interestingly, this behavior can
lead to a snowball effect (Figure 1.7):

e high overpotentials during charge are leading to the degradation(s) of the electrolyte and/or

electrode;
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e the degradation products are reacting with the discharge products, apparently enhancing
the discharge capacity of the subsequent cycle;
e the charging overpotentials are becoming higher due to the presence of more insulating
compounds, leading to even more degradations.
Again, if the electrolyte is in excess, this snowball effect may be blurred and can lead to an
apparent 100 % coulombic efficiency, even though the chemical reversibility is much lower, which

emphasizes the importance of full cell (or at least half cell) experiments in the presence of

IM

amounts of electrolytes.
Q Q

“practica

First discharge is essentially limited by the insulation of the
surface by non-conductive products

First dicharge

E;>E, E;
CO,

i I ﬁz ,02+Li,CO Li,CO, LiCO,
First charge B A ¥ 5 e
Electrode Electrode Electrode Electrode Electrode Electrode

Initially, part of the surface is blocked by
decomposition products. However, soluble
degradation products formed during the first

& charge might react with Li,O,. Mechanism is
Second discharge Te' le” e’ shifting to 4 electrons per oxygen molecule and
part of the surface can be liberated.

Electrode Electrode Electrode Electrode

Figure L.7. lllustration of the snowball effect. For clarity, only CO, formation from the
decomposition of the carbon electrode has been taken into account. The same reasoning can be

applied to other degradations (electrolyte, binder, current collector).

In order to overcome this limitation, the use of redox mediators (also named redox shuttle
or solution-phase catalysts) has been proposed, and patented in 2011%. This idea is based on the
concept that, at a certain overpotential during charge, a fraction of the surface is freed from the
insulating compounds formed during the discharge, and therefore becomes available to oxidize the
mediator in solution (figure 1.8.a). This oxidized mediator can diffuse to the Li,0, particles which
could not be oxidized at that overpotential directly by electron transfer from the electrode, and
“chemically” react with it to produce the reduced mediator (its original state) and 0,2. In practice,
the mediator has to sustain the same conditions as any other additives for LiOB: the number of

potential candidates that can successfully undergo such stability test is dramatically limited. Besides,
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even if candidate species are isolated, other important practical aspects have yet to be discussed,
such as the amount of mediator effectively necessary or its potential interactions with the negative
electrode, which could lead to shuttling effects similar to those of lithium-sulfur batteries*> and

lower the system coulombic efficiency and rechargeability.

a) b)

1€ e'T

Electrode Electrode

Figure 1.8. Working principle of redox shuttle in LiOB during charge (a) and discharge (b)

The redox mediator concept has also been applied to the discharge (figure 1.8.b); in that
case, the mediator is firstly reduced at the electrode surface and then reduces the oxygen in solution
in the course of its re-oxidation into its original state. Applying this strategy avoids the formation of
an insulating film directly on the electrode surface, but definitely renders mandatory to use an
oxidation mediator to oxidize the Li,O, precipitate (present away from the electrode surface) into
0,. In a favored scenario, a bifunctional mediator would be found”.

Another possibility that is currently explored to heighten the cyclability of LiOB, is to limit
the formation of the passive film, notably by enhancing the solubility of the reactions intermediates,
mainly LiO,. This can be done either directly by using a solvent with a strong solvation of either the
lithium cation or the superoxide anion, or by using additives™. Again, and particularly for that latter
case, the stability of the additives toward the discharge products has to be checked, as their
reactivity might have the same behavior as the solubilization of the reaction products (at least

during the discharge).

Sodium and potassium oxygen (NaOB and KOB):

In parallel to the research on LiOB, the working principle of a very similar system using a
sodium negative electrode instead of lithium has been first published in 20128 Studies with

potassium followed 6 months later®.
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As far as the positive electrode is concerned, the main difference between the various MOB is the
final product formed upon discharge. In the case of the KOB, KO, seems to be the only KO, product
obtained after discharge. Since it is more conductive than Li,0,%, possibly more soluble in the
solvents used and is directly formed by the one-electron reduction of oxygen, the overpotentials
required for its re-oxidation into O, are much more limited. For NaOB, NaO, has generally been
observed as the main discharge product®?, with one exception, where Na,0, has been
characterized®®. At ambient temperature, NaO, disproportionation is thermodynamically favored®,
and Na,0, would thus be expected, even in low amounts. This reaction might be kinetically limited,
possibly even more in the presence of a solvent. The same reasoning as for KOB explains the low
overpotential observed during charging of the system.
In principle, those systems will suffer from the same limitations as LiOB, with however, a few
major differences®:
e if the solubility of the superoxide anion, and thus its lifetime in the electrolyte, is higher,
then it will have more time to react with the battery constitutive materials;
e since the discharge products are remaining under the form of solid superoxide, their
reactivity over the long term with the electrode and the electrolyte has to be assessed. It
might be higher than that of Li,0,;
e since the charging overpotentials are lower than for LiOB, the degradations during charge

might be limited.

Conclusion

From the analysis of the working principle and the limitations of the MOB, it appears that a
very interesting property of these systems is the production of solid, relatively stable and highly
energetically-dense products MO,, from widely available compounds. Thus in the optic of massive
energy storage, solutions involving these products might be relevant. This opinion is further
discussed in an internal classified report delivered to Hutchinson SA.

The other aspect that has been evidenced in this chapter is the importance of the
understanding of the phenomena by the means of model experiments. Several techniques have
been developed so far, from reproducible and optimized purely electrochemical experiments to
coupled in situ FTIR, Raman and DEMS measurements. Those techniques allowed a better
understanding of the limitations of the systems, including the snowball effect, and those results are

also discussed in the internal report. They have further led to a better understanding of the oxygen
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reduction mechanism itself, which is the main object of the present thesis, and the focus of the next

section.
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Paradoxically, it is mostly the interest for the interactions between oxygen reduction
products and protons that has motivated the early electrochemical studies of oxygen in aprotic
media. Indeed, superoxide is formed as an intermediate during oxygen metabolism in cells, and the
understanding of its reactivity is of paramount importance to biologists. Since its stability in aqueous
media is limited, aprotic solvents were used to obtain more concentrated and stable superoxide
solutions. Furthermore, electrochemistry was proven a powerful analytical technique in order to
understand the interactions of superoxide with other compounds, but also an efficient and simple

way to generate it2.

1. Reactivity of superoxide and peroxide, and interaction with
alkali metal cations

In its ground state, molecular oxygen is a bi-radical in a triplet state, with two unpaired
electrons, explaining the low kinetics of its reactions with most organic molecules, which are in a
singlet state**. Considering its electronic structure, molecular oxygen can undergo two successive
one-electron reductions to form superoxide anion (Equation (Il.1)) and peroxide dianion (Equation
(11.2)). The second one-electron-reduction is only possible at significantly lower potential than the
first one, and free superoxide is not considered as a good oxidant and will not disproportionate on
its own>2,

0, +e” =0y (1.1)
0; +e” =03 (11.2)

As a free radical, the actual reactivity of the superoxide anion has been questioned over
time®. Although the pKa of its conjugate acid, the hydroperoxyl radical, is of 4.8 in water and of 12 in
DMF, it can deprotonate water, which has a pKa of 32.6 in DMF, in aprotic media. This can be
explained by the fast reaction of the hydroperoxyl radical, either with itself (Equation (I1.3)) or with
superoxide (Equation (11.4)). Superoxide anion was also proven to be a very powerful nucleophile in
non-aqueous mediaZ. This anomalous nucleophilicity has been accounted for by a strong alpha-
effect, and a favorable electron-transfer in the intermediate state of the reaction".

HOZ + HOZ = H202 + 02 (”.3)

" A lot of information on oxygen electrochemistry and interactions with cations can be found in biochemical
studies. Indeed, aerobic respiration is based on oxygen reduction, and thus nature-inspired strategies may consist
of practical solutions in MOB.

" Documentation on alpha-effect can be found in review?: experiments have demonstrated that nucleophiles with
unshared pairs of electrons on an atom adjacent to the nucleophilic site have a markedly higher reactivity than
expected from classical theories. The exact reason of this phenomena is unclear.
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HO, + 05 = HO; + 0, (1.4)

It can be wondered whether the interaction with an alkali metal cation would increase or
not the nucleophilicity of superoxide. The presence of such cation would mainly impact the charge
localization on one of the oxygen atoms of the radical, thereby decreasing its stability. Interestingly,
the terminal oxygen could be more nucleophilic than the one linked to the metal®. From
experiments, a general increase in the reactivity with different solvent is observed after addition of a
lithium salt to potassium superoxide solubilized using 18-crown-6 ether’®. Considering that those
solvents are not reactive toward lithium peroxide, and that the disproportionation of lithium
superoxide into the latter has to be taken into account as a competitive reaction, a higher reactivity
of the lithium superoxide can therefore be expected compared to free superoxide.

Superoxide has thus a particular behavior as an anionic nucleophile. Usually upon interaction
with a cation, the nucleophile exhibits a decreased activity*:. Therefore, the stronger the cation
solvation, the higher the reactivity of the nucleophile. In the case of superoxide, a stronger cation
solvation will decrease its reactivity.

On the contrary, since the reactivity of peroxide is generally linked to the weak bonding
between the two oxygen atoms®, the interaction between peroxide dianion and two alkali metal
cations would lead to a decreased charge on the oxygen atoms, thereby strengthening the bond, and
lowering the reactivity. This is illustrated by the comparison of the O-O stretching frequency of
different alkali metal peroxides (measured by Raman spectroscopy): the higher the frequency, the
shorter, and therefore the stronger, the bond®.

Then, considering these two elements, the relative stability of the superoxide and peroxide
species in presence of an alkali metal cation can be linked to the charge density of the cation: a
higher charge density will stabilize the peroxide species, while promoting the disproportionation of
the superoxide species. The relative thermodynamic stability of the solid alkali metal superoxide and
peroxide is following the same trend®*: at room temperature Li,0, is more stable than LiO,, KO, is

more stable than K,0,.

2. Oxygen reduction in presence of tetraalkylammonium cations

Tetraalkylammonium  cations  (TAA®), usually tetrabutylammonium (TBA') or
tetraethylammonium (TEAY), are of great interest as supporting electrolyte when studying oxygen
reduction in aprotic media. They are relatively unreactive compounds, resisting to both oxidation

and reduction, allowing a wide electrochemical stability window. Their single charge is centered on
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the nitrogen atom, sterically hindered by the alkyl chains, and thus they interact only weakly with
anions=2¢,

A typical cyclic voltammetry for oxygen reduction in presence of TAA" is presented in Figure
II.1. The half wave potentials of the first and second reduction processes will be referred to as the

first and second reduction potentials.
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Figure Il.1. Typical voltammograms of ORR, showing the first reversible reduction process (here
around — 1 V) as well as the second irreversible reduction process (around — 2 V). These
Voltammograms are representative of the general ORR behavior observed in aprotic solvent. For

the specific conditions of the measure and reference system, see .

First reduction process:

It is commonly admitted that the first reduction of oxygen in aprotic solvent in presence of
tetraalkylammonium cation reversibly produces superoxide anions?. Due to the difficulty to have a
common reference system in aprotic solvent, it is complicated to make a reliable comparative review
of the first oxygen reduction potential values from the literature®®2.. The values presented here
(Table 11.1) were taken from selected publications where:

e an external reference system was used;
e the potential of the reference used could be reliably converted to standard calomel
electrode potential, since it was the most used reference electrode in the literature;

e the ohmic drop effects are, at best, corrected, at least, limited;

e the experiments have been made at room temperature (ca. 20-25°C).
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Table Il.1. Half-peak potential of the first reduction process of oxygen in non-aqueous solvents.

Solvent Electrolyte | Electrode Reference E1/> vs SCE (V) Ref
DMSO TBACIO, Hg drop SCE -0.77 2
TEAPF Hg drop Ag/AgCl -0.85 B

TBACIO, GC SCE -0.75 =

TEACIO, GC Ag/AgCl (sat) -0.77 2

DMA TEACIO, GC Ag/AgCl (sat) -0.90 2
Acn TBACIO, Hg drop SCE -0.82 =
TBACIO, Au SCE -0.82 =

TBACIO, GC SCE -0.85 =

TEACIO, GC Ag/AgCl (sat) -0.88 2

DMF TBACIO, Drop Hg SCE -0.87 2
TBAPF GC SCE -0.85 =

TBACIO, GC SCE -0.81 =

TBACIO, Pt SCE -0.89 =

TEACIO, GC Ag/AgCl (sat) -0.87 2

Py TBACIO, Drop Hg SCE -0.89 2
TEACIO, GC Ag/AgCl (sat) -0.93 24

CH,Cl, TBACIO, Drop Hg SCE -0.79 2
Acetone TBACIO, Drop Hg SCE -0.88 2
TBACIO, Au SCE -0.85 =

It is acknowledged that this selected review does not have any statistical value. However, it
can nevertheless be observed that the nature of the solvent has a major impact on the reduction
potential of oxygen. Neither the nature of the electrode, the length of the alkyl chain on the cation,
nor the anion, seem to have an effect on the first oxygen reduction potential.

The effect of the solvent can be explained by the superoxide solvation: the better the
solvation of the superoxide, the higher the first reduction potential of oxygen®. The thermodynamic
basis at the origin of this effect will be developed in the following chapter.

In DMSO, DMF and pyridine, the cathodic/anodic peak separation on typical cyclic
voltammograms is of ca. 100 to 200 mV, regardless of the nature of the electrode. This value, which

III

deviates from the “classical” 60 mV expected for a 1 electron process?, is attributed to the
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conjunction of the slow charge transfer kinetics, the difference in the diffusion coefficients of oxygen
and superoxide, and uncorrected or underestimated ohmic drop. In acetonitrile the difference
depends on the nature of the electrode. On glassy carbon, it amounts ca. 100 to 150 mV, whereas
on platinum, gold or mercury electrodes, the difference rises up to 500 to 700 mV. This particular
effect in acetonitrile is not yet fully understood. An H-abstraction of acetonitrile is one possible

explanation, considering its relatively low pKa (30) in DMSO%2,

Second reduction process:

A second reduction wave is observed whatever the solvent, the salt or the electrode
material. However, its potential is difficult to measure, due to the particular shape of the wave, and
seem to depend significantly on the experimental conditions. It has been assigned to the formation
of peroxide dianion®, although physical characterizations were not supporting this statement. Its
fast reaction with the solvent, the salt and the electrode, possibly mediated by impurities,
particularly water traces, renders complex its identification. The existence of a second electron
transfer on the superoxide (formation of peroxide dianion) is however supported by the observation
of some reversibility for the process in ammonia on platinum®%. The reason for the increased
reversibility in this particular case would be a higher purity of ammonia as compared to other
solvents, as well as its higher resistivity toward deprotonation (pKa of 41 in DMSO), but could also be
linked to the very low operation temperature (-55 °C). Reversibility for this second reduction has also
been observed using ultrafast cyclic voltammetries on gold ultramicroelectrode in acetonitrile®}; a
scan rate of more than 10 kV s™ was necessary, illustrating the very high reactivity of the peroxide
dianion. In both cases, a separation of 1.5 to 2 V has been observed between the first and second

reduction potentials.

3. Oxygen reduction in presence of alkali metal cations

“Pre-MAB” studies:

From the first publications addressing the effects of cations on ORR in aprotic solvents®34 it

has been observed that the potential of the first reduction process was increasing slightly with
increasing concentration in Li* (by less than 0.1 V), while it remained quite stable in presence of Na*
and K*. The second reduction process could not be observed in presence of Li*, while its potential

increased by approximately 1 V in presence of 0.1 M of Na*, and by 0.7 V in presence of 0.1 M of K".
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These increases in potential have been attributed to the interactions between alkali metal cations
and O3 or O%‘, in analogy with similar results for the reduction of other organic compounds in the
same conditions. The first reduction process in presence of Li* has been attributed to the formation
of LiO,, which could not be further reduced electrochemically, but could possibly undergo chemical
decomposition into Li,0,. The high increase in potential for the second reduction process in
presence of Na® and K" has been attributed to the formation of Na,0, and K,0,, which would be
much more stable than the peroxide dianion. A general conclusion was that: the larger the charge-
density of the cation, the higher the increase in potential of the reduction processes.

To my knowledge, there have not been much electrochemical studies on the impact of alkali
metal cations on ORR in aprotic solvent, before the recent interest for MAB. Actually, one very
interesting result comes from the study of ORR in ammonia®% in presence of potassium iodide, the
first reduction wave on the cyclic voltammogram becomes distorted, a second reversible process is
observed only at 0.4 to 0.5 V more negative potentials and no subsequent reduction process is being
observed at even more negative potentials. These phenomena have been attributed to the
precipitation of KO, on the surface of the electrode during the first reduction process. However, the
potential of the second reduction in presence of K* is consistent with the potential of the second
wave observed in similar conditions in DMSO2. It could then be attributed to a second reduction of
oxygen, and the formation of a peroxide compound. Finally, in 2, it has been demonstrated that the
first reduction process in PC was not reversible, as already discussed, but also that in presence of 5
mM of Li* in DME, the electrode was passivated due to the formation of solid products, which were
considered as LiO; and Li,0,, the latter being formed either by chemical disproportionation of O3 (or

LiO,) or the electrochemical second reduction of LiO,.

Recent studies:

As mentioned in the previous chapter, the main discharge products observed after discharge
of MOB were unambiguously Li,0, and KO, in LiOB and KOB. For NaOB, formation of NaO, and Na,0,
has been observed in different studies, the reason for such discrepancy remains unclear®*3. These
results are however in agreement with the thermodynamic stability of the compounds. Since oxides,
M,0, are even more thermodynamically stable, they could also have been expected as products.
Nevertheless, their possible presence, even as by-products, is still unclear®. A comparison can also

be made with the reduction of oxygen in liquid ammonia in presence of dissolved alkali metal

cations. Ammonia has the property to dissociate alkali metals into the corresponding cation and
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solvated electrons 2. In these solutions, oxygen can therefore be reduced by the solvated electrons,
and yield Li,0,, KO,* and a mix of NaO, and Na,0, “2in presence of the respective cations**.

By electrochemical characterizations, it has been observed that the first step of ORR in
presence of Li* was most likely a one-electron reduction process to form either 03 or LiO,. The first
direct physical characterization of this intermediate by means of surface enhanced Raman
spectroscopy (SERS) on a roughened gold electrode in acetonitrile has been published in 2011%.
Rotating ring-disk experiments, published in 2012%, have demonstrated the formation of an
intermediate in solution in DMSO, with an oxidation potential corresponding to that of superoxide
species, while in acetonitrile, no soluble intermediate have been detected. From both studies, no
evidence for a superoxide intermediate was found during reoxidation of the ORR products. Thus, the
accepted general mechanism for ORR/OER in presence of lithium can be described by Equations

(11.5-7).

0, +Lit + e~ = LiO, (1.5)
Li0, + Lit + e~ = Li,0, (1.6)
2 Li0, = Li,0, + 0, (1.7)

This mechanism raises, however, the question of the formation of Li,0,, either by a second
electrochemical reduction, or by chemical disproportionation, as well as the actual form of the
intermediate, either solvated O3, a solvated ionic pair Li*-O3, an adsorbed superoxide species LiO; o4

or solid LiO,.

Donor humber and HSAB:

A first general theory for the impact of both the cations and the solvent on the ORR has
been proposed by Laoire and al.*, and can be summed up as the following two points:

e If Oy is considered as a weak Lewis base, then it will be more stabilized by weak Lewis acids
such as tetraalkylammonium cations. If O%' is considered as a hard Lewis base, then it will
be more stabilized by hard Lewis acids, such as Li*. Thus, the relative stability of ORR
products in solution in presence of cations can be understood accordingly to Pearson’s Hard
and Soft Acids and Bases principle, which states, quoting the authors, “that hard acids prefer
hard bases and soft bases prefer soft acids”;

e A solvent of high basicity, which can be measured by its donor number (DN), will tend to

solvate hard acids and will lower their acidity. Thus, in presence of Li*, 05 will be “stabilized
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longer in solution” if a high DN solvent, like DMSO, is used as compared to a lower DN

solvent like acetonitrile.

The exact rule of HSAB actually states that “hard acids prefer to bind to hard bases and soft
acids prefer to bind to soft bases” %2, which in my opinion makes a significant difference. Indeed, the
binding energy between cations and superoxide seems to be positively correlated to the charge-

+46

density of the cation: Na” would bind less strongly to Oy than Li*. This is further supported by the

shift of the Raman peak associated to the O-O bond of MO, to higher frequency with higher charge-
density of the cation”,

Even if the HSAB theory is discarded, the effect of the solvent can still be understood as a
modulation of the interactions between cations and O due to solvation effects. Indeed, the DN of a
molecule is related to the formation enthalpy of a complex between this molecule and a reference
Lewis acid (SbCls)?, and is generally used as a measure of the solvent ability to solvate cations® (this
will be discussed in the following chapter). A higher DN solvent will therefore tend to solvate cations
more strongly, possibly leading to the formation of non-contact ionic pairs in solution, and limiting

the interactions between cations and O . Thus, the longer lifetime of soluble superoxide species in

DMSO as compared to acetonitrile can still be related to DN.

Solubility of the intermediate:

DN of the solvent has recently been correlated to the solubility of superoxide intermediates
in presence of lithium cations, by electrochemical study on gold using RRDE and SERS®% The study
led to the following conclusions:

e There is a competition between the surface and solution-oriented ORR pathways, and the
orientation of the mechanism depends on the solubility of LiO,; the solubility of LiO, in the
solvents used is mainly dependent on the solvation of Li*, which can be approximated by the
DN of the solvent.

e The morphology of the deposit depends on the orientation of the mechanism; the solution
oriented pathway leads to the formation of large crystallites, whereas several nanometer-
thick compact films are formed when the process is surface oriented.

Similar conclusions have been proposed in %, and the importance of the solvation of 05 has
been accounted for. Based on thermodynamic calculations, it has also been argued that solvents
with the highest solubility capability for LiO, were also more prone to decomposition either by

nucleophilic attack or proton abstraction.
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The second electrochemical reduction:

A second electrochemical reduction of oxygen in presence of Li* is proposed in most
studies®™2, However, the exact nature of the species being reduced is still an open question®%.
Interestingly, a second electrochemical reduction process was proposed by Laoire and al. in the
initial works of the Northeastern University group, on the basis of the comparison between
electrochemical analysis in presence of Li*, Na* and K, in acetonitrile’?. It was discarded in a

subsequent study® of the same group using a similar approach in ionic liquids". It was then re-
introduced for Li*in DMSO, without specifying the state of the intermediate®. The chemical second
reduction of oxygen, due to the disproportionation of LiO,, is generally considered as the main

formation pathway for Li,O,, in particular in presence of high Li* concentrations in LiOB>* .

4. The role of water

So far it has been considered in nearly all the non-aqueous ORR studies that the electrolyte
used was pure enough to discard any influence of impurities. In particular, the role of water has not
been considered, although an already small presence of 10 ppm water represents a concentration as
high as 0.5 mM, which is only 1 order of magnitude inferior to the solubility of oxygen in most
aprotic solvents. The influence of water can be considered in two different ways: either as a proton
source or as a complexing agent, which could enhance the solubilization of the intermediates,
without chemical reaction.

In presence of acids (HA) in solution, the following mechanism has been proposed?

(Equations (11.8-10), with the formation of peroxide species being due to electron transfer between

HO, and O,.
0, + e = 0y (1.8)
0; + HA = HO, + A (1.9)
0; + HO, = HO; + 0, (1.10)

Water is only weakly acidic in aprotic solvents, its pKa is actually in the same order as the
one of acetonitrile in DMSO. Thus, in presence of tetraalkylammonium cations and small water

concentration, protonation of superoxide could be limited. In the meantime, water has a very strong

" Jonic liquids can be particularly interesting for MOB; however, solvation in ionic liquids involves different
phenomena as compared to classical solvents, and the reaction mechanisms in the two media cannot be directly
compared that easily. Therefore, they will not be discussed in detail in the present thesis.
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affinity for anions, and could therefore complex O3 into O; — H,0. This reasoning is at the basis of
a purely electrochemical study on water effect on the ORR in acetonitrile on glassy carbon®?, which

led to the following mechanism (Equations (I11.11-13)), with (I.13) being a proton-concerted electron

transfer (PCET).
0, + e = 0; (1.11)
0; +H,0 = 0; — H,0 (1.12)
0; —H,0+ e~ = HO; + OH™ (1.13)

In presence of alkali metal cations, the situation is becoming much more complex since:

e Several complexes and equilibrium could be taken into account, with formation of ionic pairs
between the cation and Oj; or HO,, possibly involving water molecules as well as
intermediate solid phases of general formula MO,H,;

e Proton abstraction from water might be favored by the cation, which could increase the
reactivity of superoxide and precipitate the hydroxide ions formed,;

e The solid MO, formed are reactive toward water.

Two effects are observed experimentally when discharging LiOB in presence of water. Firstly,
with increasing water content, the morphology of the deposit is going from homogeneous compact
films to large heterogeneous crystals>”22. This can simply be accounted for by the better solvation of
O3 by water, which leads to longer-life intermediates in solution and favors growth as compared to
nucleation. A second observation is that the main solid discharge product characterized at the
surface of the electrode still seems to be Li,0,%%. This might be due to the kinetics of the Li,0,
formation mechanism, which is favored compared to the proton abstraction from water. The
reaction between solid Li,O, and water could then be slow, due to the formation of a crust of LiO,H,
at the surface of Li,0, particles. Interestingly, in presence of MnO,, the reaction of solid Li,O, pellets
with water vapor is much faster than without the catalyst®®. The good performances of this

particular catalyst in LIOB® might be linked.

Conclusion

It appears from this study of the literature that, even though the understanding of the
influence of alkali metal cations (especially Li*) on the oxygen reduction in aprotic solvents has
considerably improved over the past few years, several important details of the mechanism remain
unclear. In particular, it has been shown that the use of HSAB theory as to account for the influence

of the solvent could be criticized on a theoretical basis. It has also recently been questioned on an
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experimental basis. Thus a re-examination of the actual relation between the DN of the solvent and
its ability to allow a solution-based mechanism is needed. Furthermore, the actual process behind
the second electrochemical reduction of oxygen, which has recurrently been observed
experimentally, and the effect of alkali metal cations on this process are still unsolved.

The comparative analysis of the experimental results obtained in presence of different alkali
metal cations has shown to be a very fruitful approach in the past to understand their actual
influence on the ORR. Since alkali metals have relatively similar chemical properties, and that
similarities in the ORR mechanism are observed in the literature, it would be interesting to
determine if a common mechanism could be applied to understand their influence on ORR.

Three-electrode electrochemical characterizations on a model smooth glassy carbon surface
allow both a very high sensitivity and to isolate the parameters of interest in the study. Since the
theoretical background behind electrochemical techniques is considerable and accurate kinetic
modelling of the experimental results is possible, such techniques are powerful means to elaborate
and understand chemical mechanisms.

Finally, it is, in my opinion, worth noting that the understanding of the ORR mechanism in
aqueous media is fine enough to allow not only the optimization of electrodes material and
catalysts, but also the monitoring of their efficiency and durability, to be at least partially based on
the study of voltammograms on model-electrodes®. If similar techniques could be applied to
research on metal-oxygen batteries, considerable efficiency on the design of practical systems could

be earned.
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Chapter IIl. General
Considerations, Method
Development and Experimental
Details

“Most chemists are familiar with chemistry in aqueous solutions. However, the common
sense in aqueous solutions is not always valid in non-aqueous solutions. This is also true for
electrochemical measurements.”

Kosuke Izutsu Electrochemistry in Non-Aqueous Solutions, 2002
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When starting to work in aprotic solvents, one of the first striking facts is that the solvent
itself becomes a parameter that can be changed to study reactions. Indeed, in protic solvents, water
in particular, interactions between the proton H" and superoxide anions O3 will be strong enough to
mostly blur other solvent-related effects. Thus, pH might become the most important parameter to
study. This is even more true that the reaction between H* and O3 will lead to the formation of

water, and thus its influence on the mechanisms cannot be overlooked.

1. Solvation effects

Let us consider the following reaction (Ill.1), a simple E mechanism with both species A and
A’ in solution:

A+ e = A (I11.1)

If reaction (l11.1) is taking place in two different solvents, R and S, the following Scheme Ill.1

can be considered:

Ag + e = Ax
SIIR SIIR
Ag + e = Ag

Scheme lll.1. Square scheme representation of the transfer of a redox reaction in two different

solvents R and S.

With Xy corresponding to the species X solvated by solvent Y. It appears from this particular
square scheme that the difference in standard potential between the same E mechanism in two
different solvents is directly linked to the difference in solvation of both the oxidant and the reducer.
Intuitively, if A" is solvated equally by R and S and if the solvation of A is stronger in S than in R, then
E°r will be superior to E°s. Conversely, if A is solvated equally by R and S and if the solvation of A" is

stronger in S than in R, then E°; will be inferior to E°.

Thermodynamic definitions:

In order to discuss solvation, it is needed to introduce several useful equations. The Gibbs
solvation energy of species X in solvent R, AGSy (X, R), corresponds to the energetic cost of the
transfer of species X from the gas phase to the solvent R (111.2):
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If X is a salt of the form (A'B’), completely dissociated in R, the solvation energy of X will be
the sum of the solvation energy of A" and B’, according to Equation (l11.3):

AG% (X, R) = AGS,(A*,R) + AGY (B, R) (111.3)

The Gibbs energy of transfer of X from solvent R to solvent S will be defined by

Equation (l11.4):

AG? (X,R—S) = AG/(X,5) - AGL(X,R) (111.4)

If X is a neutral species or a salt completely dissociated in both solvents, then Gibbs energy

of transfer of X from solvent R to solvent S can be expressed by Equation (111.5):

Sr(X) ) (111.5)
Ss(X)

AG? (X,R—>S) = RT In(

with Sy (X) the solubility of X in solvent Y. For convenience, a transfer activity coefficient y; is also

introduced, and defined by Equation (l11.6):

AG? (X,R—>S) (111.6)
2.303 RT

log(y: (X, R—- S)) =

If a reference solvent R is used to measure transfer activity coefficients of X with two other

solvents S; and S,, then the transfer activity coefficient becomes (Equation (I11.7)):

log(y: (X, S, - Sz)) = log(y; (X, R— Sz)) —log(v: (X, R— Sl)) (1.7)

Finally, it arises that the solubility product Ks of X, as a salt of the form (A'B’), in a solvent S

can be calculated from its solubility in R according to Equation (111.8):

PK(X,S) = pKy(X,R) + log(y (A*,R = 5)) +log(y, (B~ R - 5)) (111.8)

Using the parameters introduced above, it is possible to express quantitatively the
difference in standard potentials between equations (lll.2a) and (l1l.2b) as a function of the transfer

activity coefficients (Equation (I11.9)):

0 , _RT Yt (A,R—>S) (111.9)
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Equation (l11.9) can provide an estimation of the transfer activity coefficients directly from
electrochemical measurements, as long as a common reference system can be found. It can also
possibly be used to predict standard potentials, but this would require measuring the transfer
activity coefficient of all the species involved in the reaction of interest from a reference solvent to
any solvent of interest. However, if the ability for a solvent to solvate a particular species can be

parameterized and correlated to a general scale, then such a prediction might become practicable.

Factors influencing solvation®:

Electrostatic interactions related to the permittivity of the solvent account for roughly 80 %
of the total solvation energy of ions. The effect of permittivity on the electrostatic part of the
solvation energy can be roughly approximated by the Born equation (l1.10), with r the ionic radius
and g, the relative permittivity of the solvent (Figure Ill.1). It is only an approximation in that case,
since it does not take into account the chemical interactions with the solvent. It can be observed
that, for high-permittivity solvents (above 20), a change in permittivity from one solvent to another
will not influence much the solvation energy (less than 3 % of the total energy). In that case, the
solvation energy will be more related to other parameters, which will be discussed below. However,
for low-permittivity solvents (typically below 10), the permittivity is the most influencing factor

(Figure 111.1).

69477 . 1 (111.10)

-61-



Chapter lll. General considerations, method development and experimental details

800 4
700- .Illlll.-.............
] [ ]
600 4 =
o ] .
g 500_
Z a00d
£ p
. 300-
I% 4
oﬁ' 200 4
T 100-
0 ]
-100

Figure 1ll.1. Effect of the solvent permittivity on the relative electrostatic free energy of Li*

(approximated by Born equation)

In particular, in the case of Li* in solution, the difference in AG,; between dimethylsulfoxide
(DMSO) (&, = 46.7) and N,N-dimethylacetamide (DMA) (g, = 37.8) would be of 0.5 %, when it is of 12
% between 1,2-dimethoxyethane (g, = 7.2) and dimethylsulfoxide. Thus, the interpretation of a
difference in solubility for a lithium salt in the two lasts solvents should be essentially based on the
difference of permittivity, while other parameters will be of more importance for the two firsts.

The first of these other parameters is related to the Lewis acidity and basicity of the solvent.
The interaction between a cation (anion) and a solvent is related to the capability of the latter to
give (accept) electron pair. This is modulated by concepts relative to the hard and soft acids and
bases principle (HSAB): in a general manner, a strongly basic (acid) solvent will bind preferentially to
a strongly acidic cation (basic anion), while a softly basic (acid) solvent will bind preferentially to a
softly acidic cation (basic anion). Several scales have been elaborated to parameterize the Lewis
acidity and basicity of solvents, as detailed below.

The most frequently-used scale, especially in research on LiOB, is the Donor and Acceptor
Numbers (DN/AN). The AN of a solvent is based on the determination of the relative *'P-NMR shift of
triethylphosphine oxide, a strong Lewis base, in the solvent of interest. The DN is based on the
measurement of the heat of coordination with SbCls of solvents diluted in a large excess of 1,2-
dichloroethane. The use of DN as a solvent parameter has been criticized, in particular because:

e It is actually a measurement of enthalpy, and not of Gibbs energy. Enthalpy and Gibbs

energy are generally not linearly related (because of the entropic term);
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e Since 1,2-dichloroethane is actually used as a solvent for the measurement, it might not
reflect the actual Lewis basicity as a solvent of the compound tested;

e Coordination to the large SbCls might not reflect coordination to much smaller cations, like
alkali metal cations.

Another scale is based on the Swain’s theory?. Swain’s A and B parameters represent
respectively the tendency for a solvent to solvate anions and cations. The determination of these
two independent parameters is based on the study of 77 chemical reactions in different conditions.
In a very general manner, AN and A as well as DN and B are following the same trends, although
there are exceptions. However, the A and B Swain parameters have also been criticized, in particular
because they are actually strongly correlated when only non-hydrogen bond donor solvent are
considered (their independency is at the basis of their physical meaning, and a mathematical
condition for their determination).

In order to avoid the issues related to a measurement in solution, gas phase measurements
of affinities have been proposed. The results are of great interest here, since alkali metal cations
were particularly studied. Practically, the free energy associated to equation (l1l.11) is determined
for a particular cation M* and several ligands R in the gas phase. Scales are called metal cation
basicities (MCB). It could be wondered whether these scales could provide useful information in
solution, though they provide an intrinsic measurement of the affinity of a molecule for a particular
cation.

R+M*t=R-M* (I1.11)

A third factor which could influence the solvation of anions specifically is the capability of
the solvent to provide hydrogen bonds. In particular anions with localized negative charge are prone
to hydrogen bonding, and will thus be strongly solvated by hydrogen donor solvent. In general,
hydrogen bond donor solvents are also relatively acid.

Finally, solvation energy can be influenced by the formation of particular structuration of the
solution when solvating ions. These effects will not be considered here, since aprotic solvents are
generally not structured, as opposed to water.

It should also be noted that a modification of the Born equation has been proposed,
including a correcting factor to the ionic size: the polarization parameter which depends on the
solvent and the sign of the charge of the ion. This parameter, taken for a particular solvent, has been
shown to correlate quite well with AN (DN) when considering interactions with anions (cations).

The relevant values of the different parameters for the solvents used in this study are listed in Table

1.
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Table lll.1. Parameters related to solvation for the solvents studied. *bidentate

Solvent A? B’ AN? DN* gt LicB® NaCB? KCB?
(k) mol™®) | (k) mol™) | (kJ mol?)
Acn 0.37 | 0.86 18.9 14.1 37.5 142.1 98.7 75.3
DMSO 0.34 1.08 19.3 29.8 | 46.7 175.1 129.7 104.6
DMA 0.27 | 0.97 13.6 27.8 37.8 179.1 132.8 104.4
Py 0.24 | 0.96 14.2 33.1 12.4 146.7 100 64.6
DMF 0.30 | 0.93 16 26.6 36.7 173.7 125.9 96.2
DME 0.21 0.5 10.2 20 7.2 187.9* 133.1* 86.6*
NMP ND ND 13.3 27.3 32.2 ND ND ND

Application to the ORR:

Let us consider the following two equations (111.12) and (lll.12b), that are representation of
the non-aqueous ORR (see chapter 1):

0,+e =05 (I1.12)

0, +nM* +ne” = M,0;, (11.12b)

Equation (l11.12) is analogue to (I1l.1) and thus the difference in standard potentials of the
reaction between two solvents can be given by (111.9). This firstly raises the question of the transfer
activity coefficient of O,. If oxygen is considered as a neutral species, then the difference in solvation
energy between two solvents is related to the difference in oxygen solubility between them,
according to (l11.5). Considering that the solubility of oxygen is 5 times higher in acetonitrile than in
DMSO at ambient temperature and 1 bar pressure, a difference of 40 mV in the standard potentials
could be expected. However, no theoretical basis to support or not this reasoning has been found in
the literature. Thus, since all the solvents studied here have solubility values of oxygen in between
that of acetonitrile and DMSO, the solvation of oxygen will be considered as independent from the
solvent. In addition, the transfer activity coefficient of O3 is also not tabulated in the literature.
Thus, the standard potentials experimentally measured can only be correlated to solvents acidity

scales, such as AN.
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The variation of the standard potential of equation (l11.13), which corresponds to the general
oxidation reaction in MOB, from one solvent to another should only depend on the transfer activity
coefficient of M* (111.13b).

RT .13
Efans = Efaog = - =10 (02, R > 5). (0 (M5 R > 5))™) (1-13)

RT (111.13b)
Efpbs — Efann = 5 In(ve (M*,R = 5))

The difference in the standard potentials of the reduction of M" (Equation (I1l.14)) measured
in two different solvents follows the same dependency in the transfer activity coefficient of M*

(Equation (111.15)).

M* +e” =M (11.14)
RT (11.15)
o _ o — + .
145 — E1ar F In(yq (M :R_’S))
1
Eliz values measured in different solvents using a bis(phenyl)chromium reference! are

reported in Table I11.2. At first sight, DN seems as a good approximation of solvation of alkali metal

cations, but with the notable exception of Py.

Table I11.2. Half-wave potentials of alkali metal cations in different solvents (V vs BCr/BCr')*

Solvent DN Li* Na* K*
Acn 14.1 -1.211 -1.092 -1.09
DMF 26.6 -1.623 -1.349 -1.371
NMP 27.3 -1.697 -1.367 -1.375
DMA 27.8 -1.765 -1.38 -1.404

DMSO 29.8 -1.86 -1.37 -1.4

Py 33.1 -1.428 -1.201 -1.231

Assuming the equilibrium (I1.16) and solubility product K; ;; (Equation (111.17)), the difference
in standard potentials between (Equation 11.12) and (Equation 1ll.12b) can also be expressed in
terms of solubility of MO, for the case n = 1 (Equation 111.18):

K17 = (05).(M") (111.17)

RT (11.18)
12br — EfoR = _?ln(Ks,w)
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These equations can be used to understand qualitatively the differences of half-wave / onset
potential values observed for the ORR in different solvents; more quantitatively, they enable to
determine the solvation energy of superoxide in those solvents, the solubility of M,0, compounds
(which might be difficult to measure otherwise), and to predict the behavior of other possible
candidate solvents for MOB.

An interesting observation can also be made on the study of the working potential of LiOB.
Usually, the charge of the battery starts around U = 3.1 - 3.2 V, whatever the solvent (as long as it is
not reactive of course). This can easily be understood from (Equation 111.13b) and (Equation I11.15):
the solvation of Li* has the same effect on the positive and negative electrodes potential. However,
the difference between the standard potentials of (Equation I11.12b) and (Equation 111.12) will depend
on the solvation of O3 . Thus, if the discharge mechanism is intermediate between a direct
precipitation of Li,O, and a solubilization of the intermediates, a change in the working discharge
potential of the battery could be observed from one solvent to another. It can be argued that this
change could also be ascribed to the more pronounced passivation of the electrode in the case of a

lower solubility.
2. Ion-pairs formation

The thermodynamic reasoning developed until here was based on the assumption that the
salts were completely dissociated into free ions. However, in practice, the formation of ion-pairs has
to be taken into account, in particular in low-permittivity solvents. Let us consider two ionic species
A" and B, which can precipitate as AB (Equation (111.19)) with a solubility product K;s defined by
(11.20). The formation of the simplest ion-pairs A* — B~ can be described by (l11.21), associated to a

formation constant Ki g (111.22).

A* + B~ = AB (111.19)
Ksag = (AT)(B7) (111.20)
A* +B~ = At —B" (111.22)
(A*—B") (111.22)

fow = aneE)

It directly appears from these equations that A* — B~ has a saturation concentration which
only depends on K s and K; g (111.23). Thus, at a fixed concentration in A", the total solubility of AB
cannot be calculated simply by the solubility product (l11.24).

(A* = B )sar = KeapKsan (111.23)
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_ _ KsaB (111.24)
(A+ —B )sat + (B )sat = Kf,ABKs,AB + (2—4_)

In a general manner, the solubility product and the formation constant are inversely
related®: the higher the solubility, the lower the ion-pairs formation constant. Then, for a sparingly
soluble salt, it appears that the salt is essentially solubilized as ion-pairs. Furthermore, the formation
of higher aggregates such as triple ion-pairs ( A* —B~ — Ator B~ — At — B~ ) and quadrupoles
( (AT — B7),) should also be taken into account, which complicates considerably the mechanisms
involving ion-pairs formation”.

If only the formation of simple ion-pairs is considered, then the dependency on the
concentration in A" of the difference in standard potentials between equations (l11.25) and (l11.26)
can be expressed by (111.27).

B+e = B~ (111.25)

B+At+e = At —B~ (111.26)

RT (111.27)
AESs o5 = Efy — Egs = Tln(l + Keapg(M™))

Finally, the structure of the ion-pairs is also dependent on the interactions between the ions
and the solvent. lons in ion-pairs are still partially solvated. This solvation can lead to several
different structures, which likely have different properties. The solvent molecules R can either be
unshared by the two ions, leading to the formation of solvent separated ion-pairs AYRRB~, or
shared, thus forming solvent shared ion pairs A*R B~. Contact ion-pairs AtB™can also be formed.
The actual structure of the ion-pairs can be determined by physical characterizations, such as UV-
spectroscopy, infrared or Raman spectroscopy, or NMR for example.

In the present study, ion-pairs will be considered, as a first approximation, in their simplest
form AT — B~, without assumptions on their fine structure. The formation of triple ion-pairs of the

form A* — B~ — At will only be accounted for in the final chapter VIl as an opening for future work.

3. Method development

From the study of the bibliography in the two firsts chapters and the definitions given here,
it appears that solvation effects have a great influence on the ORR in non-aqueous solvents, and that
its mechanism, in particular regarding the second electrochemical reduction, is still unclear.

The first objective of this thesis is to confirm and possibly clarify the mechanism of the ORR

in the presence of tetraalkylammonium salts (Chapter 4). This will fix the first parameter of the
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study, which is the solvation of O3, in the relative absence of interactions with cations. Since the
studies in these conditions are numerous in the literature, this will actually also serve as a means to
check if the experimental set-ups designed and used in the present thesis are efficient.

The second step will be to study the influence of the addition of alkali metal cations in a particular
solvent: DMSO (Chapter 5). As it will be shown, DMSO is one of the best solvent for the superoxide
intermediates, thus it can be a good starting point to develop a general model. Therefore, the
second parameter under study in the thesis is the effect of the charge-density of the cations (Li*, Na*
and K" will particularly be evaluated).

Then, the knowledge acquired through the studies performed in DMSO will be extended to
other solvents (Chapter 6). The third parameter under study will then be the influence of the
solubility of the intermediates in the solvent at stake.

Finally, it will become obvious that the proposed mechanism involves many coupled phenomena,
and that its modelling will become necessary to correctly understand the whole ORR process.

Therefore, chapter 7, as a conclusion of the experimental work, is focused on the

development of a model which could qualitatively reproduce the phenomena, in particular the effect

of passivation on cyclic voltammetries, and quantitatively propose several thermodynamic values.
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4. Experimental details.

Materials and solutions

The chemical compounds were provided by Sigma-Aldrich. Anhydrous high purity grade
solvents were stored as soon as received in a glove-box (MBraun) under argon atmosphere, with
oxygen and water content both below 0.1 ppm, and used without further purification.
Tetraethylammonium hexafluorophosphate (TEAPFs) > 99%, Tetraethylammonium perchlorate
(TEACIOQ,4) > 99%, Tetrabutylammonium hexafluorophosphate (TBAPFg) > 99%, Tetrabutylammonium
perchlorate (TBACIO,) > 98%, Lithium triflate (LiTf) battery grade, sodium perchlorate (NaClQ,) >
98%, potassium hexafluorophosphate (KPFs) > 99.5% and silver nitrate > 99.998%, were dried under
vacuum and stored in the glove-box as soon as received.

In aprotic media, when surface-related catalytic effects are discarded, the effect of anions
can be limited to a difference in the solvation of the cations. Based on the mechanism developed in
the present work, this effect should be limited to slight changes in the complexation constants and
solubility values. These effects would not change the trends experimentally observed and used as
input to develop the mechanism, all the more that an excess of TAAPF¢ (either TBAPF¢ or TEAPFg) is
used as supporting electrolyte. However, the effect of the presence of a different cation with a
larger charge-density would be much more important. Therefore, the choice has been made to use
the salts with the fewer metallic impurities available at the moment of the experiment, instead of

keeping the same anion.

Electrochemical procedures

The electrochemical experiments were performed using a VMP3 potentiostat from
Bio-Logic®, in a custom-made 3 electrodes air-tight glass cell using a platinum wire as a
counter-electrode. Two different Ag/AgNO; reference electrodes were used. The first with 10 mM
AgNO3 and 0.5 M TEAPF; in acetonitrile (E.r; = -0.08 V versus the half-peak potential (E;;;) of the
ferrocenium/ferrocene redox couple in acetonitrile). The second with 10 mM AgNO; and 0.1 M
TBACIO, in 1:1 acetonitrile:pyridine mixture (Eef> = -0.320 V vs. E.1). All potentials are expressed
versus the first reference (E.f1), indicated as Ref in the following, unless otherwise stated. Some of
the experiments were performed using two different references with different solvents and
supporting salt concentrations. The results were not dependent on the reference, and half-peak
potentials remained identical within 5 mV, ruling out any effects due to junction potential or
reference shift.

Electrochemical experiments at different concentrations in cations were made using a fresh

electrolyte solution and a freshly-polished glassy-carbon electrode (geometric surface area, S = 0.2
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cm?) for each concentration, in order to avoid any bias due to the decomposition of the electrode
and/or electrolyte, internal/external pollution over time and to confirm the repeatability of the
measurements. RRDE experiments were performed inside a custom-made glove-box filled with
argon, using a S = 0.125 cm? glassy carbon disk and 2.5 mm/3.5 mm inner/outer radii gold ring. The
geometrical collection efficiency of this electrode is Nge, = 0.42.

In RRDE experiments, the potential of the ring was maintained at a potential high enough to
re-oxidize species formed during reduction at the disk (Scheme 111.2). No electrochemical reduction
of oxygen was performed on the gold ring in order to prevent it from damages or passivation from

insoluble ORR products, as it could not be easily polished after use.

0+ O Oz O, 0

Figure l1l.2. RRDE measurement principle

Two major experimental difficulties had to be overcome in these electrochemical
characterizations. The first one is related to the purity of the solvents used. Here, an assessment of
the concentration in water could not have been done. This is acknowledged as a serious lack of the
present work. However, considerable changes on the voltammograms were noticed upon the
addition of 20-50 ppm water in the electrolyte at the end of the experiments. On this basis and other
experimental and theoretical considerations, it has been concluded that the results and trends
observed were not the consequence of a non-negligible contamination by water. The effects of
water on the mechanism and in practical aprotic alkali metal-oxygen batteries will not be discussed
further here.

The second important parameter is the stability and precision of the reference electrode. It
has been chosen here to work with a reference electrode the least physically and chemically
separated from the working electrolyte as possible. This has the advantage of considerably limiting
potential junction related effects. However, it also leads to a faster contamination of the reference
by the working electrolyte, as well as possible leaks of the reference electrolyte in the working
electrolyte. The reference electrolyte had a volume of less than 1% of the working electrolyte,

considerably limiting the possibility of a contamination of the latter due to dilution effects. Stability
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of the reference electrode has been assessed by continuous cycling during the saturation in oxygen
in different electrolytes. No change in the reduction peak has been observed during these

experiments.

Other

Simulations were done using Scilab© software. Coding is handmade, except for matrix

inversion algorithms.
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Introduction

In the theoretical treatment of the first reduction of oxygen proposed in chapter (lll), it was
considered that only the solvent had an influence on the solvation of the superoxide anion.
However, an association of the latter with the cation of the supporting salt could also be taken into
account. This leads to a more complex mechanism, which can be described by equations (IV.1-3),
considering a tetraalkylammonium (TAA") based supporting salt and 05 — TAAt  as an ionic pair.

For simplicity, only one type of ion-pairs is considered here, and its actual structure is not

anticipated.
0,+e =035 (Iv.1)
0, + TAA* + e~ = 05 — TAA* (IvV.2)
05 + TAAT = 05 — TAA* (IvV.3)

In that case, not only the affinity of the solvent for O; has to be taken into account, but also
the solvation of TAA" and the capability of the solvent to separate or not the ion-pairs. The
precipitation of the tetraalkylammonium superoxide salt could even be possible in low-permittivity
solvents.

It appeared from the literature (chapter Il) that a strong association between TAA" and Oy
was not likely, especially since the binding energy in alkali metal superoxides MO, was decreasing
with a decrease in the charge-density of the cation. In order to further support this, the following
reasoning is proposed. Let us consider that TAA" cations are interacting strongly with O3, according
to the Hard and Soft Acids and Bases principles (HSAB)*:

e In a high-permittivity solvent with a strong affinity for cations, the potential of the first
reduction of oxygen should shift with a change in the length of the alkyl chain of TAA®
cations, since their charge-density would change. If the potential is not affected by the
length of the alkyl chain of TAA®, then either TAA" cations have a very similar affinity for O3
regardless of their ionic size, which is not likely, or the solvent has the ability to solvate TAA*
cations enough to mitigate the effect of their ionic size (and charge-density);

e In high-permittivity solvents, with different capabilities to solvate ions, if the potential of the
first reduction of oxygen is unaffected by a change in the solvent, then TAA" cations must
have a strong affinity for O3 regardless of their solvation. If the potential is shifting and if it
is the solvent ability to solvate cations that has the main effect on this shift, then TAA"
cations must have a strong affinity for O3, which is modulated by their solvation. However,

if it is the ability for a solvent to solvate anions that has the main effect on the shift, then it
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becomes obvious that the hypothesis of highly interacting TAA® with O3 does not hold

anymore.

To evaluate the above-mentioned scenarios in this chapter, the ORR will be firstly studied in
dimethylsulfoxide (DMSO), a solvent that has a high permittivity and a strong affinity for both anions
and cations. Then, the potential for the first reduction of oxygen will be compared with the one
obtained in 3 other high-permittivity solvents: acetonitrile (Acn), N-methyl-2-pyrrolidone (NMP), and
N,N-dimethylacetamide (DMA). A solvent of lower permittivity, pyridine (Py), will also be studied, as
well as solvents mixtures. These solvents have all been shown to be relatively stable toward
superoxide species™. Several physicochemical values and parameters of interest will be calculated

from these experimental measurements and summarized at the end of the chapter in Table IV.2.

1. ORR in DMSO in presence of tetrabutylammonium (TBA+*) and
tetraethylammonium (TEA*)

The reduction of oxygen has been performed in DMSO, using different batch of the solvent,
in presence of different concentrations in tetrabutylammonium (TBA®) and tetraethylammonium
(TEA'), with different counter-anions (hexafluorophosphate: PFs, perchlorate: ClO, or
tetrafluoroborate: BF;), on different glassy-carbon electrodes. Representative ORR/OER
voltamperograms are presented on Figure IV.1. In all cases, the half-peak potential for the first
reduction of oxygen remained the same within 5 mV, which is considered in the rest of the study as
the margin of error of our measurements. It is thus concluded here that the half-peak potential for
the first reduction of oxygen in DMSO is neither depending on the length of the alkyl chain of TAA*
(if longer than ethyl), nor on the nature of the counter-anion and the concentration in TAA".
However, the peak current is less reproducible, and a margin of error of 5 % has to be taken into
account for this parameter. This has been attributed to the changes in ambient temperature (the cell
was not thermostated, and the room temperature was ca. 20 + 3°C), a lack of reproducibility of the
surface state of the glassy-carbon electrode, and the dependence of the oxygen solubility and
diffusion coefficient on the electrolyte composition (and temperature), all these phenomena having
a larger effect on the current than on the potential of the ORR. Nevertheless, this margin of error
can be considered as acceptable considering the discrepancy on the oxygen solubility and diffusion

coefficient in the literature?.
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Figure IV.1. Reproducibility of ORR measurements in DMSO in presence of TAA" under different
conditions: (a) effect of the anion (b) effect of the alkyl chain length (c) effect of the surface state
of the electrode (d) effect of the batch of electrolyte (both solvent and salt) used. All the cyclic

voltammetries were performed at v =0.1 V s™ in oxygen-saturated DMSO.

In order to further characterize the reaction, rotating ring-disk electrode (RRDE)
measurements have been undertaken (Figure IV.2). When the potential of the ring is fixed above Ei
= - 0.7 V vs. Ref (i.e. a potential just positive of the oxidation peak of the first reversible electron
transfer, which shall enable the re-oxidation of any superoxide anions passing in the vicinity of the
ring, the measured current is directly proportional to the reduction current measured on the disk,
the latter being polarized at Ep = - 1.7 V vs. Ref (i.e. a potential just negative of the reduction peak of

the first reversible electron transfer). Whatever the revolution rate, the ratio of the ring to the disk

. I . . .
current remains constant (Il = (.38, Figure 1V.2a), and corresponds to the collection efficiency
D

. . . I . . .
measured with dissolved ferrocene species (Ii= 0.39), itself being close to the geometrical
D

efficiency (Ngeo = 0.42). In addition, the quasi-steady state disk current varies proportionally to the
square-root of the revolution rate of the rotating ring-disk electrode; using the Levich equation (IV.4)

and O, solubility and diffusion coefficient taken from References 2 and & (Table 1V.1), a mono-
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electronic transfer allows fitting the measured variations (Figure IV.2b). These results further
support the already widely accepted idea that superoxide is produced reversibly by a one-electron

reduction of oxygen, and that it is relatively stable in DMSO in presence of tetraalkylammonium salt.
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Figure 1V.2. (a) Response of a RRDE in oxygen-saturated DMSO containing 150 mM TEAPF¢ upon
variation of the revolution rate Q of the electrode while the potential of the disk is set at E, =- 1.7
V vs. Ref and the potential of the ring is set at Ez = - 0.7 V vs. Ref (IR uncorrected). (b) Levich plots
calculated from experimental data from (a) (green) and compared to theoretical calculations using

Dy,and Co,values from 2 (black) and & (red).

2 -1 1
him = 0.62nFD0/ 3y e,z (Iv.4)
with n the number of electrons exchanged, I;;, the limiting current density, Dy the

diffusion coefficient of the oxidant, C, its bulk concentration, Q the revolution rate of
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the electrode and v the kinematic viscosity of the electrolyte solution.

Table IV.1. Oxygen mass-transport properties of DMSO-based electrolyte solutions at 0.1 M ionic

strength
Vpmso Co, 10° Do,
(em?s?) (mM) (cm?s’!)
0.01896 > 2.24> 2.082
1.8° 1.93°

2. Influence of the solvent on the ORR in presence of TBA*+

Since the potential of the first reduction of oxygen does not depend on the length of the
alkyl chain of the TAA" in DMSO (Figure 1V.1), cyclic voltammetries have been performed in 3 other
high-permittivity solvents in presence of TBA" (Figure IV.3a). Acetonitrile and DMSO have both a
much higher affinity for anions than DMA and NMP, as measured by their acceptor number (AN)
(Table 111.1). DMSO, DMA and NMP should have a much higher affinity for cations than acetonitrile,
as measured by their donor number (DN) (Table IIl.1). Given the low amount of data points,
correlations hardly make sense here, but were nevertheless attempted to evaluate the possible
scenarios (Figure IV.3b and c). The half-peak potential for the first reduction of oxygen is highly
correlated to the AN of the 4 solvents (R? = 0.988), while there is no correlation with the DN of the
solvents (R? = 0.092). Therefore it is concluded that the DN of the solvent, which reflects its general
tendency to solvate cations, has no influence on the reduction potential of oxygen to superoxide in
presence of TBA®. Based on the reasoning proposed in introduction of this chapter, the idea of a low

interaction between superoxide and TBA" is further supported by these results.
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Figure IV.3. a) Cyclic voltammetries at v = 100 mV s in oxygen saturated DMSO (red), Acn (black),
DMA (green), NMP (blue) in presence of 200 mM TBACIO,. Correlation of the half-peak potential
of the first reduction process measured in presence of TBA" in different solvents with the AN (b) or

DN (c) of the solvents.

Since the permittivity of the solvent has a high influence on ion-pairing (Chapter Ill) it could
be interesting to study the oxygen reduction reaction in a solvent of lower permittivity (Figure 1V.4).
Pyridine has a much lower permittivity than the 4 previous solvents tested and an AN sensibly higher
than that of DMA. Adding the half-peak potential for the first oxygen reduction process in pyridine in
presence of TBA" to the previous correlation leads to a decrease of the correlation coefficient to R? =
0.938. Addition of 50 mM of TEA" leads to a positive shift of the half-peak potential (35 mV), while it
does not in DMSO. Thus, ion-pairing of superoxide with TAA® has to be considered in lower

permittivity solvents (this was not the case for high-permittivity solvents). Furthermore, the half-
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peak potential measured in pyridine in presence of TBA" might be superior to the actual potential
that would be measured in a non-interacting support electrolyte. A measure in presence of an even

larger cation would be interesting.
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Figure IV.4. a) CV at 100 mV s in oxygen-saturated pyridine in presence of 200 mM TBACIO4; b)
CV at 100 mV s™ in pyridine (red and black) and dimethylsulfoxide (dark and light-blue) with 200
mM TBACIO4 (red and light-blue) or 150 mM TBACIO4 + 50 mM TEACIO4 (black and dark-blue).

In order to design an electrolyte with tailored properties (permittivity, conductivity,
solubility of specific compounds), it could be interesting to mix two (or more) solvents, as often done
for Li-ion batteries”. It is rather complicated to predict the exact properties of such mixtures, but the

permittivity of the resulting medium is expected to fall in between those of the two solvents. If an
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almost linear relation is observed for solvents with comparable permittivity®2, a large difference in
permittivity can result in non-linear effects. Still, mixing a solvent of low permittivity with increasing
amounts of a solvent of higher permittivity will most-probably lead to a mixture of increasing
permittivity, and this is usually at the basis of the design of electrolytes for lithium-ion batteries”.
Considering solvation, the situation is more complex. Indeed, effects of preferential solvation are
observed for salts: the solvent with the higher affinity for the cation (anion) of the salt will

8, 10

preferentially solvate the cation (anion)® =. Thus, it can be possible to actually have a higher

solubility for a salt in a solvent mixture than in both solvents taken separately*>™. Again, these
effects are usually non-linear, and thus the proportions to be used in the mixture to achieve a
particular solubility of the salt are rather complicated to predict.

The half-peak potential for the first reduction of oxygen in an Acn-DMSO mixture is
increasing with increasing content in DMSO, while remaining in between that of the two pure
solvents (Figure IV.5.a). In a DMA-DMSO mixture (Figure IV.5.b), the half-peak potential is almost
equal to that in pure DMSO. These two examples demonstrate the effect of preferential solvation in

solvents of markedly different anion solvation capability. A similar effect is observed in Acn-Py

mixture and Acn-DMA mixture (Table 1V.2).

a) ——Acn
——Acn 3:1 DMSO
1- Acn 1:1 DMSO
——Acn 1:3 DMSO
DMSO

14

-2 I -|1 ‘ 0 I 1
E vs Ref (V)
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Figure IV.5. Cyclic voltammetries at v = 100 mV s in oxygen-saturated Acn-DMSO (a) or DMA-

DMSO (b) mixtures in presence of 200 mM TBACIO,.

3. Calculation of physicochemical parameters of interest

From the cyclic voltammetries at different sweep rates (example for DMSO on Figure IV.6), it

can be possible to calculate the oxygen mass-transport parameter CE‘,Z(DOZ)l/Z using the Randles-

Sevcik equation (IV.5). The parameter calculated in a mixture is in between those calculated in the

two pure solvents (Figure IV.6 and Table 1V.2).
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Figure 1V.6. a) Cyclic voltammetries at different scan rates in oxygen saturate DMSO. b) Randles-

Sevcik treatment of the peak potentials obtained at different scan rates v in Acn-DMSO mixtures

with different volume fraction of DMSO x2MSO,

Ipeax = 268.6n3/2FSD/* Cou'/? (IV.5)
with n the number of electrons exchanged, lyeax the peak current, S the geometric surface of the

electrode, Dq the diffusion coefficient of the oxidant, Cy its bulk concentration and v the scan rate

The transfer activity coefficient of superoxide from DMSO to other solvents can be
estimated according to equation (l11.10), considering the transfer activity coefficient of oxygen as
negligible (Table 1V.2). It is also considered that the difference in half-peak potentials between two
different solvents is equal to the difference in the standard potentials of the first reduction of
oxygen in the same solvents. This can be a rather rough approximation since the half-peak potential
depends also on the relative diffusion coefficients for oxygen and superoxide, and on the reaction
kinetics. Of course, both of these elements might vary from one solvent to another, which could lead

to uncertainty up to several tenths of millivolts.
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Table IV.2. Physicochemical parameters estimated from cyclic voltammetries in different solvents
and solvent mixtures. *the transfer activity coefficient proposed for pyridine might be

underestimated due to ion-pairing with TBA".

Solvent E’{?ZA" vsRef | Cp,(Do,)'/* | v:(03,DMSO - S)
JV /mol.cm2.s%/?

DMSO -1.16 0.011 0
DMSO 3:1 Acn -1.165 0.020 1.2
DMSO 1:1 Acn -1.165 0.031 1.2
DMSO 1:3 Acn -1.17 0.046 1.5

Acn -1.18; 0.067 2.6

DMA -1.28 0.033 100

DMSO 1:1 DMA -1.18 0.019 2.1
Acn 1:1 DMA -1.20 0.045 5.1
Py -1.24 0.032 21*

Py 1:1 Acn -1.19 0.047 3.2
NMP -1.29 0.016 150

Conclusion

On the basis of electrochemical measurements presented in this chapter, it has been
demonstrated that the interactions between TAA" cations and the superoxide anion O3 are limited
in high-permittivity solvents, partly invalidating the hypothesis of a stabilization of superoxide in
solution by the large ammonium cations. In addition, in such high-permittivity solvents, the nature of
the anion associated to the TAA" cation (ClO4, PFs or BF,) and the overall salt concentration also
play minor role on the first reduction of oxygen. The important effect of the permittivity of the
solvent on the oxygen reduction reaction has also been addressed. In high-permittivity solvents, the
solvation of the superoxide has been linked to the acceptor number of the solvent, in accordance
with the literature. Finally, transfer activity coefficients of superoxide from DMSO to other solvents
have been estimated.

The fact that TAA" have proven to be non-interacting cations supports their use as
supporting electrolyte to study the interactions between larger charge-density alkali metal cations
and Oz . Thus the following chapter will be dedicated to the understanding of the influence of alkali

metal cations on the ORR mechanism.
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The previous chapter demonstrated that tetraalkylammonium cations (TAA®) interact very
weakly with superoxide anions (O3 ) in DMSO-based electrolyte solutions, and that the nature of the
anion associated to the TAA" cation (ClO,, PFs or BF,) negligibly influences the first reduction of
oxygen '. Furthermore, DMSO has high permittivity, acceptor number (AN) and MCB values (Table
[11.1). Thus, it has been considered as a perfect solvent to study the impact of alkali metal cations on
the ORR mechanism. This chapter is principally devoted to the qualitative development of the

mechanism; it is mainly based on experimental findings and, as such, contains only few calculations.

1. General overview of the ORR/OER in presence of alkali metal
cations

The addition of small amounts of alkali metal cations (Li*, Na* and K*) in a DMSO + TEAPFg
supporting electrolyte leads to major changes on the ORR/OER voltammograms (Figure V.1), though
similarities between the three systems can be observed. On the forward scan (ORR, toward negative
potentials), the peak associated to the first reduction process is mildly affected and slightly shifts to
higher potentials when the charge-density of the cation increases (i.e. in the order K" < Na* < Li*). It is
followed by a second wave, appearing at higher potentials also when the charge-density of the
cation increases (K* < Na* < Li*). This second reduction process forms a defined peak only in the
presence of K. When going to even lower potentials (typically below -2 V vs. Ref), the current is
gradually decreasing to 0 in presence of Li* and Na®, which can be related to the precipitation of
non—conductive solid products at the electrode surface, which “passivates” it. The formation of solid
reduction products at the electrode surface is further supported by the higher OER anodic charge
observed on the backward scan (toward positive potentials), as compared to the measurements in
the absence of alkali metal cations. In order to understand these effects, the first and second

reduction processes will be studied separately in the following sections of the chapter.

"In the present chapter, the higher chemical purity salt was the criterion of choice, therefore alkali metal
cations associated with different anions were used.

-89 -



Chapter V. Oxygen Reduction Reaction Mechanism in DMSO in Presence of Alkali Metal Cations

—TEA"
- K+
0.3 Na+
— i
0.2
0.1
g
< 0.0
—
-0.1-
0.2 1
) ' ) ' ) ' 1
.2 -1 0 1

E vs Ref (V)

Figure V.1. Cyclic voltammetries at v = 100 mV s™ in oxygen-saturated DMSO in presence of 150

mM TEAPF; and 25 mM KPF¢ (red), NaClO, (green) or LiTf (blue).

2. Firstreduction process

Upon addition of increasing amounts of alkali metal cations M”, regardless of their nature,

the potential of the first reduction process is gradually shifting positive (Figure V.2).
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:EE —TEA’
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Figure V.2. Cyclic voltammetries at v = 100 mV s in oxygen saturated DMSO and 150 mM TEAPF
in presence of increasing concentration in KPFs (a), NaClO, (b) or LiTf (c). The negative vertex

potential is set to limit the reactions to the first reduction process.

At equal concentrations in alkali metal cations, the positive shift of the first ORR peak is
larger in the order K" < Na® < Li*, as forecast by Figure V.1. As stated in chapter Il, such a shift has
already been observed in presence of Li** and harder Lewis acids, its magnitude being related to the
charge-density of the cation®2. The present results demonstrate that this relation can be extended
to Na" and K'. Three explanations can in principle be proposed to account for the charge-density-
related positive shift of the first oxygen reduction process in presence of alkali metal cations: it can
be due (i) to the precipitation of solid alkali metal superoxide (MO,), (ii) to ion-pairing in solution

and/or (iii) to the disproportionation of superoxide into peroxide species, which could be favored in
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presence of interacting cations. This last proposition is not likely for K, since K,0, is less stable than
KO,%. Thus, for K*, the shift is at least due to one of the two first propositions. Moreover, the anodic
charge on the backward scan in presence of 50 mM K* (Figure V.3a) exceeds that observed in
presence of 50 mM Na® (Figure V.3b), although in the forward (negative) scan, the peak coulometry
values were similar. From this simple comparison, one can assert that the first oxygen reduction in
the presence of potassium is not a pure solution-based mechanism and that it produces species that
remain at the electrode surface upon formation (in the presence of sodium, this is less likely). More
specifically, one can conclude that solid products (most likely KO,) to some extent form during the
first oxygen reduction in the presence of K* (case (i) above); in addition, the less-likely formation of
solid products in the case of Na® signs that the solubility of NaO, exceeds that of KO,. In the same
manner, the disproportionation of superoxide into peroxide species (proposition (iii) above) in
presence of Na* would lead to the formation of highly insoluble Na,O, on the electrode surface,

which is not compatible with the results of Figure V.3b.

-92-



Chapter V. Oxygen Reduction Reaction Mechanism in DMSO in Presence of Alkali Metal Cations

a) —— 1.1V vs Ref
—-1.2 V vs Ref
0.2 - -1.3 V vs Ref
0.1
< 0.0 = -
E
-0.1-
-0.2
T T T T T T M T T T T 1
150 -1.25 -1.00 075 -0.50 -0.25  0.00
E vs Ref (V)
b) —— 1.1V vs Ref
—— 1.2V vs Ref
0.2 -1.3 V vs Ref
0.1-
< 0.0 e
E
0.1
0.2
T T T T 1

4.50 126 100 075 050 -0.25  0.00
E vs Ref (V)
Figure V.3. Cyclic voltammetries at v = 0.1 V s™ in oxygen saturated DMSO and 0.15 M TEAPF; in

presence of 50 mM of K* (a) or Na* (b), at different cathodic return potentials

These results lead to an apparent incompatibility between the positive shift in potential,
which is obviously larger in presence of Na* as compared to K*, and the solubility of NaO,, which
would be higher than that of KO,. This apparent inconsistency can be resolved by considering that
the shift in potential is mainly due to the formation of ion-pairs between O3 and the alkali metal
cations in presence (case (ii) above), and especially for Na*. This is further corroborated by the fact
that, in order for a precipitation to occur, oversaturation concentrations have to be reached in O3
and M" at the electrode interface. Thus, if the salt has a partial solubility, the reduction onset

potential should not be influenced by precipitation, but solely by ion-pairs formation. To summarize,
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at least in presence of Na“, the ORR in presence of alkali metal cations involves the formation of ion-
pairs between the superoxide anion O; and the alkali metal cation.

When the experiments were performed with a rotating ring-disk electrode (RRDE“)
configuration (Figure V.4), a current plateau is reached in presence of K* both for the disk current
(oxygen reduction) and the ring current (re-oxidation of O -like species). A wave corresponding to
the second reduction process could not be clearly observed in presence of Na™: it is considered here
that the first reduction process is still highly predominant at low potential values (large ORR
overpotentials), in agreement with the voltammograms on static electrodes (Figure V.1). The
potential range has thus been chosen as to limit the influence of the second reduction process
(Figure V.4b). RRDE results in presence of Li* will be discussed in the section devoted to the second
reduction process, owing to the very poor separation observed between the first and second
reduction process in presence of Li* (Figure V.1): in this case, the influence of the second reduction

process can indeed not assuredly be ruled out, even at low overpotentials.

i Usually, rotating disk electrode (RDE) is used as a tool to achieve quasi-stationary conditions, and current
plateaus are directly related to mass-transport control, which depends, among other parameters, on the
rotation rate. Here, the situation is considerably complicated by the precipitation of partially soluble salts on
the surface of the electrode. Thus, not only the kinetics of the electrochemical reactions or the mass-transport
phenomena have to be taken into account but also the deposition, dissolution and solid-state transformations
kinetics. The use of RRDE can thus lead to particularly interesting features, and might be of use to determine
these solid-state related parameters. However, this determination requires modelling of the system. Without
it, even a qualitative interpretation of the results is complicated, and can be subject to incomplete statements.
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Figure V.4. RRDE response in oxygen-saturated DMSO containing 150 mM TEAPFs. A cyclic
voltammetry was performed on the disk at v = 0.1 V s™* while the potential of the ring was set at Ex

=-0.7 V vs. Ref at Q = 1000 rpm in presence of 20 mM KPF; (a) (IR uncorrected) or 20 mM NaClO,

(b) (IR corrected).

The ratio of the ring current on the disk current is slightly larger in presence of Na*

(I“ﬁ = 0.36) as compared to K" (Irﬂ = 0.31), but lower than in their absence (I“ﬁ = 0.38). This
Igisk Igisk Iqisk

can be due to the precipitation of MO, on the surface, with then, NaO, having a larger solubility than
KO,, in agreement with the conclusions made above. The detection of superoxide intermediates in
solution on the ring is also a direct proof of the non-negligible solubility of KO,. As stated before for
Na“, this partial solubility leads to the necessity to introduce ion-pairs K* — 03 to account for the

shift in the onset potential of the first reduction of oxygen in presence of K*.
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It is concluded from these elements that the shift of potential of the first reduction process
in DMSO in presence of Na® and K is, at least partially and most likely mainly, due to the formation
of Mt — 05 ion-pairs between the superoxide anion (03 ) and the alkali metal cations. It is also
concluded that NaO, has a larger solubility as compared to KO,, the precipitation of which is

experimentally observed.

3. Second reduction process

In order to further characterize the influence of the charge-density of the alkali metal cation
on the second reduction wave, an additional experiment was performed in presence of Cs* (Figure
V.5a). Whatever the alkali metal cation in presence (Figure V.5b), a second wave is observed at
increasing potentials in the order Cs* < K" < Na* < Li*, i.e. for increasing cation charge-density, as

noticed above.
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Figure V.5. (a) Cyclic voltammetry at v= 0.1 V s™ (black) or v = 1 V s (red) in oxygen-saturated
DMSO containing 150 mM TEAPF; in presence of 50 mM Csl. (b) Cyclic voltammetriesat v=0.1V s
! in oxygen-saturated DMSO in presence of 150 mM TEAPF; and 25 mM KPFs (red), NaClO, (green)

or LiTf (blue), or 50 mM Csl (orange).

The second wave is forming a defined peak only in presence of the lowest charge-density
cations (K" and Cs). A high degree of reversibility is observed for the two oxygen reduction
processes in presence of K. On the contrary, no sign of reversibility is witnessed in presence of Na*
and Li*, whatever the potential scan rate. In presence of Cs’, increasing reversibility is observed with
increasing scan rate. It should be noted that scanning the potential on this second wave irreversibly

deteriorates the working electrode, due to the formation of either solid degradation products or
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non-conductive insoluble products (or both), which cannot be fully oxidized on the backward (OER)
scan.

Assuming the occurrence of a one-electron reduction of the ion-pairs M* — 03 accounts
well for these observations. Indeed, as stated in chapter I, the second reduction of O3 into peroxide
dianion O%‘ is observed at much lower potentials in presence of TAA®, cations that do not make ion-
pairs with O3 (Chapter IV). Measuring the value of standard potential for this second reduction is
difficult, owing to the very high reactivity of the peroxide dianion with both the carbon working
electrode and the electrolyte. Nevertheless, it can roughly be estimated as being 1.5 to 2 V lower
than the first reduction potential®®. Experiments in those two references were done in ammonia and
acetonitrile. An influence of the solvent on the reduction potential of O; is expected, but was
considered as included in this very rough approximation, which will not be at the basis of any
calculations.

The standard potential associated to the reduction of the ion-pairs Mt — 05 can be
determined by the standard potential associated to the reduction of the superoxide anion O3 and

the ratio of the association constants of 05 and 05~ with M* (equations V.1-5).

0; +e” =035 (V.1)

Mt — 05 +e” =M*—03" (V.2)
0y + M* =M* -0y (V.3)
03" +M* =M* - 0% (V.4)

R Ky .4 (V.5)
Ey, —Ey, = ?m(m

It can reasonably be assumed that Ky 4 should be considerably larger than Ky 3, and that their
ratio is increasing with the charge-density of the cation M*, since 03~ is a much harder base than
035 . Therefore, the standard potential of the reduction of the ion-pairs M* — O3 shall significantly
exceed that of the reduction of the superoxide anion O3, and increase with the charge-density of
the cations. This in agreement with the present experimental findings: the second wave/peak was
clearly observed at somewhat higher potential values in the sequence Cs* < K < Na* < Li*, with the
second reduction being very poorly separated in potential from the first one in the case of Li’, the
highest charge-density alkali cation (Figure V.5b).

The observations made here are very similar to results obtained for the second reduction of
o-quinones (Q)~. Their second reduction leads to the formation of reactive dianions Q®~, which
undergo polymerization, hence a non-reversible second reduction peak on voltammograms. A peak

separation of about 0.8 V was observed between the first and second reduction processes. Addition
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of Na® into the electrolyte leads to a decrease of the peak separation to 0.4 V and a reversible
second reduction. This has been explained by the formation of ion-pairs Nat — Q™ between the
one-electron reduced quinone Q~ and Na’, which is reduced at higher potentials as compared to
Q~, and the decrease of the reactivity of Nat — Q?~ as compared to Q*~.

This analogy could explain the results obtained in presence of Cs* and K': a larger interaction
between K* and 03~ leads to less reactive ion-pairs K — 02~ as compared to Cs* — 037, the latter
being less reactive than 03~.

In presence of Li* and Na’, the peak separation, even though it is rather complicated to
assess, is even lower than in presence of K. Associated with the distorted shape of the wave, these
phenomena can be explained by the formation of solid peroxides M,0, according to equation (V.6).
A faster reaction in the presence of cations of larger charge-density can be expected. The relative
thermodynamic stability of solid oxides (MO,) has been described in chapter Il: KO, is more stable
than K,0,, whereas Na,0, and Li,O, are more stable than NaO, and LiO, respectively. Thus, K,0,
formation on the electrode by general equation (V.6) should be limited by its synproportionation
with O, (equation (V.7)), whereas Li,0, and Na,0, could precipitate on the surface without
restrictions.

Mt — 0%~ + M* = M,0, (v.6)
M,0, + 0, = 2 MO, (v.7)

During RRDE experiments (Figure V.5a), a well-defined plateau is observed for the second
reduction process in presence of K. In presence of Na*, such second reduction wave is not clearly
observed. The current is slightly rising (in absolute value) starting at -1.3 V vs Ref, and the second
reduction process is thus considered as negligible at higher potentials, in agreement with the cyclic
voltammetries on static electrodes. When potentials corresponding to the second reduction process

are reached on the disk during cyclic voltammetries, the ratio of the ring current to the disk current

I .
is decreasing. This decrease is significantly more important in presence of K* (Inﬂ = 0.11) than Na*
disk

(king — 0.30).

Igisk
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Figure V.6. RRDE response in oxygen-saturated DMSO containing 150 mM TEAPF¢. A cyclic
voltammetry was performed on the disk at v = 0.1 V s™ while the potential of the ring was set at Ex

=-0.7 V vs. Ref at Q = 1000 rpm in presence of 20 mM KPF; (red and orange) or 20 mM NacClO,
(light and dark blue) (both are IR corrected).

On the backward scan in presence of K" and Na®, an anodic peak is observed only when the
second reduction has been performed on the forward scan (Figures V.4 and V.6), indicating the
formation of solid products (from the second reduction process) on the electrode. In presence of K*,
the anodic charge corresponding to this oxidation peak is nearly independent on the rotating rate,
while it is influenced by the scan rate (Figure V.7). This can be a sign that reactions related to solid
products (precipitation, dissolution, synproportionation) are limited by their kinetics rather than by

mass-transport.
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Figure V.7. RRDE response in oxygen-saturated DMSO containing 150 mM TEAPF; and 20 mM KPF;.
a) A cyclic voltammetry was performed on the disk at v = 0.1 V s while the potential of the ring
was set at Eg = - 0.7 V vs. Ref at Q = 1000 rpm (light and dark blue) or Q = 2000 rpm (red and
orange) (both are IR corrected). b) A cyclic voltammetry was performed on the disk at v= 0.5V s™
(light and dark blue) or v=0.1Vs™ (red and orange) while the potential of the ring was set at E; =

- 0.7 V vs. Ref at Q = 2000 rpm (both are IR corrected).

At disk potentials where oxygen can be reduced into superoxide species and M* — 03~ can
be oxidized (between — 1.5 V vs Ref and — 1.2 V vs Ref), a reduction current plateau can be observed

on the backward scan (Figure 7.a), for both the disk and the ring. The ratio of the ring current on the

Iy
Igisk Igisk

disk current (I“ﬂ = 0.45) is larger than the geometric collection coefficient (3 = 0.42), and both

plateaus are independent on the rotating rate of the electrode. Conclusions on this feature would be
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highly hypothetical, since many parameters could be involved, in particular the dissolution or solid
state reactions of two different solid phases (KO, and K,0,). Modelling these phenomena was not
achieved in the course of this work, and it will therefore™ not be discussed further here.

RRDE measurements have thus evidenced the formation of solid products during the second
reduction process. Considering that the second reduction process in presence of K* has been
attributed to the formation of K* — 03~ in solution, its precipitation as K,0, is very likely. By
extension, and according to the results obtained on static electrode, the second reduction of
Na* — 05 to Na* — 03~ and its precipitation as Na,0, is also anticipated to account for the second
reduction process in presence of Na".

As stated before, it was not possible to separate the two oxygen reduction processes in
presence of Li* on RRDE measurements (figure V.8). Interestingly, the ratio of the ring current on the
disk current is in the same order as those obtained in presence of the other alkali metal cations.
However, the electrode passivation occurs whatever the reduction potential, and the anodic charge
obtained on the corresponding backward scans remains very similar. This result can be explained by
the formation of solid Li,0, either from the chemical disproportionation of LiO,, or the
electrochemical second reduction of the ion-pairs Lit — O3 . A disproportionation in solution of
Lit — 05 seems unlikely, since the resulting ratio of ring current to disk current would be expected
to be much smaller in that case.

Furthermore, the anodic charge measured on the backward scans remains very similar
whatever the values of the negative vertex potential or the revolution rate, as long as the electrode
has been passivated during reduction (figure V.8b). It seems that there is no specific potential
needed to achieve such a passivation. This anodic charge could correspond to the oxidation of a
compact insulating Li,O, layer on the electrode. In that case, the average thickness of the layer
would be of ca. 1.5 nm, which is sensibly lower than the values proposed in reference £ in
dimethoxyethane as a solvent (5 to 10 nm). Interestingly, the charge measured during the backward
scan (OER) on Figure V.1 would correspond to a thicker layer (5 nm). The formation of a more
uniform deposit when rotating the electrode is a probable explanation. On this basis, it is therefore

possible that the actual insulating capability of Li,O, has been slightly underestimated."”

i

(sadly)
Y As a side note, it appears thus even more clearly that a solution-based mechanism is mandatory to achieve
high energy density in practical LiOB.
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Figure V.8. RRDE response in oxygen-saturated DMSO containing 150 mM TEAPF; and 20 mM LiPFg
(IR uncorrected). a) A cyclic voltammetry was performed on the disk at v = 0.1 V s™ while the
potential of the ring was set at Ez = - 0.7 V vs. Ref at Q = 1000 rpm to - 1.5 V vs Ref vertex potential
(red and orange) or to - 1.7 V vs Ref vertex potential (light and dark blue). b) A cyclic voltammetry
was performed on the disk at v = 0.1 V s while the potential of the ring was set at Eg = - 0.7 V vs.
Ref at Q = 500 rpm (red and orange) or Q = 750 rpm (dark and light blue) to - 1.5 V vs Ref vertex

potential, or Q = 1000 rpm (violet and pink) to - 1.7 V vs Ref vertex potential.

From these elements, the second reduction process undergone by the superoxide species is thus

accounted for by the one-electron reduction of the ion-pair M* — 03 and its precipitation into solid

-103 -



Chapter V. Oxygen Reduction Reaction Mechanism in DMSO in Presence of Alkali Metal Cations

peroxide M,0,. The solid-phase equilibrium between MO, and M,0, has also been introduced in
order to account for the formation of Li,0,, as well as the difference in waves associated to the

second reduction process in presence of K" and Na* or Li".

Proposed oxygen reduction mechanism and conclusions

From the crossed-analysis of the results in presence of different alkali metal cations in
DMSO, a single mechanism can be proposed, which takes into account all the experimentally

observed features (scheme V.1).

Kdisp
MO, + MO, = M0, + O,
Ksi ] |\/|+
E°1q E°, 9
O, + e = 0, + e = 0,7
Ke Il MT Kell MT

0, +M'+ & = M*-O,+ e~ = M*-0,%
Ko ll MY
MZOZ ,S

Scheme V.1. Proposed ORR mechanism in DMSO in presence of alkali metal cations.

This mechanism appears to be relatively simple, with only four electrochemical reaction (but
only two independent standard potentials, EY and E3) and two chemical reactions (with two
association constants), which are fixing two other standard potentials, as well as two solubility
products and one solid-phase chemical constant. It is also important to note here that this
mechanism does not involve any second electrochemical reduction in solid phase, or any
oxido/reduction reaction of adsorbed species.

Furthermore, the experimental results presented in this chapter have shown how important
it is to take into account the solubility of the solid phases precipitated during the reduction
processes, and the complex phenomena related. In particular, RRDE seems to be a perfect way to
understand these effects, and might lead to efficient determination of underlying mechanisms and
thermodynamic constants.

Two related particular interesting points have been noticed and might have implications for

LiOB. At low concentrations in Li*, the disproportionation of superoxide into peroxide has only been
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attributed to solid-phase disproportionation or electrochemical reduction of the ion-pairs Li* — O3 .
Homogeneous solution-phase disproportionation has been directly ruled out by the RRDE results.
Also, the highly insulating nature of Li,O, has been confirmed.

Finally, since the mechanism has been developed in a particular solvent (DMSO for the time
being), it has to be checked whether it can be extended to other solvents, which is the purpose of

the next chapter.
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« On va bien plus facilement par les bouts, la ot I'extrémité sert de borne d'arrét et de guide, que par la voie du milieu large
et ouverte, mais bien moins noblement et de facon moins estimable. »

Montaigne, Essais, 11l.13, 1580
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The mechanism proposed in chapter V for the non-aqueous oxygen reduction reaction (ORR)
in presence of alkali metal cations (Scheme VI.1) has been developed for DMSO, and could therefore

be limited to that particular solvent.

Kdisp
MO, + MO, = MO;,+ O,
Ks1” M+
. En } . Eo 2
02 + e = 02' + e = OZ
Ka 1l |V|+ Ke |l M+
02 + M++ e = M+'02'-+ e = M+'022-
E®b E
Kez |1 |V|+

MZOZ S

Scheme VI.1. Non-aqueous ORR mechanism in presence of alkali metal cations

If it can be extended to other solvents without involving the introduction of other reactions,
then the solvent effects might be rationalized by using the solvation parameters described in
chapter lll (recalled in Table VI.1). In that frame, this chapter targets three important goals:

e demonstrate that the proposed ORR mechanism can indeed account for the impact of alkali
metal cations in the other solvents tested;

e study the effects of preferential solvation in solvent mixtures;

o relate the observed properties of the solvents to their solvation parameters, in order to

predict the behavior of other solvents and solvent mixtures.

Table VI.1. Parameters related to the solvents studied.

& AN DN LiCB NaCB KCB
(k) mol™) (k) mol™) (k) mol™)

Acn 37.5 18.9 14.1 142 98.7 75.3

DMSO 46.7 19.3 29.8 175.1 129.7 104.6

DMA 37.8 13.6 27.8 179.1 132.8 100.4
Py 12.4 14.2 33.1 146.7 100 64.6
DME 7.2 10.2 20 187.9 133 86.6
NMP 32.2 13.3 27.3 ND ND ND
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1. ORR in Acn and Acn-DMSO mixtures

As demonstrated in chapter IV, the affinity of Acn for O3 is similar to that of DMSO.
However, its affinity for alkali metal cations should be much lower, as measured by both its DN and
MCB. A strong positive shift in potential of the reduction wave is observed on ORR voltammograms
in Acn with respect to TBA™ (Figure VI.1), when alkali metals cations are added to the electrolyte, in

the order K < Na*< Li*.

1.0
0.8
0.6
0.4
0.2
0.0
-0.2 ]
0.4
-0.6 -
-0.8
1.0
1.2
-1.4 T T T T T T T

2 -1 0 1

E vs Ref (V)

I (mA)

——[Li"] =50 mM

——[Na']1 =50 mM
[K"] = 50 mM

—[M7=0mM

Figure VI.1. Cyclic voltammetries at v = 100 mV s in oxygen-saturated Acn containing 150 mM

TBAPF¢ (black) in presence of 50 mM KPFg (green), NaClO, (red) or LiTf (blue).

This shift is much larger as compared to similar experiments in DMSO. Furthermore, the
shape of the reduction wave is distorted: in presence of K, the slope brutally increases at low
reduction overpotentials, while in presence of Na* and Li*, a lower quasi-linear slope is observed, as
compared to DMSO. The peak currents are decreasing (in absolute value) in the order K* > Na* > Li",
and are smaller than that obtained in the absence of alkali metal cations. At higher reduction
overpotentials, the (absolute) current is dropping to a value considerably lower than the diffusion

plateau observed in the absence of alkali metal cations. Finally, the anodic charge on the backward

anodic

. . . . 1
scan is nearly equivalent to the cathodic charge in presence of K* (

cathodic

= 0.99), which can sign
the precipitation of very poorly soluble products during reduction (and if so would mean that these
solid products can be quantitatively oxidized in the backward (OER) scan). This ratio is lower in

presence of Na* (M = 0.82) and Li* (/anﬂ = (0.72). The difference can be explained either by

Icathodic cathodic

higher solubility, irreversible degradation reactions (which could form non-reoxidizable products) or
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the larger difficulty to re-oxidize the products formed during oxygen reduction in presence of Na*
and Li*. This last proposition is corroborated both by the poorer cyclability observed in presence of
Na" and Li* as well as the pronounced current “tailing” observed at high potential values during the
backward scan (OER). This “tailing” might be a sign that some products formed during oxygen
reduction would require high overpotentials for their re-oxidation: indeed, sweeping the potential to
high values (> 1V vs Ref) leads to a partial recovery of the electrode.

All these elements militate in favor of the formation of non-soluble, or very poorly soluble,
solid products on the electrode in Acn, even for the first oxygen reduction process. There is also no
evidence of a second reduction process in Acn, at least in the potential domain scanned here.

These elements can be accounted for by a much lower solubility of alkali metal superoxides
(MO,) in Acn as compared to DMSO. In the former solvent, according to scheme VI.1, the formation
of soluble intermediates, either 05 or M™ — 05 would be limited, which, together with the
passivation of the surface by the formation of non-conductive solid products, can explain the
absence of the wave corresponding to the second reduction process. The difference in solubility
products of MO, in DMSO and Acn can be estimated from equation (l11.9) (Table VI.2), since transfer
activity coefficients for 03 have been measured in chapter IV and those tabulated for M" in the
literature have been listed in chapter Ill. However, this calculation is not taking the formation of ion-
pairs into account, and can thus not serve as a direct estimation of the actual difference in solubility

of MOZ

Table VI.2. Difference in solubility products (pK.1s — pKs1,omso) of MO, between solvents S and
DMSO, calculated using log(y.(03,DMSO — S)) (chapter IV) and log(y,(M*,DMSO — S))

(chapter lll).
Solvent PKs1,s — PKs1,omso PKs1,s — PKs1,omso PKs1,s — PKs1,omso
LiO; NaO, KO,
DMSO 0 0 0
Acn 7.4 5.4 3.8
DMA ND 1.7 1.7

When mixing DMSO with increasing contents of Acn (Figure VI.2), electrolytes with
intermediate properties can be obtained. Whatever the alkali metal cation in presence, the positive

shift in ORR potential is increasing with increasing content in Acn. Furthermore, the ratio of the peak
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current of the first oxygen reduction on the peak current obtained in the absence of alkali metal

M+
. Ipeak . . . . . .
cations (—,+) is decreasing with increasing content in Acn.
peak
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Figure VI.2. Cyclic voltammetries at v = 100 mV s in oxygen-saturated Acn-DMSO mixtures and

150 mM TBAPF; in presence of 50 mM KPF¢ (a), NaClO, (b) or LiTf (c).

In presence of K* (Figure VI.2a), the current at which the slope steeply increases is sensibly
larger (in absolute value) at lower proportion in Acn. This particular change of slope can be explained
by the nucleation of solid MO,. Indeed, if the salt has a partial solubility in the electrolyte, an over-
saturation concentration in O3 has to be achieved at the electrode to trigger the nucleation of MO,.
Once nucleation has occurred, O3 in solution will be consumed to form the precipitated solid phase.

Thus, the electrochemical reaction forming O3 will be accelerated, since its product is being
consumed, which prompts the steep increase of the slope. Since the solubility of KO, might be lower
with higher contents in Acn, the concentration in O3 required to saturate the solution at the
electrode interface should be lower, provoking nucleation at lower currents (in absolute value) and
lower overpotential '. This phenomenon will require kinetic modelling in order to be confirmed
(which has been attempted in chapter VII). With addition of Acn into DMSO, the second oxygen
reduction is also becoming irreversible, even in the Acn 1:3 DMSO mixture, and the ratio of its peak
current to the peak current of the first reduction process is decreasing with increasing content in
acetonitrile.

In the presence of Na* and Li* (Figure VI.2b and c), similar trends are observed, except the
steep change of slope of the first reduction wave, which only proceeds in presence of K. The
similarity between the voltammograms obtained in presence of Na* in the Acn 1:3 DMSO mixture

and in presence of Li* in pure DMSO can also be noted. Similarities between voltammograms cannot

' The ratio of the diffusion coefficients of 0, and 05 (Do, /Do; ) is supposed to remain more or less the
same between the mixtures and pure acetonitrile.
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be considered as a sound evidence of actual similarities in mechanisms. However, the main
difference between those two electrolytes is the presence of a larger charge-density cation, Li*, in a

better cation-solvating solvent, pure DMSO.

This section demonstrates that the mechanism developed for DMSO can also be applied to
describe the ORR in Acn and mixtures of both solvents. The discussion was essentially based on the
much lower solubility of MO, in Acn: in Acn, MO, easily precipitates on the electrode surface,
therefore rendering the reduction of M™ — 03 unlikely, owing both to the electrode passivation and
the decrease of the ion-pairs concentration. These results are in agreement with the literature’?,
where no or little intermediates in solution have been observed during the ORR in presence of Li" in
Acn on rotating ring-disk electrode (RRDE).

However, it can be argued here that this second reduction has only been observed in
presence of DMSO, and could thus be related to the solvent. Furthermore, the presence of ion-pairs
is not mandatory to account for the ORR in Acn, and, again, they might be related to the presence of

DMSO. This hypothesis is examined below.

2. ORR in DMA and DMA-DMSO mixtures

Similar experiments have thus been performed using DMA, which has a similar capacity to
solvate cations as DMSO, but a lower affinity for O3 . In pure DMA (Figure VI.3), an irreversible
second reduction wave is observed in presence of K. The shift in potential of the first reduction
process remains in the order K" < Na* < Li*. However, the difference in the shift in presence of Na*
and Li* is much less apparent than in Acn. A steep change of slope at low overpotentials is observed

in presence of K".
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Figure VI.3. Cyclic voltammetries at v = 100 mV s in oxygen-saturated DMA containing 150 mM

TBAPF; (color) in presence of 50 mM KPF¢ (color), NaClO, (color) or LiTf (color).

The difference in solubility product of MO, in DMA and DMSO is estimated in the same
manner as for Acn. The solubility products of MO, compounds in DMA is intermediate between
those in DMSO and Acn, which is consistent with the intermediate ORR wave shapes observed on
the cyclic voltammetries.

In DMA-DMSO mixtures in presence of K (Figure Vl.4a), the steep change of slope is
observed at lower current (in absolute value) with increasing content in DMA. The reversibility of
the second reduction process as well as the ratio of its peak current on the peak current associated
to the first reduction process is decreasing with increasing content in DMA. In presence of Na*and
Li*, the second wave is becoming less apparent with increasing content in DMA. Passivation,
reflected by the gradual decrease of the current (in absolute value) when scanning to lower

potentials, is also more pronounced with increasing content in DMA.
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Figure V1.4. Cyclic voltammetries at v = 100 mV s in oxygen-saturated DMA-DMSO mixtures

containing 150 mM TBAPF; in presence of 50 mM KPF; (a), NaClO, (b) or LiTf (c).

These observations demonstrate that the mechanism developed for DMSO can also be
applied for DMA, if one considers that the solubility of MO, species in DMA are intermediate
between those in Acn and DMSO. Since the second reduction process is also clearly observed in pure
DMA, it is also confirmed that the formation of ion-pairs M* — 03 and their one-electron reduction
is possible in other solvents than DMSO. Thus, it will be considered in the following that the
mechanism depicted in scheme VI.1 applies to any solvent; this mechanism will therefore be used to

understand the non-aqueous ORR in presence of alkali metal cations.

3. Effect of the solvent on the ORR: solvation of M* and 05

The shift in the potential of the first oxygen reduction in presence of alkali metal cations can
be related to £°; and K;, (scheme VI.1), as long as saturation concentrations in M* and 03 have not
been reached, e.g. at low ORR overpotential values.

Differences in this shift between different solvents at a fixed concentration in alkali metal
cations can be understood from the thermodynamic calculations developed in chapter lll, and

related to transfer activity coefficients according to equation (VI.1).

) (VI.1

R )

AED, 15— AED,_; g = 1og(0.06 log(

K1 s
Ky,
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The difference in the potential shift directly depends on the ion-pairs formation constants. A
useful alternative representation of the ORR voltammograms in presence of alkali metal cations is
thus proposed: plotting the ratio of the measured current in presence of alkali metal cation divided

by the peak current of the first oxygen reduction in the absence of alkali metal cations (noted

Mt

leorr = ﬁ) vs the applied potential referred to the half-peak potential of the first reduction

peak

process in the absence of alkali metal cations (E vs Ef/%m). The deviation of the mechanism from a

one-electron reduction process of oxygen in solution can directly be observed from the peak value of
I.orr in the first reduction process. Using this representation also enables to directly compare the
shift of the first reduction process between different solvents.
Figure VL5 further supports the uniqueness of the mechanism in the three different
solvents.
e the larger the shift in potential, the lower the first peak value of I .., thus the larger the
surface passivation;
e the higher the shift in potential, the less apparent the second reduction process;
e these two elements do not seem to depend on the solvent mixtures, although the amplitude

of the variations can be solvent-dependent.
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Figure VL.5. I .oy Vs (E vs EI?ZM) representation of the ORR in different solvents in presence of 150

mM TBAPF¢ and 50 mM K" (a), Na* (b) or Li* (c).

In presence of K (Figure VI.5a), the difference in potential shifts can be estimated from E vs

E;F/BZAJr measured at .o =-0.1 (i.e. corresponding to a shift of Ejgy). The Acn 3:1 DMSO mixture is an

exception: nucleation has already occurred at these small currents. It is important to note here that
the nucleation depends on the concentration in 05 and M" and thus comparison between solvents
should be made on the absolute current and not the ratio I.,.r. This issue is related to a specific

fundamental difficulty inherent to the present mechanism: it is intermediate between a solution-
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based mechanism with mass-transport limitations and a surface-based mechanism limited by the
active surface (and actually also by solid crystal growth and solid-state chemical reactions, the
analysis of which might differ from the classical analysis of surface-based mechanisms)."

This representation of the voltammograms is also useful to compare the results obtained in
presence of different cations in different electrolytes. By varying both the cation charge-density and
its solvation (Figure VI.6), similar shifts in E;gy can be obtained:

e in presence of Li* and Na* (a lower charge-density cation) in, respectively, DMSO and the

DMSO 1:1 DMA mixture (which has a lower solvation capability for 03 );

e Inpresence of Li" and K" (which has a considerable lower charge-density) in, respectively, the

Acn 1:3 DMSO mixture and DMA (which has a considerable lower solvation capability for

03, but a possible higher capability to solvate cations).

0.0 -
-0.2
-0.4

. -0.6-

8
-0.8
Acn 1:3 DMSO ; [Li'] = 50 mM
1 DMA ; [K'] = 50 mM
T ——DMA 1:1 DMSO ; [Na'] = 50 mM
——DMSO ; [Li'] = 50 mM

1.2

T : T E T . T ) T
-0.50 -0.25 0.00 0.25 0.50

EvsEl (V)

Figure VI.6. Comparison of the I .y vs (E vs E{?ZAJr) representation of the ORR in different

electrolytes.

" This difficulty can be observed in Reference * where a diffusion coefficient for O, is estimated by applying the
Nicholson and Shain (irreversible version of the Randles-Sevcik) equation on the peak corresponding to a (Acn
+Li*) system on static electrode, which is not simply due to a limitation of diffusion of oxygen. Thus, the
diffusion coefficient measured is one order of magnitude lower than the diffusion coefficient of oxygen
measured in the absence of Li". Such a difference for an uncharged species is most likely a direct evidence of
the non-applicability of Nicholson and Shain analysis on a peak which is not due to a limitation by mass-
transport of oxygen.
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Estimated values for the difference in potential shifts are given in Table VI.3: the higher the

10% 10%
AE1b—1,s - AE1b—1

pmso Value, the more favored the formation of ion-pairs M* — 035 in solventS as

compared to DMSO.

Table VI.3. Potential shifts measured at I, = 0.1 upon addition of 50 mM M" in different solvents

+ 150 mM TBAPF,.

10%

Solvent Cation | log(y(05,DMSO log(y¢(M*,DMSO | AE1p” 5 | AETD® s — AETRY puso
=) - 9)) (v)
DMSO Li" 0 0 0.06 0
Na" 0 0.05 0
K* 0 0.02 0
Acn1:3DMSO | Li" 0.08 ND 0.10 0.04
Na* ND 0.07 0.01
K" ND 0.05 0.03
Acn3:1DMSO | Li* 0.18 ND 0.13 0.07
Na* ND 0.10 0.05
K* ND 0.06 0.04
estimated at 5
%
Acn Li* 0.42 7 0.28 0.21
Na* 5 0.19 0.14
K* 3.7 0.15 0.13
Acn1:1DMA | Na’ 1 ND 0.11 0.06
DMA Li* 2 ND 0.11 0.05
Na* -0.3 0.10 0.035
K* -0.3 0.08 0.060
DMA1:1DMSO | Li' 0.32 ND 0.06 0
Na* ND 0.06 0.01
K" ND 0.05 0.03

The formation of ion-pairs M* — 0y

is much more favored in Acn as compared to DMSO.

This can be directly related to the much better solvation of M in the latter, since solvation of O3 is

similar in both solvents. Considering Na* and K*, the formation of ion-pairs M* — 05

is more

favored in DMA as compared to DMSO. This can be directly related to the better solvation of O3 in
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the latter, since the solvation of M should be similar (and even a sensibly superior), in DMA as
compared to DMSO. Thus, it is necessary to take both the difference in solvation of M and 035 from
one solvent to another to account for the differences in the thermodynamic and kinetic constants of
ORR mechanism; to summarize, the higher the solvation of both ions, the less favorable the
formation of the ion-pairs.

The behavior of mixtures can be understood in terms of preferential solvation: in a binary
mixture, an ion is preferentially solvated by the solvent having the higher affinity for it. Thus, in an
Acn-DMSO binary mixture, cations M* will be preferentially solvated by DMSO, even at low
proportions of DMSO in the mixture, whereas O; will be almost equally solvated by DMSO and Acn.
This accounts well for the pronounced decrease in the formation constant of ion-pairs upon addition
of DMSO in the mixture. Similarly, DMSO preferentially solvates O3 in a DMA-DMSO mixture: this is
the reason for the intermediate ion-pairs formation constant. Finally, an Acn 1:1 DMA mixture
containing Na* has an ion-pairs formation constant much closer to that of pure DMA than Acn: Na* is
preferentially solvated by DMA, while Acn solvates preferentially O; . For this last mixture, it might
be possible to reach a composition where M* — O35 ion-pairs formation is even less favorable than
in both pure solvents taken separately.

It is interesting to also note that the shift in potential AEllgi/"l’s is always larger in the order
K" < Na® < Li*, whatever the solvent mixture. This means that the larger the charge-density of the
cation, the larger its interaction with O3; if so, the superoxide anion cannot be considered as a soft
base, whatever the solvent. Furthermore, the better the general solvation of the alkali metal cations,

the lower this difference in the shifts, especially when comparing Na* and Li".

As a conclusion, the effect of the solvent on the ORR mechanism in presence of alkali metal
cations has been related to its capacity to solvate both M* and O3 : the larger the solvation of both
ions, the lower the ion-pairs M* — 03 formation constant. An interpretation of the behavior of
binary mixtures is also proposed, based on the concept of preferential solvation. These elements can
lead to the development of electrolytes with tailored properties, and even predict their behavior.
However, this would require the prior knowledge of the transfer activity coefficients of both M* and
03 in the solvents of interest. It would thus be interesting to correlate the solvation of M* and 03

to solvation scales or solvents structure-related parameters.
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4. Proposition of parameters to predict the behavior of solvents
and solvent mixtures

The discussion until here was based on solvents with similar high permittivity. As discussed
in chapter lll, the permittivity of the solvent accounts for the majority of the solvation-energy of
ions. However, it was considered that differences in solvation of ions between different solvents of
high permittivity (typically superior to 20) was mostly influenced by other parameters, such as the
Lewis acidity and basicity of the solvent.

The most widely used solvent basicity scale is the Donor Number (DN)* 2%, Its use as an
indicator of alkali metal cation solvation can be criticized, since coordination to the large SbCls
complex might not reflect coordination to much smaller cations, like alkali metal cations In
particular, the DN of pyridine has shown to be highly overestimated when considering association to
alkali metal cations®. Another scale to study the intrinsic interactions between cations and Lewis
bases, the gas-phase Metal Cation Basicity (MCB)2, has also been introduced in chapter IlI.

Since the ORR mechanism is similar in presence of all alkali metal cations, it is proposed here
to study the use of the proposed solvent parameters specifically in presence of Na®, for the following
reasons:

. 0, . . .
e measuring AEllg_/"1 s is generally more precise in presence of Na" as compared to K;

e in presence of Li", an effect of the second reduction on AEiLgi/ol,S' either electrochemical or
chemical, of LiO, cannot be completely ruled out.

Values of AEllgi/"l's are listed in Table VI.4. As discussed before, the amplitude of the shift
cannot be accounted for by the capacity of the solvent to solvate Na®. Indeed, the DN of DMSO lies
between those of NMP and DMA. However, the potential shift in DMSO is half those of NMP and
DMA, which are similar. This is accounted for by the higher AN of DMSO, compared to those of NMP

and DMA, which are similar.
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Table VI.4. Potential shifts measured at I, = 0.1 upon addition of 50 mM Na® in different
solvents + 150 mM TBAPF.

Solvent & AN DN NaCB AE}g"_/OLS
(kJ.mol™) (mV)
DMSO 46.5 19.3 29.8 129.7 55
Acn 359 18.9 14.1 98.7 195
DMA 37.8 13.6 27.8 132.8 105
NMP 32.2 13.3 27.3 ND 110
Py 12.9 14.2 33.1 100 220
Acn 1:3 85
DMSO
Acn 3:1 135
DMSO
DMA 1:1 60
DMSO
Acn 1:1 Py 200
Acn 1:1 DMA 110
DME 1:1 (7.2ome) | (10.2pme) (20ome) (133pwme) 90
DMSO (bidendate)

DN and NaCB values are generally well correlated with one-another; Py, which has a DN
higher than DMSO but a NaCB comparable to that of Acn, makes exception. However, Py also has a
low permittivity. Thus, the very high AEllgi/"lls in presence of Py could be related to either the low
permittivity of the solvent or its low Na* solvation capacity. A way to discriminate between those
two elements is to consider solvent mixtures. Indeed, the permittivity of a solvent mixture lies in
between that of the two solvents taken separately. In particular, a linear dependence of the
permittivity with the composition is found in N,N-dimethylformamide (DMF)-Py mixtures. In the case
of Acn 1:1 Py, the resulting permittivity of the mixture could reasonably be estimated as superior to
20, although no values have been measured here. The AEllgi/"lls remains very high in the Acn 1:1 Py

mixture, similar to that in Acn. This is more consistent with the NaCB value of Py than with its DN: if

Py had a capability to solvate Na* superior to that of DMSO or DMA, the AEllgo_/"LS in the Acn 1:1 Py
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mixture would be expected to be much lower than the one obtained in pure Acn, and even lower
than the one obtained in the Acn 1:1 DMA mixture.

1,2-dimethoxyethane (DME) is another example of solvent with a marked difference
between its DN and NaCB values. However, its permittivity value is even lower than that of Py. In this
low-permittivity solvent, salts are usually poorly dissociated and readily form ion-pairs. This explains
the low conductivity of pure DME-based electrolytes at low and intermediate concentrations in salt
(usually below 0.5 M, but this value depends on the salt). At higher concentration in salt, the
conductivity of the solution increases, owing to the formation of triple ion-pairs. Considering the set-
up used in the present study, measures in pure DME were subjected to large ohmic drop. A similar
difficulty is most likely the reason for the non (or partial)-correction of the ohmic drop in 2 in
presence of DME. As stated in chapter IV, interactions between TAA" and 05 have to be taken into
account in low-permittivity solvents, which considerably complicates the mechanism of ORR.
Furthermore, the formation of ion-pairs between M* and its counter-anion also has to be taken into
account. Thus, a comparison of the ORR mechanism between solvents of high and low permittivity is
not proposed in this work, and is, to the author’s belief, not straightforward.

Even mixtures of DME and Acn or DMA cannot be considered as having sufficiently high
permittivity values as to compare their results with the other mixtures presented here. Thus, only
the study of a DME 1:1 DMSO mixture is proposed in the present chapter. In that case, the half-peak
potential of the first oxygen reduction in the absence of alkali metal cations is ElT/’32A+= -1.215 V vs
Ref. This value is consistent with the very low AN of DME and a preferential solvation of Oy by
DMSO. Since the AEllgi/"l's value could be related to the much lower AN of DME, it is not evident to
discriminate between DN and NaCB value in that case by only qualitative reasoning. Thus,

. . . 9 .
quantitative correlations between solvent parameters and AE10%, < will be proposed.

5. Extrapolation of solvent and mixtures parameters

A linear relation between ElT/A2A+ and the AN of the solvents is proposed on Figure VI.7.

Similar relationships have already been proposed in the literature’. The relation proposed is

calculated using the two extreme points (DMSO and NMP)™. It shows a good correlation with the

results obtained in the other solvents (R? = 0.985). The ElT/%AJrcaIcuIated in DMA is equal to the one

it This choice has been made here due to the highest confidence on the value obtained in DMSO. The best fit
involving all high-permittivity solvents lead to a sensibly higher, but comparable R? = 0.989. | also have doubts
on the actual ORR mechanism in Acn, as a chemical reaction between 03 and Acn is possible in my opinion,
and could account for the results on Au or Pt electrodes (discussed briefly in chapter Il) by catalytic reactions.

However, | did not find any sound evidences of such phenomena.
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measured experimentally (Table VI.5). In Py, the underestimation of the calculated half-wave
potential can be explained by the interaction between TBA* and O3 as discussed in chapter IV. By
using this relation, an AN value for solvent mixtures can be estimated. The value calculated is the
direct reflection of E1T/132A+, and as such, follows directly the same conclusions in term of preferential
solvation as those made in chapter IV. It is interesting to note that the AN of DME 1:1 DMSO mixture
is significantly lower than that of the DMA 1:1 DMSO mixture, which reasonably accounts for the

lower AN of DME as compared to DMA.
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Figure VI.7. (a) Relation between E{fz‘ﬁ the AN of the solvents. (b) Relation between AEig%’Ls

measured in presence of 50 MM Na® and the parameter Agi+ =0.75 NaCB + 0.25 AN.
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Table VI.5. Extrapolation of AN and NaCB,, values for different solvents.

Solvent AN EI?ZA" AETRY NaCB (or NaCB,,
(V vs Ref) (V vs Ref) for mixtures)
(k) mol?)
DMSO 19.3 55 129.7
Acn 18.9 -1.185(-1.169)a1c 195 98.7
DMA 13.6 -1.28 (-1.283)alc 105 132.8
NMP 13.3 110 (133)calc
Py 14.2 -1.24%* (-1.270)cac 220 100
Acn 1:3 DMSO (19.1)carc 70 (126)carc
Acn 3:1 DMSO (18.9)catc 100 (119)calc
DMA 1:1 DMSO (18.4)caic 60 (131)carc
Acn 1:1 Py (17.9)catc 200 (96)calc
Acn 1:1 DMA (17.4)carc 110 (123)carc
DME 1:1 DMSO (16.8)calc 90 (128)carc

A relation between AElll())iA)l,S and the parameter Ag; = 0.75 NaCB + 0.25 AN is then

proposed in Figure VI.7b. A correlation coefficient of R? = 0.982 is found when using the measured
values obtained in pure solvents. Equivalent values of NaCB (NaCB.,) for mixtures v can thus be
estimated using this relation and the calculated values of AN. This estimate is very rough considering
the very little amount of points that have been used for the linear relations that allowed the
calculation of both the AN and the NaCB. This can explain the lower value obtained in the Acn 1:1 Py
mixture as compared to the NaCB of the two pure solvents. However this value is still comparable to
that of the pure solvents, which thus further corroborates the use of NaCB over DN. The effect of
preferential solvation is clearly observed in the Acn-DMSO mixture (Figure VI.8), with a NaCB., closer
to that of pure DMSO even in the Acn 3:1 DMSO mixture. Similarly, the NaCBq value in Acn 1:1 DMA
is sensibly closer to that of pure DMA. Finally, the NaCB,, value calculated for the DME 1:1 DMSO
mixture is comparable to that of DMSO, which is a further evidence of the better reliability of NaCB

as compared to DN when considering Na* solvation.

" The NaCB refers to the association between two particular molecules. It is considered here that a mixture of
solvents at a particular composition has a particular affinity for Na®, thus referred as an “equivalent” NaCB
(NaCBgg).
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Figure VI.8. Variation of NaCB., values calculated for Acn-DMSO mixtures with the content in

DMSO.

This section demonstrated that AE%SYOLS could be linearly related to a simple parameter Agf;r =0.75

NaCB + 0.25 AN. This parameter has been optimized on very few experimental points, and could
thus certainly be improved. Still, its use allowed the extrapolation of solvation parameters for Na* in

solvent mixtures which are consistent with the preferential solvation concept. The linear relation

02

N+’ which is the sum of a parameter related to the solvations of Na* and

between AEllgiA’l's and A
O3 in solvents is also consistent with the physical meaning attributed to AEllgi/"LS: the capability of
high-permittivity solvents to separate ion-pairs is linked to the capability of the solvent to solvate

both the anion and the cation.

Due to the lack of experimental points, definite conclusions on a similar treatment of the

results obtained in presence of Li* and K' cannot reliably made. Still, based on the measures
obtained in DMA, Acn and DMSO, the following parameters are estimated: Agi{ = 0.7 LiCB + 0.7 AN
and Agi_= 0.7 KCB + 0.3 AN. The calculated values of LiCBe; and KCBe, using these parameters are

proposed in Table VI.6.
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Table VI.6. Calculated LiCB., and KCB., for different solvents.

LiCB (or KCB,, for KCB (or KCB., for

mixtures) mixtures)

(kJ.mol™) (kJ.mol™)
DMSO 175 104
Acn 1:3 DMSO 170 97
Acn 3:1 DMSO 166 95
Acn 142 74
DMA 179 101
DMA 1:1 DMSO 177 98

Preferential solvation effects are also marked in Acn-DMSO mixtures in presence of Li* and
K" (Figure VI.9). It is also interesting to note that the Agf; coefficients are nearly equal. MCB values
for a particular solvent are lower in the order Li* > Na* > K*. Thus, the relative importance of MCB in
the parameters Az{ is in the order Li* > Na’ > K'. This can be related to the larger interactions
between 03 and higher charge-density cations: solvation of the cation will have a more pronounced

effect on the association of O3 with Li" than on K.
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Figure VI.9. Variation of KCB,, (red) and LiCB,, (black) values calculated for Acn-DMSO mixtures

with the content in DMSO.
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It is thus concluded that the parameters AI% are promising descriptors to understand the
effect of the solvent on the non-aqueous ORR in presence of alkali metal cations. Solvation effects

can be predicted simply using the MCB and AN values of the solvents.

6. Proposition of a solvent structure-related parameter to predict
0, solvation: hydrogen bond donicity

The solvation of O3 has already been related to the AN of the solvent. However, this scale is
limited in terms of potential candidates. In that case, it could be interesting to relate the solvation of
O3 to a particular structural effect of the solvent: its capability to provide hydrogen bonding.
Indeed, anions are generally prone to accept hydrogen bonds. This tendency is stronger for smaller
anions with more localized negative charge. Since the charge in O3 is delocalized between two
oxygen atoms, it could have been expected to have a low tendency to accept hydrogen bonds: | and
ClO, for example are considered as very poor hydrogen bond acceptors. However, the particular
structure of O3 (discussed in chapter Il) and the (related) fact that it seems to behave much more
like a hard base, would make the assumption of a high hydrogen bonding acceptance more likely.
Therefore, a high hydrogen bond donor solvent, which can be measured by its A* parameter in £,
could make a perfect solvent for O3 . However, such solvents are also usually prone to H-abstraction,
as mentioned in 2, with the exceptions of amines (pKayus = 41 in DMSO).

The study of ORR in presence of K* in an ethylene diamine (EN) 1:4 DMA mixture is thus
proposed as an experimental conclusion of this chapter (Figure VI.10). Ethylene diamine has a high
A* value, owing to the hydrogen bond donor capacity of the N-H bonds. A ratio of 1:4 should be
enough between EN and DMA, owing to the expected much preferential solvation of O3 by EN. It
should be noted here that EN is rather difficult to purify: a small quantity of the solvent has been
dried on molecular sieves for 2 days. Although the exact concentration of water in EN is not known,
it is estimated that the overall water content in the electrolyte remains below 50 ppm. Furthermore,
EN has a very high affinity for Ag”, and thus a very slight pollution of the reference electrode leads to
considerable shift in the reference potential. Therefore, at the moment of the writing, a reliable
value of the potential shift had not been measured. Thus, only a qualitative description is proposed

here.
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Figure V1.10. Cyclic voltammetry at v = 100 mV s in oxygen-saturated EN 1:4 DMA mixture (black)
or DMSO (red) and 150 mM TBAPF; in presence of 50 mM KPFs. Precision on the reference
electrode cannot be assured due to a possible contamination by EN. Thus the potentials are

presented versus the resulting arbitrary reference noted A.R..

The second reduction wave is better defined in the mixture as compared to pure DMA. The
peak separation between the first and second reduction process is similar to that obtained in DMSO.
A low degree of reversibility is observed for the second reduction process. Thus, by addition of a
small amount of EN, which has a high capability to solvate O3 by hydrogen bonding, into DMA,
which has a high capability to solvate K*, a mixture with a high capability to separate K* — 03 ion-
pairs in solution has been designed. In this mixture, which does not contain DMSO, reversibility for
the second reduction process has been demonstrated, which validates our concept.

Finally, as stated in chapter Il, a reversible second reduction of oxygen in presence of K* has
been observed in ammonia’®. Ammonia has a KCB of 55 and an A* similar to that of alcohols, which
have AN superior to 35. Thus a value of Agi_ in the order of 50 is expected, which would mean a shift
in potential in the order of 100 mV in presence of 50 mM K*. The measure is rather complicated on
the curves from®, but a value of 100-150 mV is nevertheless estimated in presence of 100 mM K.

From these two last examples, it would appear that the reversibility of the second oxygen

reduction is more related to the anion-solvation capability of the solvent, and most likely its ability
2_

+_
to solvate Mt — 0%'. If a similar parameter AxJ, %% s proposed, it would thus have a higher

coefficient related to AN (and lower for MCB by construction) as compared to A&{.
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Conclusion

This chapter demonstrated that the mechanism developed to account for the ORR in
presence of alkali metal cations in DMSO can also be used to understand the ORR in other high-
permittivity solvents. The shift in first oxygen reduction potential observed on cyclic voltammetries
upon addition of alkali metal cations has been attributed to the formation of ion-pairs M* — 05 and
its extent has been related to the capability of a solvent to solvate both M* and O3 . The second
reduction wave observed on voltammograms has been attributed to the reduction of ion-pairs
M* — 05, which precipitate as M,0, on the electrode. This process is less reversible when the
charge-density of the cation M" is higher and the capability of the solvent to solvate both M* and 03
is lower. Furthermore, this mechanism allowed to understand the behavior of solvent mixtures in
terms of preferential solvation of ions.

The differences in the solvation capability of the solvents have been related to their AN or
A* and MCB. Simple parameters AI(\)/['Z; have been proposed to predict the behavior of solvents and

thus design solvent mixtures with tailored properties.
Using these results, a mixture which allowed to demonstrate that the reversibility of the
second oxygen reduction in presence of K' is not specific to DMSO has been designed. The

reversibility of this second reduction process could be accounted for by a second parameter

M+-03"

Ay

which is expected to have a larger dependence in solvation capabilities of the solvent as
03
compared to Ay

It would also be interesting to study the impact of the concentration in M on the
0y

coefficients of the parameters AM+,

and thus propose parameters Aaﬁ o

Finally, this study has enabled a much better understanding of the ORR in presence of alkali
metal cations: it demonstrated that a unique mechanism accounts for the effects of all alkali metal
cations, based on their charge-density, and solvents, based on their capability to solvate both M*
and O3 .

The next and final chapter is devoted to the modelling of this mechanism, to further confirm it and

account for the particular shape of the oxygen reduction voltammograms in non-aqueous solvents.
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Chapter VII. Kinetic Modelling of
the Oxygen Reduction Reaction
Mechanism

“Those who have handled sciences have been either men of experiment or men of dogmas.
The men of experiment are like the ant, they only collect and use; the reasoners resemble
spiders, who make cobwebs out of their own substance. But the bee takes a middle course: it
gathers its material from the flowers of the garden and of the field, but transforms and
digests it by a power of its own. Not unlike this is the true business of philosophy; for it
neither relies solely or chiefly on the powers of the mind, nor does it take the matter which it
gathers from natural history and mechanical experiments and lay it up in the memory whole,
as it finds it, but lays it up in the understanding altered and digested. Therefore from a closer
and purer league between these two faculties, the experimental and the rational (such as has
never yet been made), much may be hoped ”

Bacon, Francis ; The New Organon, Book One, 1620

-135-






Chapter VII. Kinetic Modelling of the Oxygen Reduction Reaction Mechanism

The mechanism proposed to understand the non-aqueous ORR in presence of alkali metal
cations (scheme VII.1) is basically a variation of a double square scheme. However, it also involves
solubility equilibriums, which considerably complicates the study of the experimental curves. In this
chapter, we will focus on the development of a kinetic model to account for the effects of both the

ion-pairs formation and the precipitation of solid products with partial solubility.

Kdisp
MO, + MO, = M0, + O,
Ks1” M+
01 E02
O, + € = 0, + & = 0%
K | |V|+ Ke || |V|+
02 + M++ e = M+'02'-+ e = M+'022-
E°1b E°y
Kell Mt

IVI202 ,S
Scheme VII.1. Proposed mechanism to account for the ORR in presence of alkali metal cations M*

in aprotic solvents

After the presentation of the general methods and approximations used, the first section of
this chapter will be devoted to the study of the effect of ion-pairs formation on the first reduction of
oxygen. The correlations proposed in the chapter VI are based on a shift of the potential of the first
reduction process upon addition of alkali metal cations, M*, and a fundamental study of the reasons
of this shift is needed to justify these empirical correlations.

As also stated in chapter VI, the precipitation of solid MO, leads to particular shapes of the
voltammograms. Thus, a model involving solubility equilibrium, solid phase growth and dissolution

as well as surface passivation will be proposed, based on simple assumptions.
1. Kinetic equations, linear system formulation and resolution*?

We will consider here the modelling of cyclic voltammetry or chronoamperometry on a
uniform electrode with a 1D semi-infinite diffusion in solution, without solid or adsorbed species

(Figure VII.1).
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Ca
——— [OZ]bqu
0
0 3 Xmax :—
al\x aNAXx

Figure VII.1. Schematic representation of the basic principles of the kinetic model in the case of a
simple reduction of oxygen. Since the steepest variations in concentrations are located near the
electrode, non-equal intervals in x with a geometric growth have been used. This allows for a
maximal precision at the electrode|electrolyte interface, while limits the number of intervals far
from the electrode and thus the computational time. Both a and x can be adjusted to meet the

precision required (which is generally higher in presence of fast homogeneous chemical reactions).

Let us consider a general electrochemical mechanism involving P species A;, composed of L

heterogeneous electrochemical reactions and M homogeneous chemical reactions, written as:
YA +ne” =30 byA; L forj=1,.,L (VIL.1)

Zf:l ai,in = Z?:l bi,in , forj = L+1,..,L+M (V||2)

The reaction rates can be expressed by:

vi(t) = (VII.3)
ai,- bi,'
ke TTE1 A7 (0, 6) exp (et myf (E(E) — EP)) = koj TTE; A (0,6) exp (—aomyf(E(E) -
E]-°)) ,forj=1,.,L

ij by .
() = Koy TI, ATV (3, 8) — K TR AP (x,8)  forj= L+, L+M (Vil.4)

. F . .
With f = —, a.; + @, = 1 the symmetry coefficients, n; the number of electrons involved,
RT’ 1) 0)) ]

kyj (ko) the reduction (oxidation) rate constant of electrochemical reaction j, Ky; (Kg;) the direct
(inverse) rate constant of chemical reaction j. For the sake of simplicity, symmetry coefficients are
considered constant and equal to 0.5, and the number of electrons exchanged in each

electrochemical step is nj = 1, whatever j. Ai(x,t) corresponds to the activity of species A; at a
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distance x from the electrode interface and at time t. For species in solution, A(x,t) corresponds to
the concentration. E(t) corresponds to the applied potential, either fixed (chronoamperometry) or
constantly varying according to (VII.5) (voltammetry). E°; corresponds to the standard potential of
electrochemical reaction j.

dE (VIL.5)
+
dt

The current / on an electrode of surface S can be related to the electrochemical reaction rate
by equation (VII.6).

L (VIL.6)
I(t) = —FS Z(n]-v]-(t))

=1

Thus, 1(t) depends on the applied potential E(t) and the interfacial concentrations, which

follow equation (VIL7).

L
04;(0,t) (V1.7)
Dy = Z((ai,j = b))
j=1
The variation of the concentrations in solution can be calculated using Fick’s law, for x > 0:
0A;i(x, t) 924, (x 0, (ViI.8)
la—t = DAi Z ((aI] 1])v1(x t))

j=L+1

In order to solve these coupled equations, the time and position are discretized.
Discretization of the time is straightforward by introducing a unique discrete interval At. It could
have been chosen to adapt this discrete interval dynamically depending on the precision required by
the model. This would have led to a considerable optimisation of the model, but was not required
here.

The precision in distance required near the electrode is considerable, due the very fast
variations in interfacial concentrations. An interval of 10 to 50 nm is generally required at the
electrode interface. Since a maximal distance superior to the millimetre has to be taken into account
to keep valid the approximation of semi-infinite diffusion, the number of uniform intervals required
would have been too large for reasonable computational time. Thus a non-uniform discretization of
space with a geometric growth of the intervals with the distance has been undertaken. Practically,
position intervals are defined according to equation (VII.9) with N the number of intervals.

aAx, n € [1;N] (V11.9)

-139-



Chapter VII. Kinetic Modelling of the Oxygen Reduction Reaction Mechanism

Using these definitions, derivatives can be linearized according to equations (VI.10) and
(VI1.11), introducing the notation 4;|, to represent the concentration of species A at the instant t
and the position n. It is also needed to linearize products of variables, in particular for bimolecular
reactions, which is done according to equation (VII.12). Similar reasoning can lead to the
linearization of higher order products.

0 24, 1 1 1 1 (vii.10
3t Alho - (55 + 7 ) Ailhos
ox% '™ 7 0.54x(a™ + a~1).qn " ' 0.54x(a" + an-1) \gn ' gn-1)"1n-

IR

t
+ 0.54x(a™ + a™*1).an Ailner
%It“ =Ai|g+1 — Al (Vi.11
ot " At )
AR AR = AR AL + AR IR — A4 (VII.12

)

If linear functions of variables must be used, as it will be when studying precipitation, a

simple linearization using first-order Taylor development is proposed (equation (VI1.13)).

1t (VII.13)
@ (A5 = AL

This approximation generates a relatively large error, and thus requires shorter intervals in

FAIEY = fALD +

order to keep sufficient precision. A second-order Taylor development could be used if higher
precision, or shorter computational time, is needed.
The concentrations at each instant t can now be calculated by resolving a system of linear

"1 the concentrations vector,

equations. It can be written in a matrix form (equation (VI1.14)), with C|
and solved by matrix inversion. The build-in matrix inversion function of Scilab (open source
equivalent to Matlab) has directly been used.

GC|**1 =H (Vi.14)

The current is finally calculated at each instant t by equation (VII.6), and modelled

voltammograms or chronoamperograms can be plotted.

2. Study of the impact of ion-pairs formation on the resulting
voltammograms

In this section, the study will be limited to scheme (VIIl.2), which corresponds to the first

oxygen reduction process in the absence of precipitation. The concentration in M* will be considered
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as constant, which is reasonable for concentrations at least 10 times larger than the concentration in
oxygen.i The following parameters will be held constant during the study: v=0.1V s™; Do, =2 1075
cm?s™; Dos = 5107¢ cm?s™; Dy+ = 5107% em?s™; (02)pui = 2 MM; T=300K; $=0.2 cm? Ef =
-1.2 V; Kq1¢= 10" cm™ mol s™. It is also worth noting that since the reduction reaction of step (1b) is
bimolecular, the unit of k. is [mol™ cm® s]. The actual comparable value of rate constant for this

reduction step is k.1,C°, the unit of which is [cm s™], with € = 10 mol cm™.

_E ]
02 + e = 02'
Ko Il MY
O, +M" + e = M™-0,"
E*1p
Scheme VII.2. First reduction of oxygen in aprotic solvents in the absence of precipitation and in

the presence of alkali metal cations M*

As already mentioned in the previous chapters, the standard potential E7, is fixed by the
values of EY and K. Thus, if electrochemical and chemical reactions are considered as fast enough,
then the shift in the half-peak potential will be directly linked to the difference in standard potentials
between the two electrochemical steps, and thus determined by the thermodynamic constants and

the concentration in M” (Figure VI1.2 and equation (VII.15)).

' Modelling non-constant concentrations in M* has also been attempted: it considerably complicates the
elaboration of the model as well as the matrix inversion, and is therefore not presented here.
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Figure VII.2. (a) Influence of the concentration in M* on the ORR voltammograms with k,, = k,; = 10
cm s Ky €= Kogp =0 cm s AE%p_1 s =0.2V; (M) = 0 mM (black), 10 mM (red), 20 mM (green),
50 mM (blue), 100 mM (violet).

% RT (VI1.15)
BEY?, = AERY, s = —In(1+ Kn (M)

Furthermore, in that case, the voltammograms will be independent on the pathway:
M* — 05 can be formed either from the direct reduction (1b) (electrochemical pathway) or by the
chemical reaction (1f) from Oy, itself formed by the reduction of oxygen (1) (chemical pathway), and
their origin on the voltammograms cannot be discriminated. Thus electrochemical step 1b is not
mandatory to account for the shift in potential of the shape of the voltammograms (Figure VIl.2a).
However, the situation is much more complicated if either the electrochemical or the chemical

reactions are considered to have a slower rate.
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Here we consider the chemical reaction (1f) fast enough, so that its rate will not influence
the following results. This is supported by the consideration that ion-pairs formation should indeed
occur at a significantly high rate. It is also considered that the rate constants of the reduction and
oxidation reactions of an electrochemical step are always equal, except when one of them is set to 0.
Let us first consider the influence of the electrochemical rate constants on the chemical pathway
(Figure VII.3a). The direct formation of the ion-pairs is forbidden, but their direct oxidation is still
possible (oxidation reaction of step (1b)). It can be observed that the rate of the electrochemical
reaction (1) can become limiting. Interestingly, the anodic peak potential on the positive scan is
independent on the electrochemical rate constant. This phenomenon has been studied in detail in 2
and is of particular importance when considering the ORR. Indeed, the first reduction of oxygen in
non-aqueous solvents is generally considered as a quasi-reversible process. If a corresponding
electrochemical rate constant is used in the model (Figure VII.3b), it can be observed that the
cathodic wave becomes independent on the concentration in M*, even at moderate concentrations.
Since the anodic peak potential on the backward (positive) scan depends on the concentration in M,
the difference in potential between the cathodic and anodic peak is varying with the concentration
in M". Such behaviour has not been observed experimentally. Therefore, it can be concluded that
either the electrochemical rate constant is considerably underestimated, or that it is needed to take

the electrochemical pathway (reduction step in 1b) into account.
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Figure VII.3. (a) Influence of the electrochemical rate constant of step (1) on the simulated
voltammograms with (M*) = 50 mM; b) Influence of the concentration in M* on the ORR

voltammograms with k;; = k,; = 0.01 cm s, For both simulations: AES,_4 §=02V;kypC=0cms’

Y ko =0.01 cm s™.

When taking the electrochemical pathway into consideration, the limitation due to the rate constant

of reaction (1) can be overcome (Figure VI1.4).
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Figure VIL4. Influence of the electrochemical rate constant of step (1) on the simulated
voltammograms with (M*) = 50 mM; AE,,_; s=0.2V ; ky= ko =0.01cms™; krlbC°=0cms™ (a) or

k1, €°=0.01 cm s™ (b); ko1, = 0.01 cms™.

However, the question of the value of the electrochemical rate constant of the direct
reduction of the ion-pairs (reaction 1b) arises. Since the reaction rate of (1b) depends on the
concentration in M*, a clear effect of the alkali metal concentration on the voltammograms can be
observed (Figure VII.5). This phenomenon could be characterized by the decrease of the cathodic

peak current or the change in the slope of the current.
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Figure VIL5. Influence of the electrochemical rate constant of step (1b) on the simulated
voltammograms with (M*) = 50 mM; AE(l’b—l,S =0.2V; k1= ko1 = 0.01 cm s™; krlb C°= ko1, =0.1 cm
s (green) or ki, C°= koyp = 0.01 cm s™* (red). Comparison with the simulated voltammograms in the

same conditions but in absence of alkali metal cation: (M*) = 0 mM (black).

However, the experimental observation of this phenomenon is complicated, since a large
ion-pairs formation constant is also associated with a low solubility of MO,, which results in
distorted voltammograms. It can still be noticed that, in the presence of 50 mM Na®, which allows
higher shifts in potential compared to K* and more limited precipitation effects, neither change in
the slope nor in the peak current is observed in DMSO or DMA (Figure VII.6). This could mean that,
either the rate constant of reaction (1) is underestimated, or the rate constant of (1b) is larger than
that of (1). In this last case, it would be remarkably improbable that the change in the rate constant
of (1b) leads to the exact same peak current. It is thus proposed to re-examine the rate constant of
the reduction of oxygen to superoxide in non-aqueous solvents on glassy carbon micro-electrodes in
order to obtain more accurate values in the relative absence of ohmic drop, before making any
definitive conclusions at that stage. This study, despite its interest, could not be achieved in the

present work.
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Figure VII.6. Cyclic voltammetries at v = 100 mV s™ in O,-saturated DMSO (a) or DMA (b)

containing 150 mM TBAPF; (black) in presence of different concentrations in NaClO, (red and/or

green).

As mentioned before, passivation prevents any measurement of the peak current associated
to the first oxygen reduction process at low solubilities in MO,. However, it might be possible to
demonstrate the effect on the current slope by a measurement at very low overpotentials, where

precipitation should be limited, and compare it to the slope measured at the same currents in the

absence of Na*. As observed in Table VII.1, the ratio of the average slope measured at I = 0.05 in
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presence of Na’ on the average slope measured in its absence is lower than 1 in Acn and Py, as well

as in their mixture.

Table VII.1. Ratio of the slopes of the ORR voltammograms measured at low overpotentials in the

presence of 50mM Na* and in the absence of alkali metal cations.

Al fz/ir,w /
DERY o
Solvent (mV) Al E((;/:'r,TBAJf /
AE
DMSO 55 1
DMA 105 1
NMP 110 1
Acn 195 0.8
Py 1:1 Acn 200 0.75
Py 220 0.82
Acn 1:1 DMA 110 1
Simulation: AED, ;s =300mV 0.91
ki1 = ko1 =0.01cms™; AER% s =210 mV
ki1 €= kot = 0.01 cm s™; AES, ;s = 200 mV 0.93
(M’) =50 mM AER% ¢ = 115 mV

The principle of the measurement at AE118i/01,s was based on the assumption that the shiftin

potential of the wave corresponding to the first oxygen reduction process upon addition of M*
cations was almost constant at any current. However, it appears that this assumption could be
wrong at high association constants K:;. The resulting underestimation of the actual shift in standard
potentials seems to be limited to 5 to 10 mV, according to the model.

However, it should be noted that the slopes observed at low overpotentials in presence of
Na® in Acn and Py are significantly lower than the slopes expected from the model. Again, a more
accurate measure of the actual rate constant in the absence of alkali metal cations is needed to
conclude here. A lower rate constant of step (1) in Acn and Py as compared to DMSO, NMP and DMA
is a possible explanation. Another possible, but much more hypothetical, explanation could be

related to the actual structure of the ion-pairs formed during the first reduction process.
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It has been considered until here, without physical evidence, that the ion-pairs, mainly formed by
the interaction between M* and 035, were of the simplest form M*™ — O3 . This can now be

corroborated in DMSO in presence of Na* by the fact that equation (VII.15) efficiently fits the shift in

potential AEllt/)il,DMSO (Figure VIL7).

12+

-
o
|

10.08)_4
(-]
1
N

1b-1,0MSO
»
1

1 0(AE"1

. : :
0.00 0.05 0.10
[M] (mol L™

1 1/2 . . e .
Figure VIL.7. Evolution of 10006 “E1b-10Ms0) — 1 versus the concentration in Na*. A linear fit is

proposed in agreement with equation (VII.11) (R? = 0.989). A value of K; = 114 mol™ L® is thus

found.

However, other ion-pairs could also be taken into account, and in particular triple ion-pairs:
M* — 05 — M*. This formation is probable considering the structure of the O3 radical, and could
be favoured in solvents that poorly solvate alkali metal cations, such as Py and Acn. In that case,
equation (VII.15) would no longer be valid and the mechanism would be much more complicated.
From a very qualitative and approximated first approach, let us consider that only M* — 05 — M™
are formed. The only change in the model is a square of the constant concentration in M" in the

reaction rates, which leads to lower slopes in the cyclic voltammetries (Figure VII.8).
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Figure VII.8. First approximation of the effect of the formation of triple ion-pairs M™ — 0; — M*
on the ORR voltammogram. (M*) = 50 mM; AE(I)b—l,S =0.3V; k= koy = 0.01 cm s; k,y, C°= 0.1 cm
s (red) or k,yp, C° €°= 0.1 cm s™* (black); ko1, = 0.1 cm s™.

The direct electrochemical reduction of oxygen in presence of 2 cations M" is highly unlikely;

thus, a mechanism including two subsequent additions of M* to form the ion-pair M* — 05 — M*

has to be modelled and studied, which was not achieved at the moment of the writing.

3. Modelling of the precipitation of MO:

In this section we will use the same mechanism as in the previous section, but adding the

solubility equilibrium (1s) (scheme VII.3).

MO,

Ks1|| M+
E°1
= 02-'
Ka 1l |V|+

O, + e

O, +M + e = M-0,"
E’1b

Scheme VII.3. First reduction of oxygen in aprotic solvents involving precipitation and in the

presence of alkali metal cations M".
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Modelling the precipitation of solid products and their dissolution involves several
theoretical difficulties related to the uniqueness of the solubility product. For a classical chemical
reaction, equilibrium is reached at any concentration in the different species composing the
equilibrium. Thus, the calculation of these concentrations is always possible, even if it involves
concentrations that correspond to less than a single molecule/ion (which does not make sense
physically, but remains mathematically correct). On the contrary, precipitation involves the
formation of a new phase, which leads to non-linearity at the moment of its appearance and
disappearance. A nucleation step is needed in order for the growth of the new phase to occur, and
nucleation is only possible when oversaturation has been reached.

In the present study, no means have been found to use the existing nucleation and growth
theories to model cyclic voltammetries. Thus, another, but very simplified, theory is proposed.
Crystals are considered as half-spheres (Figure VII.9), which are growing from a definite number of
points N, and are homogeneously distributed on the electrode surface. Two surfaces are then
defined, which are time-dependent but non-classically depending on one-another (they differ from
classical surface coverages):

e the active surface of the electrode S,., which is the surface not covered by the half-spheres.

Electrochemical reactions can proceed on this surface;

e the half-spheres surface Sy, Which is proportional to the interfacial concentration in MO,.

Cristal growth and dissolution can proceed on this surface, the area of which is the sum of

the areas on all the half-spheres (see Figure VII.9).

P
> - .

“MO2 -

Figure VII.9. Representation of the electrode interface as considered in the model.

The volume of the spheres can be related to the amount of MO, deposited on the electrode

according to equation (VII.16), with Myq,, pmo, and nyo,the molar mass, bulk density and number
of moles of MO,, respectively. It is then possible to relate the surface of the spheres to the amount

of MO, (equation (VII.17), introducing By, a deposition parameter. This surface is roughly

proportional (equation (VI1.18)) to the interfacial concentration in MO,, by introducing Cl\s,luorzf"’ the
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surfacic concentration of MO, in a crystalline MO, plane. Finally, the active surface is calculated

according to equation (V11.19)."

Mo (VI1.16)

Vo, = * Mo,
3, 1 i (VI1.17)

11 /3 My ,
515?821 = ZSNS37'[3< pMOZ) o, /3 = SBMOZnMOZ /3
2

surf,o ctotal
court _ CMO, SO, (VI1.18)
(VI1.19)

1 Y
Sactive = S(1 — EBMOZTLMOZ 3)

These equations are based on a single unknown variable: the quantity of MO, precipitated at
the electrode: nyg, -
Now that the geometry is set, the reaction rate of the solubility equilibrium (1s) can be

written as:

Vis = Ka15(05)(M*) — K 15CiBt (V11.20)

Since the concentration in M" is constant, when the concentration in Oy reaches the
saturation concentration, then the reaction rate of (1s) is equal to 0, forcing the value of K4 ¢ to be

set as (VII.21). The reaction rate of (1s) is then equal to (VII.22).

K. = Kgs l\S/Ilng (VI1.22)
d,S KS
csurf (VI.22)
g,s~“MO _
VUes = K £(07)(M*) - Kg,sCl\S/llng
s

It is interesting to note here that this rate is different from 0 only when CI\S,[“OrZf is different

from 0. This means, as stated before, that there is a non-linearity due to the fact that nucleation has
not been taken into account.
The boundary conditions at the electrode interface can now be written as:

d0,(0,t VII.23
_DOZ % = active(_vl (t) - vlb(t)) ( )

"It can be noted here that the geometry chosen can be changed/adapted relatively easily.
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205 (0,t) (VI1.23)
_DO'Z_ Za—x = Oactive (171 (t)) - vls(t)
oM* —05)(0,t) (vVi.24)
—UMmt-o5 Ox = activevlb(t)

0no, (1) (VI1.25)

S = v, (®)

And the current can be calculated according to:
I = _FSactive(vl(t) + vlb(t)) (V”-26)

After linearization of the equations, in particular the crystals’ surface-related terms for
which a first-order Taylor development is needed, the linear system can finally be solved.

Since the reaction rate of (1s) is different from 0 only when MO, is present at the electrode,
nMo, has to be set different from 0 at the initial potential (before the ORR has been initiated). Since
the concentration in O3 is extremely low at these potentials, and that any excess would be
consumed as soon as it is formed, MO, will dissolve readily, leading to infinitely low values of nMo, -
Due to the limited precision of the model, this finally leads to negative values of nyq,. In order to
overcome this divergence, an arbitrary constant is added in equation (VII.25). This addition leads to
an equilibrium at high potentials, preventing the negative values. It also results in a constant
addition of MO, at lower potentials. Thus it is set sufficiently low so that it does not have any effect
on the voltammograms obtained; however, the faster the dissolution rate constant, the higher the
value of the constant. Thus, there is an upper limit of the rate constant of (1s) that can be studied in
the model. A possible way to overcome this limitation could be to dynamically set the constant
depending on the conditions, which might lead to stability issues, or to use a function of the
electrode potential in place of a constant.

Still, using this constant, several effects observed experimentally could be reproduced by the
model. At the moment of the writing, these effects are only studied qualitatively. In particular, the
brutal change of slope in presence of K* is reproduced in Figure VI1.10. A diminution in the time and
distance intervals does not affect the modelled voltammograms. Thus this change of slope is not
attributed to any calculation artefact due to the approximations used, in particular the Taylor
development, or to the limited precision of the model. As expected, it occurs when the
concentration in O3 overcomes the saturation concentration. Thus, the current at which the change

in slope occurs depends on both the solubility product K but also the formation constant Ki;.
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Figure VI1.10. (a) Influence of the solubility product on the voltammograms simulated with (M*) =
50 m; AE‘l’b_l_s =0.2V; k= ko1 = 0.01 cm s k1, C°= ko1 =0.01 cm s Byo,=1 10° mol'2/3; K, =
10™"° mol? cm™® (black) , K, = 5 10™* mol?> cm® (red) or K, = 10™** mol?> cm® (green) ; K,; = 5 10> mol?

cm®.

An estimation of these two constants is thus possible from the cyclic voltammetries:

e aslong as the formation constant K;; is not too large for the reaction rate of (1b) to limit the
shift in potential, then the formation constant can be estimated by the shift in potential
AEfg/"_LS measured at currents lower than the oversaturation current;

e the measure of the current at which the slope brutally changes gives an estimation of the

sum of the solubility values of 05 and M™ — 03 ;
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e knowing K; and the sum of the solubility values of 05 and M* — O3, the actual solubility
product Ks; can be estimated.

Using this method, the values estimated from a single concentration in K" in DMA and Acn
are detailed in Table VII.2. The error-margin on these values is considerable; however, as a very first
approximation, these values are consistent with the difference in pK; calculated using transfer
activity coefficients in chapter VI (Table VI.2). A solubility value of KO, can also be roughly estimated
from the values obtained in DMA and Acn, using the relations between K in those solvents
established in chapter VI. The solubility calculated is in the order of magnitude of the oxygen
saturation concentration in DMSO. This is again consistent with the fact that precipitation of KO, was

observed in DMSO, even though the steep change in slope was not observed.

Table VII.2. Estimated values for K;; and K, for different solvents.

Solvent AE}g‘Z"LS K Ks1 (05 )sar + (Mt — 05 )sar
(mV) (mol™ L) (mol? L) (K") = 50 mM
(mM)
DMSO 20 20 510° 1
DMA 80 410 5107 0.2
Acn 150 6300 310" 0.2

Using this model, it is also possible to observe the effect of passivation (Figure VII.11). It is
emphasized that passivation has been taken into account by a simple blocking of the surface due to
the growth of non-conductive crystals, and that the corresponding parameters were not completely
optimised: the amount of MO, precipitated on the surface was roughly estimated by the anodic
charge on the backward scan (to positive potentials) on experimental voltammograms in presence of
K" in Acn, and the corresponding value was used as the maximum amount of MO, that could be
formed in the model before total covering of the surface. By definition of the model, this fixes the
number of nucleation site N,. K;; can also be roughly estimated to provide a consistent shift in
potential. Similarly, K;; is fixed based on the current at which the oversaturation-related change of
slope occurred on the experimental voltammetry. The only free parameter that was left corresponds
to the kinetic of the precipitation K,;. The modelled voltammogram obtained is thus nearly

completely determined by the experience and the basic principles of the model.
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Figure VII.11. Correspondence between the simulation taking passivation into account (a) and
experimental voltammograms (b) measured in oxygen-saturate Acn in presence of 150 mM
TBAPF; (black) and 50 mM KPF; (red). Simulation parameters were: (M*) = 0 mM (black) or (M) =
50 mM (red); AE(l)b—l,S =0.2V; k1= Koy = 0.01 cm s k1 C= kozp =0.01 cm s™; Byo,=3.3 10° mol’

23, k. = 8 10™ mol? cm™ (black) , Kys=5 10” mol? cm™®.

The qualitative correspondence between the experimental curves and the model is good. In
particular, after the steep change of slope, the curve “bends” and forms an enlarged peak. The peak
current obtained at that stage is smaller than the peak current obtained in the absence of M*. The
main difference between the model and the experience is observed near the full coverage of the
surface by MO, solid products. In the model, the merging of the different crystals is not taken into

account. This leads to a brutal passivation of the electrode at large coverage by solid products.
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Theoretically, since MO, is set to be partially soluble, a complete passivation of the electrode should
not occur. If it did, the concentration in O3 near the electrode would decrease, leading to a faster
dissolution of MO, and thus a recovery of the surface. The complete passivation is explained here by
the steepness of the equations, which leads to negative active surface values, unless very short
intervals in time and distance are used. Even under these conditions, the agreement between model
and experience at large ORR overpotential values will remain poor and this is an intrinsic
consequence of the choice of the model. This issue is related to a fundamental question that was
partially answered: is it necessary to take lateral diffusion into account when considering the
passivation of an electrode by the formation of crystals on its surface. If crystals are small enough,
the hypothesis of a homogeneously-accessible electrode with negligible lateral mass-transport
effects is a very good first approximation. This remains true as long as the surface coverage in solid

(passivating) species is not too large, i.e. when merging of crystals does not become too favoured.

Conclusion

The kinetic model of the mechanism proposed to account for the ORR in presence of alkali
metal cations has allowed the validation of several of the hypothesis previously made from the study
of experimental voltammograms. In particular, the measure of AEllgi/"lys has shown to be a good
approximation of the actual difference in standard potentials between the electrochemical steps
(1b) and (1) (scheme VII.1). The importance of the kinetic of these electrochemical steps has also
been emphasized and the possibility of the formation of triple ion-pairs has been considered to
account for the results obtained in presence of Li* and Na* in poor cation-solvating solvents. This
hypothesis might be extended to low-permittivity solvents were the formation of ion-pairs is
favoured.

Based on relatively simple assumptions, the effect of solubility of the intermediates (MO,)
has been taken into account in the model. First simulations have shown the agreement between the
model and the experiments, and a methodology has been proposed to evaluate the thermodynamic
parameters of the mechanism.

It is worth noting that the principles developed for the first reduction process, in particular
the solubility and passivation effects, can also be applied to the formation of M,0, products by the
second reduction process of the generalized mechanism (Scheme VII.1). Thus, the model will be
extended in future work to validate the whole oxygen reduction mechanism in non-aqueous media,

in the presence of alkali metal cations.
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General Conclusion

In the present work, the literature on non-aqueous metal-air (metal oxygen) batteries was
critically reviewed (Chapter 1), with special emphasis on the oxygen reduction reaction (ORR -
Chapter Il). Improving such systems, notably in terms of rechargeability and cyclability, relies on the
thorough fundamental understanding of the double influences of (i) the alkali metal cations and (ii)
the solvent properties (Chapter Ill) on the ORR mechanism. This thesis precisely focused on these
fundamental aspects of the non-aqueous ORR, firstly in the presence of tetraalkylammonium cations
(Chapter 1V) and then of alkali metal cations (Chapter V and VI).

A unique mechanism, which accounts for the effect of alkali metal cations on the reduction
of oxygen in non-aqueous solvents was proposed (Scheme C.1). One of the important basics of this
mechanism is that the alkali metal cations M" are interacting with superoxide O3 anions to form ion-
pairs Mt — 05, which can ultimately form solid alkali metal superoxide MO,. The larger the charge-
density of the cations, the larger the formation constant Ky of the ion-pairs M* — 03, which
translates in ORR voltammograms by a shift of the first oxygen reduction process towards higher
electrode potential values. Furthermore, these ion-pairs can undergo a second electrochemical
reduction to form secondary ion-pairs M+ — O%‘, which, in turn, can precipitate as M,0;, on the
surface of the electrode. Again, the potential of the second reduction process is shifted to higher
electrode potentials when the cation’s charge density increases. The reversibility of this second
reduction step has been demonstrated in the presence of K* in DMSO, owing to the adequate

stability of K* — 03~ in that particular solvent.

Kdisp
MO, + MO, = M0, + O,
Kall MT
i E°1 ) i E°, 0
02 + e = 02' + e = 02
Ke Il MF Kell M*

02 + M++ e = M+'02'-+ e = M+'022-
+
Kol M
M202 ,S
Scheme C.1. Non-aqueous ORR mechanism in presence of alkali metal cations. This mechanism

was validated for any alkali metal cation and many solvents of sufficiently high permittivity.
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The solvent plays a pivotal role in the proposed mechanism. The larger the capability of the
solvent to solvate both M* and O3 species, the larger the solubility product Ky; and the smaller the
formation constant K. These effects cause a shift in potential of the first oxygen reduction upon
addition of the alkali metal cations in ORR voltammograms. Besides, this shift in potential has been
correlated to specific solvent parameters that were introduced (and detailed) in Chapter lIl.

Unlike admitted in some literature, it appears that the sole donor number (DN) is not the
best descriptor of the solvent ability to orient the non-aqueous ORR towards a solution-based
mechanism. Instead, the acceptor number (AN) of the solvent represents a good approximation of
its capability to solvate O, while the gas-phase alkali metal cation basicity (MCB) represents a good
marker of its capability to solvate M*. Chapter VI demonstrated that a combination of these two
parameters (AN and MCB) adequately described the effect of the solvent to orientate the ORR
mechanism. Furthermore, it has been proposed that the extent and the reversibility of the second
oxygen reduction also depends on the capability of the solvent to solvate M" and the secondary ion-
pairs MT — 03~. Using these correlations, it was possible to predict the behavior of other solvents,
but also of solvent mixtures based on the concept of preferential solvation, and thus to rationalize
the design of electrolytes for alkali metal oxygen batteries. This approach led to the development of
a mixture of N,N-dimethylacetamide and ethylene diamine, which evidenced that the reversibility of
the second reduction process in presence of K* was not limited to DMSO.

Finally, in Chapter VII, a kinetic model based on the proposed mechanism was developed.
The effect of ion-pairs formation on the ORR voltammograms was studied: introducing ion-pairs in
the ORR mechanism enabled to justify the experimental measurements proposed, but also to set
their limitations. Based on a simple geometric description of the surface blocking due to the
precipitation of partially soluble salts, the model also successfully reproduced several experimental
features. In particular, the effect of the precipitation of KO, on the voltammograms was simulated.
Finally, it allowed a rough estimation of several thermodynamic constants associated to the
mechanism, which are consistent with tabulated values.

As an important result, this study allowed a better understanding of the ORR mechanism in
presence of alkali metal cations in aprotic solvents. Furthermore, it enabled to establish the basis for
a complete and precise determination of the thermodynamic and kinetic constants associated to the
proposed mechanism, both on the experimental and theoretical sides. Last but not least, the
approximations and techniques used to develop the present kinetic model have shown to be reliable

and efficient.
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Future work will be first devoted to complete this study. More experimental points, in
particular ORR experiments in other solvents and solvent mixtures, are needed in order to further
support the conclusions and refine the correlations presented in this thesis. A better theoretical
understanding of the impact of the ions solvation and the ion-pairs formation on the ORR
mechanism in the presence of alkali metal cations should also be achieved. In addition, a simulation
of the full mechanism (including the second reduction and also the oxygen evolution reactions)
would provide considerable support for many qualitative hypotheses, as well as lead to a
guantitative description of the experiments performed using a rotating ring-disk electrode.

Physical characterization experiments are needed to further confirm several hypothesis of
the proposed mechanism. The actual fine structure of the M™ — 03 ion-pairs has to be clarified and
a characterization of the secondary ion-pairs M* — 03~ is mandatory. Considering the low
concentration of these products in the electrolytes as well as their reactivity, high-precision in situ
spectroscopic techniques, in particular infrared and Raman spectroscopy, are necessary. To date, our
attempts to use these techniques proved unsuccessful, but we have not explored all their
capabilities, yet.

In the course of this work, several open questions were raised. Triple ion-pairs
M* — 05 — M* were introduced as a possible mean to account for the ORR in the presence of high
charge-density and poorly solvated cations. Their actual formation has to be assessed from the
theoretical and experimental points of view (notably using the above-mentioned high-precision in
situ spectroscopic techniques). Using glassy carbon microelectrodes would allow re-examining the
kinetic constants associated to the electrochemical steps without Ohmic drop limitations and using
high potential sweep rate characterizations.

Finally, from a more applied point of view, this work has led to an efficient prediction of the
effect of the solvents, and thus enabled to design new electrolytes with desired properties much

|II

more efficiently. It has also led to the development of simple “model” electrochemical
characterizations to improve their understanding. These characterizations will allow to evaluate the
performances of new technical choices made by Hutchinson SA (but also of others) in the

development of non-aqueous metal-air (metal oxygen) batteries.
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Résumé

Afin de mieux comprendre et de dépasser les limites actuelles des systemes métal-air non-
aqueux, le mécanisme de réduction de I'oxygéne (ORR) a été étudié en présence de cation alcalins
dans divers solvants aprotiques. Sur la base de caractérisations électrochimiques sur électrode
statique et d’électrodes tournantes disque-anneau, un mécanisme unique a été proposé afin de
rendre compte de I'ORR en présence de cations alcalins. De plus, les différences observées d’'un
solvant a I'autre ont été expliquées en termes de capacité du solvant a solvater a la fois le cation
alcalin en présence et I'anion superoxyde, mais aussi a sa capacité a séparer les paires d’ions. Un
modele cinétique basé sur ce mécanisme a montré un excellent accord avec les résultats

expérimentaux.

Abstract

In order to better understand and overcome the current limitations of non-aqueous metal-
air batteries, the oxygen reduction reaction (ORR) mechanism has been studied in presence of
different alkali metal cations in several aprotic solvents. Based on electrochemical characterizations
on static electrode and rotating ring-disk electrode, a unique mechanism has been proposed to
account for ORR in presence of alkali metal cations. It has been further showed that the differences
observed from one solvent to another could be linked to the solvent’s ability to solvate both the
alkali metal cation and the superoxide anion, as well as its capability to separate ion-pairs. A kinetic

model based on this mechanism has shown very good agreement with experimental results.
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