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Abstract

Aprotic lithium/oxygen (Li/O,) batteries are still seen as a highly
promising technology for mobile energy storage, as they, in theory,
exceed the theoretical energy density of state-of-the-art lithium-ion
batteries (LIBs) by roughly an order of magnitude. However, Li/O;
batteries are plagued by a low lifetime and high charging overvoltages
rooting in the poor electronic conductivity of the discharge product
lithium peroxide (Li;O,) and manifold degradation reactions. This
thesis examines two key aspects of Li/O, batteries in detail: first, the
solubility and diffusivity of oxygen within the electrolyte and second,
the possible formation of singlet oxygen ('O,) from reactions involving
superoxides and peroxides during cell cycling.

In detail, this thesis contains a systematic study to determine a
consistent set of Henry’s law constants and diffusion coefficients of
oxygen in different glymes and perfluorinated solvents. The study uses
an experimental approach (time dependent pressure measurements) as
well as simulations (molecular dynamic simulation) to determine the
diffusion coefficients of oxygen. The difference between simulated and
measured diffusion coefficients is sufficiently small, showing that both
approaches can be used to determine these values. The established
methods and protocols can be adapted to study emerging electrolytes
for metal/O, batteries with different polarity and varying magnitudes of
Henry’s law constants and diffusion coefficients.

In recent years, 'O, was identified as possible root cause of the
manifold degradation reactions observed in Li/O, batteries. While
experimental indications were found, a complete picture including
electron transfer theory was missing and thus the role of 'O, is still
controversially discussed. Therefore, literature on singlet oxygen with a
focus on Li/O; batteries is reviewed in this thesis, starting from the first
detection of 'O; in the 1960s. Experimental techniques for detecting and
quantifying 'O, such as trapping, quenching and luminescence as well
as their potential pitfalls are evaluated and discussed. Moreover, for the
first time Marcus(-Hush-Chidsey) theory as a model to describe and
understand 'O, in electrochemistry and especially Li/O, batteries is
introduced and critically discussed. Overall, the review reveals that the
evidence to date is insufficient to assume 'O, formation. The reaction
mechanisms proposed for 'O, formation in the literature must also be
considered with caution.
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The findings of this work provide a profound understanding of the
transport and reaction mechanisms of oxygen and its reduced
counterparts superoxide and peroxide in Li/O, batteries. The concepts
introduced in this thesis can be transferred to neighboring areas like
fuel cells, water electrolysis and metal corrosion processes, thus
advancing the understanding of oxygen reactivity in electrochemical
systems.

viii



Zusammenfassung

Aprotische Lithium-Sauerstoff-Batterien (Li/O,-Batterien) gelten nach
wie vor als vielversprechende Technologie fiir die mobile
Energiespeicherung, da sie theoretisch moderne Lithium-Ionen-
Batterien (LIBs) in Bezug auf ihre theoretische Energiedichte
tibertreffen. Li/O,-Batterien leiden jedoch unter kurzen Lebensdauern
und hohen Ladetiberspannungen, die wiederum hauptsachlich auf eine
geringe  elektronische  Leitfihigkeit des Entladungsprodukts
Lithiumperoxid (Li;O;) und zahlreiche Degradationsreaktionen
zuriickzufiithren sind. In dieser Thesis werden zwei wichtige Aspekte
von Li/O,-Batterien ndher beleuchtet: erstens die Loslichkeit und
Diffusionsfihigkeit von Sauerstoff im Elektrolyten und zweitens die
Moglichkeit der Entstehung von Singulett-Sauerstoff ('O;) durch
Reaktionen mit Superoxiden und Peroxiden wihrend des Zellbetriebs.

Diese Dissertation enthdlt eine systematische Studie zur
Bestimmung einer kohidrenten Reihe von Henry-Konstanten und
Diffusionskoeffizienten fiir Sauerstoff in verschiedenen Glycolethern
und perfluorierten Losungsmitteln. Die Studie verwendet sowohl einen
experimentellen Ansatz (zeitabhingige Druckmessungen) als auch
Simulationen (Molekulardynamik-Simulation) zur Bestimmung der
Diffusionskoeffizienten von Sauerstoff. Der Unterschied zwischen
simulierten und gemessenen Diffusionskoeffizienten ist hinreichend
gering, was zeigt, dass beide Ansitze zur Bestimmung dieser Grofen
verwendet werden konnen. Die etablierten Methoden und Protokolle
konnen fiir die Untersuchung neuer Elektrolyte fir Metall/O,-Batterien
mit unterschiedlicher Polaritdt und unterschiedlichen
Groflenordnungen von Henry-Konstanten und Diffusionskoeffizient
adaptiert werden.

In den letzten Jahren wurde Singulett-Sauerstoff als mogliche
Ursache fiir die zahlreich beobachteten Degradationsreaktionen in
Li/O,-Batterien identifiziert. Zwar konnten experimentelle Hinweise
gefunden werden, jedoch fehlte bislang ein vollstindiges Bild
einschliefSlich Elektronentransfertheorien, sodass die Rolle von
Singulett-Sauerstoff nach wie vor kontrovers diskutiert wird. Daher
wird in dieser Thesis die Literatur zu Singulett-Sauerstoff in Li/O,-
Batterien analysiert, beginnend mit dem ersten Nachweis von 'O, in
den 1960er Jahren. In diesem Zusammenhang werden experimentelle
Techniken zum Nachweis und zur Quantifizierung von Singulett-
Sauerstoff wie Trapping, Quenching und Lumineszenz sowie deren
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potenzielle Probleme evaluiert. Auflerdem wird zum ersten Mal die
Marcus(-Hush-Chidsey)-Theorie als Modell zur Beschreibung und
zum Verstindnis von Singulett-Sauerstoff in der Elektrochemie und
insbesondere in Li/O,-Batterien vorgestellt und kritisch diskutiert.
Diese Thesis zeigt, dass die bisherigen Erkenntnisse nicht ausreichen,
um die Entstehung von Singulett-Sauerstoff anzunehmen. Auch die in
der Literatur angenommenen Reaktionsmechanismen miissen mit
Vorsicht betrachtet werden.

Die  wissenschaftlichen  Erkenntnisse dieser  Dissertation
ermoglichen ein vertieftes Verstindnis der Transport- und
Reaktionsmechanismen von Sauerstoff und seinen reduzierten
Pendants Superoxid und Peroxid in Li/O,-Batterien. Die entwickelten
Konzepte konnen auf benachbarte Gebiete wie Brennstoffzellen,
Wasserelektrolyse und Korrosion von Metallen iibertragen werden und
so das Verstandnis der Reaktivitit von Sauerstoff in elektrochemischen
Systemen fordern.
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INTRODUCTION







Motivation and Outline

Human life has never changed as rapidly as it has in the last century.’
While in many cases this change has been positive, the rapid
industrialization and digitalization of every part of our daily lives has
taken its toll: The composition of Earth's atmosphere changed for the
worse. Years of greenhouse gas emissions have led to an increase in the
concentration of gases such as CO; in our atmosphere and, as a result,
a rise in global temperatures.>® Recently, awareness of this climate
change has grown and policies have begun to be put in place to stop it.
Germany enacted the Renewable Energy Sources Act (Erneuerbare-
Energien-Gesetz, EEG), targeting a reduction of its CO, emissions from
810 Mt of carbon dioxide equivalent per year in 2019 to less than 100 Mt
in 2050.* The share of renewable energy sources in all electricity
produced in Germany is planned to be increased from currently 46% in
2020 to 100% in the same period.** These plans will inevitably result in
an electrification of all industry sectors and our daily lives. Since
renewable energy sources such as wind and photovoltaics are unable to
deliver energy continuously, resilient energy storage systems are
necessary. In addition to the need for improved batteries for
comprehensive electrification of the transport sector, there is a high
demand for batteries for medium- and small-scale energy storage, an
important prerequisite for reducing greenhouse gas emissions and the
transition to renewable energies. While the electrochemical battery has
been around for over 200 years, using them in vehicles and storage
applications in a manner, that could be considered competitive with
petroleum-based fuels and natural gas, has been an incredible challenge.
It is only within the last twenty years of innovation that the concept has
finally become feasible. Today’s high-capacity lithium-ion battery cell
technologies can be seen as the first hopeful steps in transitioning
society towards a new standard in practical and economical
transportation by electric vehicles and energy storage solutions.

Since their commercialization in 1991 by Sony and Asahi Kahei,
lithium-ion batteries were continuously improved, reaching nowadays
a theoretical specific energy wu of the total cell (electrodes, current
collectors and separator) of 421 W hkg", using LiNi.Co,Mn;_,,O
(NCM) as a cathode active material in combination with a graphite
anode.®” However, specific energy and energy density are approaching
their physicochemical limits and alternative battery chemistries are
under investigation to meet the even higher requirements of the
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future.* ' One of these concepts is the transition to all-solid-state
batteries (SSBs), where the normally liquid organic electrolyte is
replaced by a solid, probably polymer-based or inorganic, ion
conductor. These systems could potentially allow the use of lithium
metal anodes while boosting energy density (and also possibly
improving cells safety in case of an internal short circuit).>"

Alternatively, new cell concepts could be employed. One of these
promising concepts are conversion-type batteries such as
lithium/oxygen cells (Li/O,). As oxygen is available from our
surrounding atmosphere and additionally provides a high oxidizing
potential, battery concepts based on oxygen emerged as the holy grail of
electrochemistry.'” In 1996, Abraham and Jiang first described the Li/O,
battery by combining a lithium metal anode with an oxygen cathode.”
Since lithium is a lightweight element and oxygen theoretically does not
need to be stored in the battery but can be obtained directly from the
atmosphere, Li/O, batteries exhibit an exceptionally high energy
density and specific energy.

Theoretically, a specific energy of 3485 W h kg could be reached
with such cells (at active material basis and a fully discharged state,
essentially the capacity of Li,0,)."* The promising high theoretical
energy densities and demand for new battery chemistries sparked
substantial efforts over the last 15 years to investigate and develop Li/O,
batteries, which manifested in numerous scientific publications and
patents. Nevertheless, the euphoric interest of the early years quickly
eased as serious chemical and electrochemical challenges surfaced,
involving the core working principles of this battery system. Li/O,
batteries typically exhibit high overvoltages during discharging and
charging, and thus low round trip efficiency factors."”” One of the causes
is that the discharge product, lithium peroxide (Li,O,), is insoluble in
the organic electrolytes and has, at best, modest electronic
conductivity.” On the other hand, the exact discharge and charge
reaction mechanism has not yet been fully elucidated. However, it can
be assumed that it contains purely chemical steps which cause
additional energy contributions."” In addition, all liquid electrolytes
applied, such as the carbonates used initially, and ethers, sulfoxides and
ionic liquids used later, have been shown to decompose under the
unfavourable combination of high cell voltages and reactive oxygen
species."®** But not only the electrolytes used decompose, also the
porous carbon cathodes and lithium metal anodes are prone to
corrosion in contact with reactive oxygen species, leading to surface
passivation and CO, formation.”” Recent experimental work has
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identified singlet oxygen ('O;) as a possible reactive oxygen species and
root cause of the aforementioned problems.”* To date, these hurdles
have not been overcome despite intensive research over the past two
decades, and thus the electrochemical performance of Li/O; batteries in
terms of energy efficiency and cycle life remains poor.

This doctoral thesis focuses on the role of oxygen in Li/O; batteries,
to gain a deeper understanding of the fundamentals of these systems
and thus to pave the way for new research areas. As a starting point, the
electrochemical and chemical fundamentals of aprotic Li/O, batteries
are presented and the different cell architectures are explained in more
detail in Chapter 2. The major challenges of Li/O, batteries are
identified and strategies to overcome these challenges are presented.
Subsequently, Chapter 3 briefly summarizes concepts describing the
solubility and diffusion of gases inside solvents, electrolytes and Li/O,
batteries. In Chapter 4, different electron transfer models and their
relevance in (electro)chemistry, especially batteries, are presented.

The main results of this doctoral thesis are summarized in two
scientific publications. Chapter 5 (Publication I) covers the diffusion
coefficients and Henry’s law constants of oxygen in different solvents.
The publication “Diffusivity and Solubility of Oxygen in Solvents for
Metal/Oxygen Batteries: A Combined Theoretical and Experimental
Study” determines experimental and theoretical values for both
parameters, which are often unknown or scatter widely in literature.
Evaluating these parameters in typical solvents and electrolytes is
essential towards better quantitative understanding and finally
improvement of metal/oxygen batteries. Using oxygen uptake
experiments and molecular dynamics simulations (performed by
cooperation partners at Tel Aviv University), theoretical and
experimental approaches to determine oxygen diffusion coefficients in
several commonly used solvents are compared. Diffusion coefficients
and Henry’s law constants of oxygen for a series of glymes with different
chain length and perfluorinated solvents are reported. The benefits of
using both experiment and simulation to determine these parameters
are also discussed. The difference between simulated and measured
diffusion coefficients is small in comparison to the magnitude of the
coefficients in all nine investigated solvents, opening up the possibilities
of using simulations instead of experiments.

Chapter 6 (Publication II) covers the current understanding of
singlet oxygen in metal/O, batteries, with a focus on the Li/O, system.
The review article “Singlet Oxygen in Electrochemical Cells: A Critical
Review of Literature and Theory” provides an extensive literature
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overview and discussion of the historic development of the
understanding of 'O, in (electro)chemistry.”® Validation, evaluation
and understanding of the formation of 'O, is essential for improving
metal/O, batteries, therefore Marcus(-Hush-Chidsey) theory is used
for the first time to discuss the possibility of 'O, formation in metal/O,
batteries as a product from (electro)chemical reactions. It can be
concluded that experimental evidence is yet not fully conclusive and
side reactions can play a major role in verifying the existence of 'O..
Following the in-depth analysis, the conclusion that 'O, can only
originate from a chemical step is drawn. A direct electrochemical
generation of 'O,, as proposed by others, can be excluded based on
theoretical arguments.

Lastly, in the concluding Chapter 7, the findings presented in the
publications of this doctoral thesis are summarised and evaluated in the
context of the scientific background. Open questions in the areas of
diffusion and solubility of oxygen, as well as the electrochemistry of
oxygen, are identified, and approaches to solve them are proposed. The
thesis closes with an outlook on future research in the field of the
electrochemistry of oxygen, which builds on the work and findings
presented here.



2.1

The Aprotic Lithium/Oxygen Battery

The Li/O, electrochemical couple in a secondary battery was first
experimentally introduced by Semkow and Sammells in 1987.” Their
setup contained a Li-alloy anode in a molten salt electrolyte, separated
from an oxygen cathode by an oxygen-conducting solid electrolyte.
When discharged, lithium oxide (Li,O) is formed as a product, which
dissolves in the molten salt electrolyte. The use of a solid electrolyte and
a molten salt electrolyte required temperatures between 600-800 °C for
operation. The Li/O, electrochemical couple was later rediscovered by
Abraham and Jiang in 1996." The discovery was made coincidentally
during in situ investigations on the electrochemical intercalation of Li*
into graphite in a Li/C cell with a polymer electrolyte.”® They extracted
the gases formed during intercalation with a syringe and accidentally
injected oxygen into the cell. When the experiment resumed, a higher
voltage of about 3V versus Li*/Li and an increased capacity were
observed. Later, they introduced oxygen into a Li/C cell to demonstrate
the feasibility of a Li/O, battery with an organic, Li*-conducting
electrolyte. They also identified the main discharge product as lithium
peroxide (Li,O,).” Their publication can be understood as the birth of
the modern Li/O, battery, since today’s batteries, although progress has
been made, do not differ significantly in their architecture from
Abraham and Jiang's original design.

ARCHITECTURES OF LITHIUM/OXYGEN BATTERIES

Aprotic Li/O, batteries are based on the formation and decomposition
of Li,O; at the cathode, according to the following (simplified) reaction:

2Li+0,=2Li,0, E°=296V vsLi*/Li 2.1)

The Li;O, formed is practically insoluble in aprotic electrolytes and
therefore deposits on the cathode surface in the form of thin films or
toroidal clusters, depending on the exact electrolyte used. In the
literature, several values are used for the theoretical energy densities of
such a Li/O; battery. Theoretically, gravimetric energy densities of up
to 11400 Wh kg and volumetric energy densities of up to 6080 Wh L
are possible in the fully charged state, assuming that no oxygen is stored
in the battery."* These values correspond, in principle, to the capacity of
the lithium metal anode, ignoring the mass and volume of the oxygen
needed for operation. However, during the discharge process, oxygen is
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Figure 2.1. Cell

architectures of Li/O: batteries.
A) Aprotic, single-
compartment architecture.
This design is the most
prevalent in literature due to
its relatively simple setup. The
electrolyte used is commonly
based on DMSO or diglyme as
solvent, LiTFSI is often used as
conducting salt. Glass fiber
papers or polymer films are
used as separators.

B) Aprotic, two-

compartment architecture. The
electrolyte is separated into
two compartments by a
lithium-ion conducting solid
electrolyte. The separation
prevents the diffusion of
dissolved gases, intermediates,
and side products at the
cathode side to the anode as
well as a crosstalk between
electrodes. Both compartments
use the same electrolyte, which
are in general DMSO and

glycol ether-based electrolytes.

THE APROTIC LITHIUM/OXYGEN BATTERY

lithium separator aprotic carbon atmosphere
anode electrolyte cathode

lithium solid aprotic carbon atmosphere
anode electrolyte electrolyte cathode
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C) All-solid-state architecture.
The liquid electrolyte is
replaced by lithium-ion
conducting solid electrolyte.
Solid electrolytes commonly
used in the literature are, for
example, LISICON, LAGP,
LATP and LLZO. The cathode
consists of a porous mixture of
solid electrolyte and carbon.
D) Aqueous, two-
compartment architecture.
Again, the electrolyte is
separated into two
compartments, one containing
an aprotic electrolyte and the
lithium metal anode, the other
containing an aqueous
electrolyte and the cathode.
Discharging a Li/O: cell in an
aqueous electrolyte results in
LiOH dissolved in the

lithi i elertisive b t h electrolyte, in contrast to Li>O»,
thium solia electrolyte carbon atmosphnere which is deposited onto the

anode cathode electrode.

lithium solid aqueous carbon atmosphere
anode electrolyte electrolyte cathode
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Figure 2.2. Structural formulas
of commonly used organic
solvents for Li/O; batteries.

a) DMSO, b) monoglyme,

¢) diglyme, d) DOL, e) ACN,
f) N,N-dimethylacetamide,

g) DMF

THE APROTIC LITHIUM/OXYGEN BATTERY

incorporated into the battery in the form of lithium peroxide. If the
discharge product lithium peroxide is chosen as the basis for
calculation, values of 3458 Wh kg and 3445 Wh L are obtained for
the fully discharged state, respectively.'* These values are even further
decreased by taking other components of the battery into account, such
as the current collectors, the electrolyte or the porous carbon cathode.
When considering the inactive components of the battery in the
calculations, it should be noted that several cell architectures can be
distinguished. For practical applications, pure oxygen must be provided
to the battery to suppress side reactions with H,O, CO, and N, and two
possible approaches can be distinguished. On the one hand, closed
systems, providing oxygen by means of an internal tank. On the other
hand, open systems, which obtain oxygen from the atmosphere. In this
case, additional filters are required to remove CO,, H,O and N, from
the gas flow into the cell and to prevent evaporation of the electrolyte.
If the aforementioned cell components are taken into account, practical
energy densities in a range of ~450-600 Wh kg and 450-700 Wh L
can be assumed.'***" These values are considerably lower than their
theoretical counterparts, but still higher than theoretical and practical
values of materials used today in lithium-ion battery, which are around
250 Wh kg'.*" An accurate determination of practical energy densities
of Li/O, batteries seems not possible these days, since this technology is
still at an early stage of research and no well-working prototypes exist.

Today, different cell architectures are used, which are shown in
Figure 2.1. Their structure and setup-related problems/drawbacks are
briefly described in the following.

A conventional single-compartment setup consists of a lithium
metal anode, a liquid aprotic Li*-conducting electrolyte, and a porous
carbon-based cathode permeable for O, from the surrounding
atmosphere (Figure 2.1 A). A variety of combinations of electrolyte
compositions and cathode materials have been used in Li/O, batteries
to date, of which aprotic, glycol ether based electrolytes and
carbonaceous cathodes have become the most prevalent.”> An overview
of used solvents in the literature is given in Figure 2.2 and of the
conducting salts used in Figure 2.3. The most commonly used
conducting salt is lithium bis(trifluoromethanesulfonyl)imide (LiTFSI)
as it exhibits high discharge capacities, good (electro)chemical stability
and considerable ionic conductivity.”> However, like all conducting salts
used in Li/O, batteries, it undergoes partial decomposition forming LiF,
among others.” The electrolyte also has a strong influence on the
reaction mechanisms during discharging and charging. Depending on
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the ability to stabilize and dissolve the intermediates of the reaction
mechanism Li,O, deposits as a film or as a particle on the electrode
surface. This topic is further discussed in Section 2.3. At the anode,
lithium metal electrodes are used since they offer theoretically higher
energy densities than, e.g., graphite anodes. Lithium metal electrodes in
turn come with their own challenges: The highly reactive lithium metal
surface reacts with the electrolyte itself and with dissolved gases in the
electrolyte, especially O,, CO,, N,, and H,0.” This can also lead to a
crosstalk between electrodes, where a species is reduced at the anode,
diffuses to the cathode, reacts, and diffuses back to the anode again.”**
The crosstalk between electrodes can consume the lithium metal anode
and leads to a reduced coulombic efficiency of the battery.*

Alternative architectures, based on two-compartments separated by
a Li'-conducting solid electrolyte membrane, were introduced to
protect the lithium metal anode and to suppress the crosstalk between
electrodes (referred to as hybrid Li/O, battery, Figure 2.1 B).” Both
compartments still contain a liquid electrolyte. The electrolyte
membrane materials used in the literature are, e.g., Li13Alo3Ti17(POs4)s
(LATP), Li;La;Zr;012 (LLZO), Litsxey(Ti,Ge)2Si,Ps,012 (LISICON)
and Li; sAlosGe15(PO4)s (LAGP).”* While these setups suffer less from
dissolved species in the liquid electrolyte, they are instead limited by the
ionic conductivity of the solid electrolyte used.

In addition to hybrid approaches, all-solid-state Li/O, batteries are
also discussed as an alternative to liquid electrolyte-based cells (Figure
2.1 C). In all-solid-state Li/O, batteries, the liquid electrolyte is
completely replaced by a solid Li*-conducting electrolyte. The porous
cathode consists of a mixture of solid electrolyte and carbon, which
provides three-phase boundaries for the reaction of O, to Li;O,. In
contrast to liquid electrolytes, the solid electrolyte cannot be displaced
from the cathode, which limits the available pore volume for the
deposition of Li,O, in the cathode. However, it is possible to fabricate
cathodes with sufficient pore volume for the deposition of Li,O,.*' So
far, ceramic materials have been mainly used as solid electrolytes, such
as LATP and LAGP.®** As already mentioned above, the cell
performance is limited by the insufficient ionic conductivity of the solid
electrolyte at the moment. Thus, further progress of such batteries is
directly linked to further improvements of solid electrolytes.

One of the challenges encountered by the described aprotic Li/O,
cell setups above is the deposition of solid Li,O,, which limits the
maximum capacity and rate capability of the battery. Since the
deposited Li,O, has a low electronic and ionic conductivity, it blocks
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further electron transfer at the electrode surface. One way to overcome
this limitation is to use aqueous electrolytes at the cathode (Figure 2.1
D) instead of electrolytes based on aprotic, organic solvents. In these
cells, soluble lithium hydroxide is formed as discharge product:*

4Li+0O,+2H,0=4LIOH E°=344V (2.2)

Since the lithium metal anode reacts with water, the use of single-
compartment architectures is precluded, and two-compartment
architectures are always used. This approach was popularized by the
PolyPlus Battery Company in 2015, but did not result in commercial
applications. *>**** Unlike in aprotic Li/O, batteries, the electrolyte in
aqueous Li/O, batteries participates in the discharge reaction and is
consumed, and therefore more electrolyte is required to operate an
aqueous Li/O, battery (Equation (2.2)). This leads to a higher overall
weight and volume of the battery and, in return, to lower energy
densities compared to their aprotic counterparts. ¥~

The work presented here focuses on the transport and reactions of
oxygen in Li/O, batteries that use an aprotic electrolyte since they show
better rechargeability and higher energy densities than aqueous Li/O,
batteries. They also have attracted the most research effort in the field
of metal/O, batteries. The limitations, fundamental reactions, and
processes of aprotic Li/O, batteries are explained in more detail in
Sections 2.2 and 2.3.

LIMITATIONS OF APROTIC LITHIUM/OXYGEN BATTERIES

The challenges and limitations prohibiting practical application of
single-compartment Li/O, batteries with aprotic liquid electrolytes can
be divided into different categories: limitations of the discharge
capacity, use of Li-metal anodes, charging overvoltages, and
degradation reactions, which will be discussed hereinafter in detail.

Two reasons have been identified for the poor discharge capacities
of Li/O, batteries: On the one hand, the porous cathode structure gets
clogged by deposited Li,O, during discharge, preventing further
diffusion of O and Li* into the electrode and thus limiting the amount
of reactants reaching the electrode surface.”* Moreover, areas deeper
inside the cathodes of metal/O, batteries are known to partake less in
discharge reactions due to limited supply of O..>> On the other hand,
Li,O, exhibits a low electronic and ionic conductivity, preventing
charge transfer from the electrode to O, in the solution.'® The
underlying reaction mechanisms, resulting in the deposition of Li,O,,
are further discussed in Section 2.3.
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A considered necessity in literature for high energy densities is the
use of lithium metal anodes.® However, lithium possesses two major
hurdles for application in Li/O, batteries. One being the tendency of
lithium to form dendrites during plating, resulting in short circuits and
danger of thermal runaway while charging.”” The other being the low
standard electrode potential of lithium metal, resulting in a strong
reducing ability.®® When a lithium metal electrode is brought into
contact with an electrolyte, the surface will be quickly covered with a
solid electrolyte interface (SEI), formed from degradation products. In
addition, since the electrolyte is generally saturated with oxygen, an
oxide layer is formed on the electrode surface. Assuming that a stable
SEI has formed, the electrode surface is protected from further
degradation reactions with the electrolyte. However, the SEI is too rigid
to compensate for the volume changes of the anode during stripping
and plating of lithium, which results in cracking of the SEI and exposing
of pristine lithium metal to the electrolyte. Therefore, degradation
reactions continuously consume lithium at the unprotected surface
regions, resulting in low coulombic efficiency. The decomposition of
solvents and conducting salts at the anode can also affect the processes
at the carbon cathode, since at least some of the degradation products
dissolve in the liquid electrolyte, diffuse to the cathode and interfere
with the cathode processes.***>*7~°

In addition to degradation reactions at the anode, degradation
reactions also occur at the cathode. This was experimentally shown by
investigations with isotope-labelled cathodes and electrolytes.”** The
starting point of the cathode degradation is the reaction of precipitated
Li,O,, which reacts with the carbon cathode forming a lithium
carbonate thin film. High electrode potentials seem to favor the
decomposition of the carbon cathode, since the decomposition
products are predominantly formed at the end of the charging step.”
To limit the degradation reactions, alternative stable electrode
materials, which do not react when in contact with Li,O,, were
investigated in the past. As proof of concept, nanoporous gold
electrodes, which do not react with Li,O,, and titanium carbide (TiC)
electrodes, which form a stable oxide layer preventing further reaction,
were used.®®' However, while evolution of CO, during charging was
reduced, decomposition reactions still take place in these systems.
Another approach is to reduce the charging voltage, for which various
heterogeneous catalysts have been used (e.g., MnO,, RuO,, and Pt/Au
nanoparticles).®*"** One problem with the application of heterogeneous
catalysts is that the effect of the catalysts is limited to the direct contact
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area between deposited Li,O, and catalyst particles. During charging,
Li,O, particles inevitably loss contact with the catalyst particles,
rendering the catalyst useless. The catalysts used also show low
selectivity, which results in the promotion of degradation reactions in
some cases.” In recent years, mainly redox mediators have been used,
which are homogeneously dissolved in the electrolyte (see Figure 2.4).
They enable indirect charge transport from the electrode surface to the
deposited Li,O,. Important examples here are TTF'/TTF and
TEMPO'/TEMPO (Figure 2.4).°% The charging voltage can thus be
limited to the normal potential of the redox mediators, which is
generally a few 100 mV above the normal potential of 2.96 V vs Li*/Li.
Although numerous aprotic solvents have been used to date, a
completely stable solvent has not yet been found."'*** Among the
solvents studied, linear ethers such as diglyme are considered the most
stable and were therefore selected for the experiments described in this
work. The cause of the solvent decomposition during the discharge is
mainly attributed to the superoxide ion (O,’) formed, which occurs as
an intermediate species.'™””° Figure 2.5 shows an example of a
predicted decomposition pathway of the commonly used solvent
diglyme.” In it, O, first abstract an H-atom in the a-position to the
ether group, forming a stabilized radical. In the presence of O,, the
radical directly forms the ether peroxide, which further decomposes.
Typical decomposition products include H:O and CO, as well as
insoluble solids such as lithium carbonate (Li,COs), lithium formate
(CHO,Li), lithium acetate (CHsCO,Li), polyethers and polyesters.
However, this mechanism must be considered with caution. The
superoxide ion is described in the literature as a base with a pKa of 10.6—
12.3 in DMSO. A much higher pK, is observed when a proton-induced
disproportionation is considered, which removes HO, from the acid-
base equilibrium. In this case, an effective pKy of 23 is obtained in
water.”! H-atom transfer or deprotonation of the solvent are also not
observed in the mechanism of disproportionation of O,. Nor is
superoxide a strong oxidizing agent with a standard potential of around
-1.8 vs NHE in aprotic solvents.”> Therefore, many degradation
reactions can probably be attributed to O, or the corresponding
peroxides, the products of superoxide disproportionation.
Autoxidation of ethers in the presence of oxygen was also observed and
appears to play a role.”” XPS studies show that the decomposition of
solvents is initiated by solid Li,O,.”* The conducting salts used, such as
LiTFSI, are also decomposed to form insoluble LiF.**”* During
charging, the decomposition products are partially oxidized, releasing
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CO,, which in turn reacts with Li,O, and O, in later cycles to form a
variety of peroxycarbonates and LiCO:/*7® In addition, solvent
decomposition seems to occur during charging due to the higher
voltages used, leading to an overall accumulation of lithium carbonate,
formate, and acetate on the electrodes and inside the electrolyte.’**' In
2012, McCloskey et al. suggested that defects in the deposited Li,O, play
a role in the described degradation process.”” Another degradation
mechanism reported in the literature is the formation of singlet
oxygen.”*”>® Since this mechanism has been highlighted in particular
in this work, it will be discussed in detail in Publication II (Chapter 6).

FUNDAMENTAL REACTIONS IN Li/O, BATTERIES

The Li/O, battery quickly proved to be a challenging system from a
kinetic standpoint. Abraham and Jiang identified Li,O; as the discharge
product but the exact reaction mechanism remains unclear to this day."

As in any electrochemical cell, the overall reaction can be divided
into two half-cell reactions at the anode and the cathode. At the anode,
lithium is stripped and plated during battery cycling. This step also
comes with its own challenges (e.g., dendrite formation and formation
of a solid electrolyte interface), but these are not the focus of this work.*!

At the cathode side, reactions leading from O, to Li,O, (during
discharge) are generally summarized as oxygen reduction reaction
(ORR). Their counterparts during charging, leading from Li,O, to O,,
are subsumed under the term oxygen evolution reaction (OER). During
ORR, starting from dissolved oxygen, it is necessary to transfer two
electrons in total to form, together with two Li* ions, lithium peroxide.
A transfer of two electrons combined with the association of two cations
can be mapped in a scheme of squares (Figure 2.6). * In this scheme, a
horizontal step corresponds to an electron transfer characterized by a
standard electrode potential, while a vertical step represents the

Figure 2.5. Proposed
decomposition path of diglyme
during discharge of Li/O:
batteries according to
Freunberger et al.?°
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Figure 2.6. Scheme of squares
for the reduction of oxygen in
Li/O; batteries. E;,j are the
standard electrode potentials
of the various redox couples,
Ki,; are the dissociation
constants. Unlikely
intermediates and reaction
paths are shown in gray.
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association of a cation described by an equilibrium constant.” A step
along a diagonal is equivalent to a concerted mechanism, in which an
electron and cation are transferred in one-step (e.g., in the case of H":
concerted proton electron transfer (CPET)").*** Before discussing the
possible reaction mechanisms, the scheme can be simplified by
cancelling unlikely intermediates (indicated by the gray coloring in
Figure 2.6). In the case of O, reduction, it can be assumed that LiO,",
Li,0,** and Li;O," do not play a major role. The scheme could be
extended to include Li,O, but it has never been found in Li/O, batteries
so far. Starting from O,, assuming only le™ transfers take place, the
formation of superoxide is the first step (the case of a 2e” transfer is
discussed in more detail in Publication II (Chapter 6)):

0,+e =0, E°=25VvsLi'/Li* (2.3)

Following the formation of superoxide, two reactions are possible: a
further reduction to a peroxide anion or the association of a lithium
cation. The formation of a peroxide anion is unlikely, since the anion is
hardly stabilized in the electrolyte.** In contrast, the formation of LiO,
as an intermediate is widely known in the literature.'”*%

Lit+ 0, 2 LiO, (2.4)

After the formation of LiO,, the radical may undergo various types of
reactions. First, LiO, could be further reduced at the electrode surface,
followed by association with another Li* ion, forming Li,O..

" The number of possible ways through such a scheme of squares can be derived from Pascal’s
triangle, see Appendix A.

Caution has to be exercised, when talking about concerted electrochemical reactions, due to the
different time scales of electron transfer and cation association. While the association of cations
involve the movement of a nucleus, the transfer of an electron happens “instantaneously”, and the
involving atoms do not move in the electronic transition (Franck-Condon principle). This results
in the restriction, that it is not possible to be “in between” two oxidation states, while moving along
vertical lines is possible. In many cases, concerted reaction mechanisms could also be described as
jumping horizontally between two adjacent vertical lines, while moving along them. They are still
concerted since no intermediates occur.
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LiO, + e 2 LiO,’ (2.5)

LiO,” +Li* 2 Li,0, (2.6)

Reactions (2.3)+(2.4)+(2.5) form an ECE (electrochemical-chemical-
electrochemical) reaction scheme, which can be further separated into
two kinetic behaviors, depending on whether (2.4) is irreversible or
reversible.*” At this point, it should be mentioned, that the reduction of
LiO; is easier than the reduction of Oy, since the additional charge is
added to a neutral molecule, avoiding coulombic repulsion.®

Another possibility is the reduction of LiO, by O, in the solution,
followed by the same association step mentioned before. This amounts
to an electron transfer disproportionation, since LiO, and O, have
formally the same oxidation state.

LiO, + 0,” 2 LiO, + O, 2.7)

The mechanism can again be further subdivided depending on the
overall rate of reaction (2.4). If the backward reaction of (2.4) is slower
than the following disproportionation (2.7), reaction (2.4) is also the
rate-determining step. In the case, where the backwards reaction is
faster than (2.7), reaction (2.4) acts as a pre-equilibrium preceding (2.7),
which is then the rate-determining step.”

Finally, two LiO, moieties could disproportionate to form Li,O, and
O, directly.

2Li0, = Li,0, + O, (2.8)

As in the case of (2.7), according to whether (2.4) or (2.8) (with (2.4)
acting as a pre-equilibrium) is the rate-determining step, two different
limiting behaviors are met.*

While the intermediate LiO, is well-known in the literature, the
exact following mechanism resulting in Li;O, is unknown.'”*
Commonly used methods such as electrochemical impedance
spectroscopy (EIS) or cyclic voltammetry (CV) are not able to decipher
the underlying mechanism, since the different possible mechanisms
lead to the same response in the experiment (e.g., the resulting CV
curves in the case of ECE and disproportionation mechanisms are
identical).** Other methods such as XRD fail to identify short-living
intermediates such as LiO,. The problem is further complicated here by
the fact that the Lewis basicity of the electrolyte solvent, typically
classified by the Gutmann donor number (DN), appears to strongly
influence the discharge process.'””'" Solvents with a high DN such as
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Figure 2.7. Schematic
representation of the reaction
mechanisms leading to Li>O>.

Left: Oz is reduced to O,
which diffuses into solution to
form LiO». LiOz is then
reduced in solution to form
Li>Os. Finally, Li>O: is
deposited onto the electrode.
Alternatively, LiO: is reduced
at the electrode to Li>O..
Right: Oz is reduced to Oz,
which adsorbs onto the surface
and forms LiOa. LiO:
disproportionates to Oz and
Li,O: or gets reduced to Li>O..
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DMSO are able to dissolve and stabilize the intermediate LiO,, which
enables the diffusion of LiO, away from the electrode. The dissolved
LiO; is than further reduced to Li,O; in the solution or on the surface of
already existing Li,O, particles, leading to larger, toroidal particles. The
formation of such particles is favored at low current densities since
lower concentrations of intermediates, and their respective reaction
rates, allow time for diffusion away from the electrode. The
aforementioned behavior is also known as the solution-controlled
mechanism. In the case of low DN solvents, such as acetonitrile, the
intermediate LiO, is hardly soluble in the electrolyte. The surface of the
electrode gets covered with a thin film of Li,O,, quickly blocking further
charge transfer across the cathode/electrolyte interface since Li,O, is an
electronic insulator. This process is commonly referred to as the
surface-controlled mechanism. This behavior can typically be observed
at high current densities, where the electrolyte is unable to dissolve
completely the LiO, formed.

Analogies to the processes described above can be found in related
systems. In the case of the similar H,/O, system, the mechanism is
known for aprotic solvents and proceeds via the reduction of HO, by
O; in the solution to H,0,.*>**

02 +e &= 02_ (23)
H*+ 0,” = HO, (2.9)

HO, + O, 2 HO, + 0, (2.10)
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In the case of Na/O, batteries, sodium superoxide (NaO,) is the main
discharge product but sodium peroxide (Na,O,) is also possible, if traces
of water are present in the battery.”” Moving down along the main group
elements, K/O, batteries form exclusively KO, as discharge product.”
In recent years, research on secondary Mg/O, and Ca/O, batteries
started.””® In the case of Mg/O, batteries, magnesium peroxide (MgO.)
and magnesium oxide (MgO) are formed as discharge products.”'” In
Ca/O; batteries dissolved calcium superoxide (Ca(O,).) seems to be the
discharge product.'”" However, research is still in its infancy and at the
present time neither kinetic data on the systems exist nor have the
reaction mechanisms involved been elucidated.”® Similar to other
metal/O, batteries, the initial step in both systems appears to be the
reduction of O, to O,

Coming back to the Li/O, system, during charging, Li,O, is oxidized
at the cathode to molecular O, and Li* ions, according to reaction (2.11):

Li202 ;‘02+2Li++26' (2.11)

The exact mechanism during charging is again unknown and almost all
literature dealing with this topic is based on theoretical calculations.
However, it is widely assumed that the charging mechanism is not the
reverse of the discharge mechanism and LiO, does not play a role."*!
While the discharging process starts from dissolved O,, charging starts
from deposited Li,O,, which is insoluble in the electrolyte and has poor
electronic and ionic conductivity (the electronic conductivity of bulk
Li,O, is around 10°-10®mS cm™)."*'> Since no solution phase
mechanism is possible, two negative charges need to be transferred
from the Li,O,/electrolyte interface through the Li,O, bulk phase to the
Li,O,/electrode interface. Two major mechanisms are described in
literature: Viswanathan et al. stated that the electronic conductivity of
Li;O, films is dominated by the tunneling of holes.'" In contrast,
theoretical calculations of Radin et al. predicted that intrinsic point
defects control the conductivity in the bulk phase of Li,O,. Negative
lithium vacancies Vi and hole polarons, comprising of electron holes
h* at oxygen dimers, have been identified as the major defects enabling
the transport of Li* ions and electrons, respectively.'”'** A theoretical
and experimental study by Luntz et al. suggests, that the hole tunneling
path seems to dominate at high current densities, while the charge
transport via hole polarons dominates at low current densities.'””

Of course, the above-mentioned overall reactions represent ideal
cases, which not describe all aspects of Li/O, batteries. Degradation
reactions can play a major role in these batteries, which is especially

19



20

THE APROTIC LITHIUM/OXYGEN BATTERY

noticeable during charging. While the oxygen consumption during
discharging is in most cases close to the expected value of 2e/0O,
molecule, oxygen evolution during charging is significantly lower than
expected. This is generally seen as an indication of a significant
contribution of parasitic side reactions.'®?*1%17

The reaction mechanisms discussed above have a profound
influence on the energy efficiency of Li/O, batteries, since the overall
achievable discharge capacity depends on the prevailing discharge
mechanism. Batteries with electrolytes favoring the surface-controlled
mechanism show lower discharge capacities than batteries favoring a
solution-controlled mechanism. This is due to the blocking of the
electrochemical active surface by Li,O; in the case of surface-controlled
mechanisms, limiting the discharge capacity. Thus, disproportionation
in the solution is highly desirable for high discharge capacities but only
steps of the reaction mechanism involving an electron transfer to or
from an electrode can be efficiently used for energy storage. In the case
of a disproportionation in solution during discharging, the released
energy cannot be utilized and is lost as heat. Lost energy must be added
back to the system during charging, resulting in higher charging
voltages compared to systems without disproportionation. A
disproportionation step can therefore be understood as an energy
penalty for the battery system since such a step reduces the possible
energy drawn during discharging and simultaneously increases the
energy needed during charging. Disproportionation as part of
discharge or charge mechanisms must be considered whenever more
than one electron is transferred in total. Whether a system tends to
disproportionate can be determined from its thermodynamic
properties such as the standard potentials of the species involved.*

In this chapter, the general cell architecture of Li/O, batteries
investigated in the literature, as well as the limitations and challenges
they face, were described. Section 2.3 highlighted the possible
underlying reaction mechanisms and their impact on the battery
performance. In the following, two remaining aspects of Li/O, batteries
are discussed: first, the transport of oxygen in the electrolyte, which can
be described using solubility and diffusion. And second, the description
of relevant models of electron transfer at electrodes and their use in
(Li/O,) battery research.



3.1

Diffusion and Solubility of
Gases in Liquids

Unlike most batteries, the design of Li/O; batteries includes a gas phase
that stores and delivers one of the redox-active species. During
discharging, gaseous O, dissolves in the electrolyte, diffuses to the
electrode surface, is reduced, and forms Li,O,. On charging, the process
is reversed, with O, being released from the electrolyte again. The
solubility and diftusivity of O, play a critical role in Li/O, batteries since
they limit the maximal amount of dissolved oxygen and the transport
of O, within the electrolyte. Therefore, understanding and describing
these parameters is essential in Li/O, battery research. This chapter
briefly introduces the physicochemical background of the solubility of
gases in liquids and their diffusion in them.

SOLUBILITY OF GASES IN LIQUIDS

Many models have been employed in literature to describe the solubility
of gases in liquids. One of them is the so-called cavity model, which
divides the solubility process into two steps.'®''* In the first step, a
cavity of suitable size to accommodate the solute molecule is created in
the solvent, which requires to do work against the surface tension o of
the liquid. In the second step, a solute molecule or atom is introduced
into the cavity, which then interacts with the solvent, resulting in a gain
of interaction energy E; between solvent and the inserted
molecule/atom. Strong interactions with the solvent result in larger E;
and higher solubility. The logarithm of the solubility L can be calculated
from this process by Equation (3.1) for a spherical solute with radius
r."? The solubility L, also known as the Ostwald coefficient, is defined
as the concentration of the gas (the solute) in the liquid phase (C]g“)
divided by the concentration of the gas in the surrounding atmosphere
(Cgtm).m’114 Both concentrations are given in units of molarity.
Assuming that the interaction energy E; is independent of the solvent
leads to a linear relation between In L and the surface tension o.

il ]g“ 4nr’o + E;
nL=In

=- 3.1
Cgtm kB T ( )

Although bulk surface tension might not be appropriate to calculate the
energy of formation of a molecular-sized cavity, the model agrees well
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Figure 3.1. Logarithm of L of
O; as function of the surface
tension for solvents used in
Li/O; batteries. Data taken
from own measurements and
ref. 25,115-119. The numerical
values as well as the fit
parameters are given

in Table B.1.
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with experiments.'® Figure 3.1 shows the O, solubility for some solvents
used in Li/O; batteries. The positive y-axis intercept corresponds to an
attractive interaction between oxygen and the solvents. Up to this point,
the described theory refers to pure solvents and not electrolytes used in
Li/O, batteries, which consist of a mixture of different solvents and salts.
For electrolytes, salting in and salting out effects have to be considered
to describe comprehensively the solubility of gases. Salting in/out refers
to the increase/decrease of the solubility of a solute when increasing the
ionic strength of a solution. The theoretical approaches to describe the
effect of salting in/out can be classified into four categories:
(1) hydration, (2) electrostatic, (3) van der Waals, and (4) internal
pressure effects:

(1) Hydration theories assume that hydration of ions leads to
effective removal of water molecules from their role as a solvent,
explaining the salting out. In contrast, these theories do not provide an
explanation for the salting in of solutes.

(2) Electrostatic theories relate the salt effects to the influence of the
non-electrolyte on the dielectric constant of the solvent. In general, they
can be divided into two approaches: On the one hand, the approach of
Debye, which states that a non-electrolyte is salted in, when it increases
the dielectric constant of the solvent. A non-electrolyte, which lowers
the dielectric constant, is salted out.'* For this, the non-electrolyte must
have a higher total molecular polarization than the solvent. On the
other hand, the approach of lyotropic salting in, which occurs when the
total molecular polarization of the non-electrolyte is lower than that of
the solvent and when salting out should occur according to other
theories of ion-solvent interactions. Since oxygen has a low total
polarization, salting in can be understood as lyotropic salting in."*"'??
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(3) Van der Waals theories extend electrostatic theories by
considering short-range forces, especially dispersion forces. These can
play a significant role in the specific effects of ions.'”

(4) The internal pressure of a salt solution can be related to changes

in the volume and compressibility of a solvent due to the dissolved salts.
Both changes have been associated with salt effects.'”
Taking into account salting in/out effects, a comprehensive description
of the solubility of O, (and other gases in general) in the electrolyte is
possible. In the literature, instead of the solubility L, the Henry’s law
constant H® (units: mol L! bar™) is often used, which describes the
pressure dependence of the [O;] in the electrolyte. The Henry’s law
constant allows a direct comparison of different electrolytes at a given
O, partial pressure and gives direct access to the [O,] in the electrolyte
and thus to the concentration of the actual active material of the battery.
The next section deals with the diffusion behavior of gases in liquids to
understand better the transport of oxygen in Li/O, batteries.

DIFFUSION OF GASES IN LIQUIDS

Diffusion, together with solubility, plays a critical role in Li/O; batteries.
The cathode active material oxygen is not stored inside an electrode or
in the electrolyte but instead in the gas phase above the electrolyte.
Thus, during discharging, oxygen must be transported from the gas
phase, through the electrolyte, to the electrode surface, where it is
consumed (and vice versa during charging). During discharging, the
electrode surface acts as a sink for oxygen, leading to a depletion of O,
in its environment: A concentration gradient is formed, which results
in a flux of O, to the electrode. The diffusion to the electrode surface
can be described by Fick’s 1 law of diffusion (here in the 1D case):*

dc

it 3.2
T (3.2)

ji =-D
where j; is the flux of species i in mol cm™s”, corresponding to the
number of moles passing through a given area in a given time, dc/0dx is
the local concentration gradient at point x and D; is the diffusion
coefficient of species i. The negative sign in Equation (3.2) implies that
the flux is down the concentration gradient. The unit of D is cm*s™ and

1 at

the magnitude of D lies typically in the range of 10° - 10° cm’s
room temperature. Diffusion coefficients are temperature-dependent

and often follow Arrhenius-type relationships:
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‘E,
D= D,exp (ﬁ) (3.3)
where E, in k] mol™ is the activation energy for diffusion and Dy, is the
hypothetical value of D at an infinite temperature T.

As stated in Equation (3.2), Fick’s 1* law assumes that the flux is
driven solely by a concentration difference within the solution or
electrolyte and no electric fields are involved. In the case of oxygen
where the diffusion species is uncharged, the presence of an electric field
does not influence the flux, but in the case of ions, such as Li* or O, a
significant effect can be expected. However, the use of sufficient
quantities of electrolyte salts eliminates this effect (except regions very
close to the electrode), and even Li* and O, move in the electrolyte via
diffusion (and sometimes convection).

While Fick’s 1% law describes the flux at a point x, it does not give
any information on how the concentration at x will vary over time. This
information is given by Fick’s 2™ law (in the 1D case):

. 2

g _ 9 _po¢ (3.4)

ot ox ox’
where dc/0t is the rate of change in concentration at point x.

Fick's law of diffusion provides a measure of the distance a molecule
migrates (diffuses) over time:

J(x?) = V2Dt (3.5)

where (x?) is the mean square displacement. The equation also shows a
diffusing species' motion decreases dramatically with distance from the
source, meaning a small solute can only effectively diffuse a small
distance in a short time.

Equation (3.5) assumes infinite space as a boundary condition,
which is not met in real Li/O, batteries. Instead, constant diffusion
through a thin film can be assumed, limited by the electrode on one side
and by the atmosphere on the other side. These transport conditions
can also be described by a Nernst diffusion layer model (Figure 3.2).
The electrode acts as oxygen sink, resulting in [O,] =0 molL" as a
limiting case. The interface with the gas reservoir is held at a constant
oxygen concentration, described by the Henry’s law constant of oxygen
in the respective electrolyte. When steady state conditions are met,
Equation (3.2) can be written as:
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. DaC—D [0,]*
2T
where § is the thickness of the electrolyte layer and [O,]* is the oxygen

concentration at the electrolyte/atmosphere interface.

(3.6)

The resulting limiting current i is given by

iy = 00,0 (37)
0

where A, is the surface area of the electrode. The Nernst diffusion layer
and Equations (3.5) and (3.7) also explain why less discharge product is
found in deeper regions of the cathodes of metal/O, batteries. Areas
further away from the electrolyte/gas reservoir interface have a larger §
and (x?), resulting in a smaller iim. Following the Nernst diffusion layer
model, smaller § and/or larger [O,]* result in a larger ijm. A smaller §
can be achieved by using less electrolyte, resulting in only partly flooded
cathodes, optimizing oxygen flux inside the electrode. A larger [O,]*
can be achieved by higher oxygen partial pressures in the gas reservoir.
Theoretically, a tenfold higher oxygen partial pressure would result in a
tenfold higher limiting current.

4 clectrode
[OZ]g .

electrolyte atmosphere

[0

[0,] /mol L

v
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Indeed, such behaviour has been found in literature. Read et al.
reported on the influence of oxygen solubility and D, on the specific
capacity of Li/O, cathodes.” Here, the capacity rose with increasing
oxygen solubility and decreasing viscosity of the electrolyte. This trend
is in line with the Stokes-Einstein-Equation, which relates the diffusion
coefficient to the size of the solute and the viscosity of the solvent:
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Figure 3.2. Nernst diffusion
layer model of O: diffusion in
Li/O: batteries. At steady state
conditions, a stagnant
diffusion layer in the
electrolyte is formed, limiting
the flux to the electrode. [O2]g
denotes the concentration of
O: in the surrounding
atmosphere. The drop in [O2]
at the interface between the
atmosphere and the electrolyte
represent a solubility L < 1.
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kT

- 67T Udyn r

(3.8)

where #ayn is the dynamic viscosity of the solvent. They also found a
limiting discharge capacity for higher oxygen partial pressures. In these
cases, the discharge capacity is not limited by the oxygen depletion in
the electrolyte, but solely depends on the blocking of the electrode
surface by deposited Li,O,.

Although the theory introduced here can explain and predict the
trends found in Li/O, batteries, real Li/O, batteries are much more
complicated. For example, the morphology of cathodes changes during
cycling, i.e., active electrode area is blocked by deposited Li,O,, and the
pore distribution changes towards smaller pores. The studies by Read
et al. presented above used cathodes that where completely flooded with
electrolyte, whereas studies today use partially flooded cathodes to
support the diffusion of oxygen.”>> To describe the diffusion of oxygen
inside the cathode, more advanced models are used nowadays to

include the tortuous character of the electrode.!>*-'?
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Theory of Electron Transfer

Lithium/O, batteries face many challenges, one of these being their
sluggish kinetics and high overvoltages. A fundamental understanding
of the processes occurring in Li/O, batteries is essential to develop
targeted solutions, such as suitable catalysts, electrolytes, or cathode
materials. However, the reaction mechanisms are complex and not yet
fully understood (see Section 2.3). In addition, there is a lack of
theoretical models to describe fully the processes within batteries. This
chapter provides a short introduction to the description of electron
transfer in electrochemistry and its limitations in the case of (Li/O,)
batteries. Publication II (Chapter 6) then deals in detail with singlet
oxygen from the point of electrochemical kinetics.

BULTER-VOLMER KINETICS

One of the most widely used and versatile theories for describing
electron transfers was introduced by Butler, Erdey-Gruz and Volmer,
and is today known as Butler-Volmer kinetics.* Although it was initially
established completely empirically, today it is often derived from
transition state theory or from considerations of electrochemical
potentials. The following short description is based on the derivation
from the transition state theory.'”’” Starting from a simple 1e” reduction:

ke
O+e =R (4.1)
k

a

where O is the oxidized species and R is the reduced species. At
equilibrium, both cathodic and anodic reaction have identical reaction
rates, so that the concentrations of the two species remain constant
(Equation (4.2)).> The concentrations are linked to the electrode
potential E by the Nernst Equation (4.3):

o= (4.2)

¥ The naming of the Butler-Volmer equation was debated in the literature. A summary can be
found in ref. 150 and 151.

$ Such an agreement is required of any kinetic theory. In the limit of equilibrium, the kinetic
equations must collapse to relations of the thermodynamic form; otherwise, the kinetic picture
cannot be accurate. Chemical kinetics describes the evolution of mass flow throughout the system,
including both the approach to equilibrium and the dynamic maintenance of that state.
Thermodynamics describes only equilibrium.'?”
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Figure 4.1. Effects of a
potential change on the
standard free energies of
activation for oxidation and
reduction.

THEORY OF ELECTRON TRANSFER

_ RT._([O]
E=E°+ ﬁln <m> (43)

Therefore, a change in the electrode potential leads to a change in the
equilibrium and the corresponding reaction rates. To describe the
impact of the potential change on the kinetics, one needs to consider
the reaction coordinate, which is shown in Figure 4.1.
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The cathodic and anodic reactions have different energy barriers AG
and AG: for both potentials, which directly determine the
corresponding rate constants. A change in the electrode potential
results in a shift in the potential curve of the electrode relative to the
potential curve of the solution. The Butler-Volmer approximation
assumes that an increase in the driving force of the reaction is divided
into two parts: one, a, to the advantage of oxidation and one, 1 - a, to
the disadvantage of reduction (vice versa in the case of an oxidation). It
is assumed that the transfer coefficient « is independent of the applied
potential, leading to the following linear relationships for AG *:

AGi=AG} - «F(E - E°) (4.4)

AG =AGE+ (1- a)F(E - E°) (4.5)

And for the corresponding rate constants:

k, = ko exp (%" (E - E°)) (4.6)

ke = kg exp (_(I—F (E- E°)) (4.7)
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where ko is defined as the standard rate constant at E = E°. Since the
measured current i is a net current, both oxidation and reduction
proceed simultaneously. The current i can be expressed as the sum of
the individual currents (cathodic currents are negative by definition):

i=i, +i.=nFA(k,[R] - k.[O]) (4.8)

Substitution yields the Butler-Volmer equation:

i = nFAk, ([R] exp (;—I; (E- E°)) - [O] exp <_(1R_7‘f o E°)))

(4.9)

The Butler-Volmer equation is often expressed in terms of the
exchange current density jo. At equilibrium (E = E®9), the net current
density is zero and j, = j. = jo. In this case, jo can be defined as:

Jo = nFko[R]exp (% (E®* - E°)) (4.10)

Writing (4.3) in an exponential form and raising to the power of « gives
(4.11), which can be substituted into (4.10) to yield (4.12):

exp (%ﬂ(Eeq - E°)) = (%)“ (4.11)

jo = nFko[O]*[R]"* (4.12)

Substituting Equation (4.10) into Equation (4.9) and introducing the
applied overpotential # = E — E* finally leads to Equation (4.13):

J=J (eXP (%n) - exp (_(;;‘)Fn)) (4.13)

Figure 4.2 shows corresponding current-potential profiles for different

a. The absolute current density increases exponentially with increasing
1. However, mass transfer becomes a limiting factor at high reaction
rates resulting in a limited current density at high # (not shown).

The charge transfer kinetics is essentially characterized by the
exchange current density jo and its standard rate constant ko, which
mainly depend on the nature of the redox couple, the electrolyte, and
the electrode material. The current profile is additionally influenced by
the transfer coefficient @, which characterizes the symmetry of the
activation barrier. Most redox reactions fall in the range 0of 0.3 < a < 0.7.

29



30

Figure 4.2. Normalized current
density as a function of the
applied overpotentials at 298 K
for different a. Grey curve:

a = 0.3; red curve: a = 0.5; blue
curve: « = 0.7. Calculated from
Equation (4.13)(4.15).
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Although extremely useful in practice, the Butler—Volmer equation
is entirely empirical, with no justification of its linear character
(Equation (4.4) and (4.5)) and no prediction of how the rate constants
could be related to the molecular structure of the reactants and to the
characteristics of the reaction medium. Thus, the Butler-Volmer
equation cannot sufficiently describe and predict the processes
occurring in Li/O, batteries. In contrast, the Marcus theory and the
Gerischer model address these issues and will be described in more
detail in the next chapters.

MARCUS-THEORY

The semiclassical Marcus-Hush model of outer-sphere electron
transfer addresses the limitations of the Butler-Volmer model. The
theory was employed initially for homogeneous electron transfer
reactions, e.g., self-exchange reactions and redox reactions in solution.
Later, the theory was extended to include heterogeneous, outer-sphere
electron transfer on electrodes (e.g., electron transfer to and from
complexed metal ions).”*'*”"* Marcus theory starts with the description
of reactants and products as parabolas along a reaction coordinate,
which is shown in Figure 4.3.

The transition state is located at the intersection between the two
parabolas. At this point both reactants and products have the same
energy and configuration.” This satisfies both energy conservation (the
electron transfer is a radiationless process) and the Franck-Condon
principle (nuclear momenta and positions do not change on the time
scale of the electron transfer).®® The observed AG* of the electron
transfer also results from these conditions, since thermal activation of
the reactants is necessary to reach the energy of the transition state.
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Free Energy
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While Butler-Volmer kinetics are characterized by jo and «, Marcus
theory describes a system with A;G and A, the so-called reorganization
energy. A represents the energy necessary to transform the nuclear
configurations in the reactant and the solvent to those of the product
state. It is usually separated into inner, A;, and outer, A, components:

A=)+, (4.14)

where A; represents the contribution from reorganization of the reactant
species, and A, that from reorganization of the solvent. The
reorganization energy can be calculated and simulated for a given
system. The activation energy for electron transfer can then be
calculated by Equation (4.15). Assuming Arrhenius-type kinetics, the
rate constant can be determined using (4.16). The term A depends on
the nature of the electron transfer reaction (bimolecular,
intramolecular, or heterogeneous) and can contain statistical factors.

1

iz o 2 4.15

AG —M(AG +A) (4.15)
AG*

_ Rl 4.16

k Aexp( RT) (4.16)

Besides the calculation of reaction rates, the theory's greatest value
is the chemical and physical insight derived from its ability to predict
and generalize electron-transfer reactions. For example, if the oxidized
and reduced species are close in molecular geometry (i.e., bond lengths,
bond angles), then k is large corresponding to a low activation barrier
for reaction (vice versa for structurally dissimilar O and R). Also,
reactions with larger A,G proceed faster. One of the predictions of
Marcus theory was the existence of an inverted region. In the case of

Figure 4.3. Schematic
representation of the Marcus
theory. The blue parabola R
corresponds to the Gibbs
energy of the reactants; the
orange parabola P corresponds
to that of the products. The
energy of the reactant parabola
at the minimum of the product
parabola, the so-called
reorganization energy A, is a
measure of the E. required.
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highly exothermic reactions, the intersection point between the two
parabolas can cross the minimum of the reactant parabola and migrate
upwards again. This results in slower kinetics than what would be
expected from the high A G. This prediction was later experimentally
confirmed by Closs and Miller in 1984.°"'*

Marcus theory and the inverted region can also be used to explain
chemiluminescence reactions when accompanied by electron
transfer."”” In chemiluminescence reactions, a very exergonic electron
transfer to the ground state is substituted by a less exergonic but faster
transfer to an excited state. The excited species then decays to the
ground state via emission of a photon with an energy approximately
equal to the difference in enthalpies. Marcus theory offers therefore a
theoretical framework for generation of excited states by electron
transfer reactions. Hence, it is the prime theory for describing and
understanding 'O, formation in Li/O, batteries. A more detailed
introduction into the Marcus theory, a mathematical treatment, and an
analysis of the Li/O, system is given in Publication II (Chapter 6).

GERISCHER MODEL

An alternative theoretical approach to describe heterogeneous
kinetics is based on the overlap between the electronic states of the
electrode and those of the reactants in solution. The concept is
illustrated in Figure 4.4 and briefly discussed in this section.'?”!**-%
This model originates from contributions by Heinz Gerischer in 1968
and is particularly useful for describing electron transfer at
semiconductor electrodes, where the electronic structure of the
electrode material is important. The idea is that electron transfer can
occur from any occupied energy state, which matches in energy ¢ an
unoccupied receiving state. If the process is a reduction, the occupied
state is on the electrode and the receiving state is on a reactant O in the
solution (vice versa in the case of an oxidation). In general, the states
under consideration span a range of energies, and the total rate is an
integral of the rates at each energy. At the electrode, the number of
unoccupied and occupied electronic states can be calculated from the
density of states of the material and the Fermi distribution for the given
temperature. As the applied potential changes, the Fermi level shifts,
leading to higher energies at more negative potentials. For a metal
electrode, these changes do not occur by filling or emptying additional
states, but rather by charging the metal so that all states are shifted. The
charging results in a change in the total electron population on the
metal, but this change is only a tiny fraction. Consequently, there is the
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same number of states near the Fermi level ¢ at all potentials. States in
solution are described by a similar concept, except that filled and empty
states correspond to different chemical species, namely the two
components of a redox couple, R and O, respectively. These states differ
from those of the metal in that they are localized.

solution

DU(’L €)

e

Electron Energy

D.(}, ¢)

v

Electrode States Reactant States

Knowing the distribution of the empty and occupied states in the
electrode and the solution, a local (i.e., in a small energy range) reaction
rate of reduction and oxidation can be calculated. Integration over all
possible states leads to the rate constants of reduction and oxidation.

oo

k=7 [ s (OWoa(IDp(de (4.17)

oo

b= [ ra@Wi - fDlp()de (4.18)

where v is a frequency factor, ye(€) and pra(e) are proportionality
functions, Woa(e) and Wra(e) are the probability density functions of
O and R respectively, f(e) is the Fermi distribution, and p(e) is the
density of states.

In Figure 4.4, the distribution of states for species R does not overlap
with the range of unoccupied states on the electrode, so the integrand
in Equation (4.18) is virtually zero everywhere and k. is negligible
compared to k.. The electrode is in a reducing state with respect to the
O/R pair. By changing the electrode potential to a more positive value,
the position of the Fermi level is shifted to lower energies where the R
states begin to overlap unoccupied electrode states so that the integral
in Equation (4.18) becomes significant and k. is increased. With

33

Figure 4.4. Gerischer model for
a metal electrode and a
solution containing equal
concentrations of species O
and R. On the electrode side,
the Fermi level, €, and the
corresponding distribution of
occupied states is shown in
blue. On the solution side, the
state density distributions are
shown for O and R (occupied
states in orange). The maxima
of the two density distributions
are located at ¢° + A.
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Equations (4.17) and (4.18) it is possible to account for kinetic effects
due to the electronic structure of the electrode by using an appropriate
density of states p(¢) for the electrode material.

The Gerischer model can also be combined with Marcus theory,
which simplifies some of the mathematical concepts mentioned above.
As in Marcus theory, the magnitude of the reorganization energy has a
large effect on the current-potential behavior of the system under
consideration. In the case of a larger A, the distribution functions of the
species in solution are broader and further apart, leading to smaller k.
and k.. This leads, as in Marcus theory, to larger overpotentials
compared to systems with small A.

While the Gerischer model is very useful for describing electron
transfer at semiconductor electrodes, and it has been used to describe
the dissolution of semiconductors, the model has rarely been for
batteries."”’ "> Kurchin et al. used the model to account for the
electronic structure of lithium metal anodes while stripping and plating.
No experimental efforts have been made to date in the case of Li/O,
batteries. Instead, Tafel analysis, Butler—Volmer kinetics and Marcus
theory have been used.?>!0>140-14

DESCRIPTION OF ELECTRON TRANSFER IN BATTERIES

In the analysis of electrode reactions, it is usually implicitly assumed
that charge transfer occurs by the transfer of electrons at the interface
between the electrode and the solution.'"** However, this is not always
the case. The simplest example is the deposition or dissolution of a

metal from/into a solution:"**'**

Me(H,0), " + ej; = Mejy + ey + x H,O (4.19)

The electron is either in the electrode or in the deposited metal on both
sides of the reaction (designated with the index M). Therefore, the
charge transfer across the interface must be through the cation. The
same is true for the operation of Li-ion batteries, in which the charge is
carried by the lithium ions across the electrode-electrolyte interface.
Thus, it is not legitimate to assume a priori that charge transfer in all
electrode reactions occurs by the transfer of an electron, and the
mechanisms developed based on this assumption can and must be
questioned. Since it is not an electron but an ion that is transferred, the
reactions also occur on different time scales. While an electron transfer
through the outer Helmholtz layer takes only a few femtoseconds, the
diffusion of an atom would take about 10° femtoseconds for the same



4.4 DESCRIPTION OF ELECTRON TRANSFER IN BATTERIES

distance.'** Therefore, the charge transfer across the interface in such a
case is also not instantaneous. During the deposition process of a metal,
a gradual stripping of the solvation shell can be assumed, and the charge
transfer therefore does not occur in one step either. Thus, such
reactions cannot be described using Marcus theory since neither the
Born-Oppenheimer approximation nor the Franck-Condon principle
can be applied. Moreover, it is not an outer sphere electron transfer
either since the ion breaks bonds or forms new ones during the reaction
under consideration. The use of the Butler-Volmer equation must also
be treated with caution in such cases. In the deposition of metals, it has
been assumed that electrons are transferred one at a time and adsorbed
intermediates may be formed. Since these intermediates are not stable
in solution, it was assumed that they are stabilized by adsorption onto
the electrode surface.'

In the case of Li/O, batteries, the Butler-Volmer equation and
Marcus theory were used to describe the charge transfer.'**'*” This
seems appropriate in the case of the oxygen reduction reaction, since
the charge transfer here is via an electron from the electrode to oxygen
in solution. However, in the case of the charge transfer during the
oxygen evolution reaction it is a charge transfer via ions, which clearly
argues against the use of Butler-Volmer theory as well as Marcus
theory. Caution is advisable when using these models. Clearly, the use
of inappropriate models can and will lead to erroneous results and hold
up progress in (Li/O,) battery research.

Notably, Fraggedakis et al. proposed a new model to describe charge
transfer in intercalation electrodes."*® They developed a theory of
coupled ion-electron transfer, in which ions and solvent molecules act
cooperatively to facilitate electron transfer. In the case of lithium iron
phosphate electrodes, the theory can accurately predict the
concentration dependence of the exchange currents.'*® This appears to
be an important step in describing the kinetics of battery active
materials. However, up to this date, no efforts have been made in
literature to implement or extend the model to Li/O, batteries.

Overall, the theory of electron transfer in batteries should be further
advanced to improve the understanding of charge transfer processes in
batteries. Then, it will be possible to manipulate and optimize processes
in batteries in a targeted manner, which in turn is essential for the
design and development of new of energy materials and batteries.
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Diffusivity and Solubility of Oxygen in
Solvents for Metal/Oxygen Batteries:
A Combined Theoretical and

Experimental Study

One of the goals of this thesis was a better understanding and
description of the Transport of oxygen inside Li/O, batteries. The
solubility and diffusion coefficient of oxygen in the electrolyte are
crucial parameters: they govern the maximal discharge current and
have an influence on the achievable discharge capacity. Precise
measurement of both parameters is challenging, which can also be seen
in literature, where values scatter widely. This chapter compares
theoretical and experimental approaches, namely oxygen uptake
experiments and molecular dynamic simulations, to determine oxygen
diffusion coefficients and Henry’s law constants H? in several glymes
and perfluorinated solvents. The experimental measurements and
theoretical calculations of diffusion coefficients agree well, showing that
simulation of diffusion coefficients of oxygen in solvents and
electrolytes is possible.

The experiments and concepts presented in this publication were
developed by the author of this thesis, under the supervision of J. Janek
and D. Schroder. The manuscript was written by the first author and
edited by all co-authors. A. Schiirmann prepared the samples and
conducted the measurements of diffusion coefficients and Henry’s law
constants. R. Haas conducted some of the measurements of diffusion
coefficients and Henry’s law constants under the supervision of A.
Schiirmann. M. Murat, N. Kuritz and A. Natan performed the
molecular dynamic simulations. M. Balaish and Y. Ein-Eli contributed
to the scientific discussions.

Reprinted with permission from A. Schiirmann, R. Haas, M. Murat,
N. Kuritz, M. Balaish, Y. Ein-Elj, J. Janek, A. Natan, and D. Schroder,
Diffusivity and Solubility of Oxygen in Solvents for Metal/Oxygen
Batteries: A Combined Theoretical and Experimental Study, Journal of
The Electrochemical Society 2018, 165, A3095-A3099. DOL
10.1149/2.0601813jes. Copyright 2018 The Electrochemical Society.
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Despite serious challenges, rechargeable metal/oxygen batteries
are still considered as highly promising electrochemical energy stor-
ages for future applications, primarily because of their high theoretical
energy density.'® Even if their practical use is currently out of reach,
metal/oxygen batteries are excellent research subjects, as they com-
bine some of the most difficult issues in electrochemistry: a) Their use
requires reversible and dendrite-free metal dissolution and deposition
in liquid electrolytes at sufficiently high current densities — which has
yet not been demonstrated unequivocally.”® b) Their use also requires
reversible oxygen reduction and oxidation with sufficient rates at low
overpotentials at room temperature.* ¢) The electrolyte components
and the cathode material(s) need to be long-term stable against attack
by reactive oxygen species.*

Most of the research on non-aqueous metal/oxygen batteries has
focused on the cathode side, where oxygen is reduced sequentially
to superoxide and peroxide species during discharge, and where
these species may react with electrolyte components or the cathode
surface.”"* As important side aspect of the cathode studies, the sta-
bility of electrolyte components, i.e. solvents and conducting salts,
as well as the diffusion and solubility of oxygen and other ions and
molecules in the electrolyte have been investigated. These are impor-
tant parameters in any micro-kinetic model of metal/oxygen batteries
(see papers by Griibl et al.).'*'®

The role of the electrolyte is quite different for the two general
types of electrodes that exist in state-of-the-art batteries: In the case of
intercalation-type electrodes, the electrolyte mainly transports lithium
ions, but may also contain dissolved functional additives. The redox
process at the electrode itself relies on the transport and transfer of
lithium ions from the liquid electrolyte. In the case of electrodes
with mobile redox species, such as oxygen gas electrodes or sulfur
electrodes, the electrolyte acts as transport (and storage) medium for
lithium ions and redox-active species (see Fig. 1). Thus, its role for
efficient electrode kinetics is even more important. Indeed, the choice
of the electrolyte has been proven to influence e.g. the reaction mech-

*Electrochemical Society Member.
“E-mail: amirnatan @post.tau.ac.il; daniel.schroeder @phys.chemie.uni-giessen.de
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Figure 1. Schematic representation of a metal/foxygen battery with detailed
depictions of the path for oxygen diffusion inside the cathode. The oxygen
concentration [O2 | depends on the used solvent and can be described with the
help of the Henry’s law constant. The flux of oxygen jo; to the electrochemical
active site depends on the diffusion coefficient inside the solvent and on the
reaction rate at the electrochemical active surface of the cathode.

anism in non-aqueous Li/O, and Na/O, batteries.'*** In addition, it
was shown that the solubility and transport of oxygen (O,) in these
cells have a direct impact on the capacity and the upper limit of the
current density, as well as on the distribution of the discharge product
in the porous cathode.?*’

Formulating non-aqueous electrolytes with excellent oxygen mo-
bility properties is a challenging task, which could be eased through
the introduction of additives. Perfluorocarbons (PFCs), liquids with
superior oxygen solubility and diffusivity, are advocated as the per-
fect oxygen-carrier additives with extraordinary chemical stability,
fast dissolution kinetics and high oxygen solubility.***" Given their
distinct chemical and physical properties, PFCs could neither dissolve
lithium salt nor are they miscible with most organic solvent, thus could
only be used as a part of a hybrid organic-electrolyte/PFC system.



A3096

The promising properties and successful first-phase implementa-
tion of PFCs in Li/O, batteries encourages further evaluation and
understanding of oxygen transportation in electrolyte and PFCs com-
ponents, both separately and combined.*!~** Recently, the intriguing
interplay between both components in a porous carbonaceous mate-
rial at the cathode was reported and could serve as a fertile ground
for further investigation and understanding of oxygen mobility in
more complex structures.**** The second-phase implementation of
PFC in organic electrolyte is envisioned through PFC nanodroplets
architectures to obtain better distribution of molecular oxygen inside
the porous structure of cathodes. Modelling and measuring oxygen
solubility and diffusion coefficients as a function of PFEC’s size and
distribution could largely assist to tailor desired parameters for opti-
mized Li/O, batteries.

The solubility of oxygenin solventsis usually described by Henry’s
law, introducing Henry’s law constant HP,

HP =101 poy. [1]

where H is Henry’s law constant in mol L™' bar™', [O,] is the
concentration of oxygen in mol L™! and pg; the pressure of oxygen
above the solvent in bar. From the practical point of view, Henry’s law
constant is a measure of the maximum concentration of oxygen that
can be achieved in metal/oxygen batteries in the cathode electrolyte
at a given pressure and temperature. Together with the diffusivity of
oxygen, an upper limit of operating current, i.e. the mass transport-
limiting current, can be calculated from the equation,’

i = nFADGy [0:]87 [2]

for an idealized planar electrode, where n is the number of electrons in
the rate limiting reaction, F is Faraday’s constant, A is the surface area
of the electrode, D, is the reactant ditfusion coefficient and 3§ is the
cell-specific thickness of the Nernst layer across which the reactant
oxygen must diffuse.

Accordingly, the selection of an appropriate electrolyte is criti-
cal to realizing the full potential of metal/foxygen batteries. In the
field of metal/oxygen batteries, the concentration of molecular oxy-
gen has been measured successfully in e.g. DMSO-, tetraglyme- and
carbonate-based solvents and electrolytes,*®**324347-5% Tn addition,
the influence of different Li-containing conducting salts and fluo-
rinated cthers on the solubility was examined. Nevertheless, both
Henry’s law constant and the diffusion coefficient are still seldom
known, and if, reported data scatter over a wide range.

Striving for a long-term systematic and precise approach toward a
comprehensive data set, we combine molecular dynamics simulations
and oxygen uptake experiments to determine diffusion coefficients
and Henry’s law constants for O, in a series of different glycol ethers
(glymes) and perfluorinated solvents (PFC). Pure solvents — without
conducting salt — were chosen as a reasonable and straightforward
starting point for the comparison of theoretical and experimental re-
sults. Pure solvents can be seen as a test case for theory and are well
suited to properly predict diffusivity and solubility. In fact, we show
that both methods applied in this work are equally valid to evaluate
diffusion coefficients and that the results agree well. The reported
values for oxygen solubility and diffusivity will be helpful for further
research on metal/oxygen batteries.

Experimental

Chemicals.—All pressure measurements in this work were car-
ried out using a PAA-33X absolute pressure sensor, a KI104B
USB computer adapter, and the Software Control Center Series
30 (all from KELLER Gesellschaft fiir Druckmesstechnik mbH).
All chemicals were purchased from Sigma-Aldrich: perfluorohex-
ane (99%), perfluorooctane (98%), pertluorononane (97%), perfluo-
rodecaline (95%), 2-methoxyethanol (99.8%), sodium hydride (NaH,
95%) and tri(ethylenglycol) ditosylate (98%). Pentaglyme was syn-
thesized in-house as described by Akazome et al.** 'H NMR (CDCl;,
400 MHz): § = 3.64-3.59 (m, 16 H, CH,), & = 3.58-3.53 (m, 4 H,
CH3-O-CH,-CH,), § = 3.36 (s, 6 H, CH;-0). Solvents were dried
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over molecular sieves (0.3 nm) prior use. Oxygen (5.0/99.999%) from
Praxair was used.

Determination of gas volumes.—The volumes of the different gas
reservoirs were determined by parallel use of the pressure sensor and
a calibrated syringe (Hamilton). Further information and data plots
are provided in the Supporting Information.

Oxygen uptake experiments for Henry’s law constants.—A mod-
ified setup, previously described by Hartmann et al. and Bergner et
al. was used.*’” For the bulk electrolyte experiments, a glass cell
(approximately 12 cm®) with magnetic stirrer was used. The cell
was connected to a stainless steel cross fitting (Swagelok). To this
cross fitting, the pressure sensor, oxygen gas container, and vacuum
pump were connected as well, each separated by a manual ball valve
(Swagelok). Further information and data plots are provided in the
Supporting Information.

Oxygen uptake experiment for diffusion coefficients.—A modi-
fied setup, previously described by Hou et al. and Hartmann et al. was
used.*® A stainless steel container of cylindrical shape (19.8 mm
diameter) with a total volume of approximately 8.5 cm® was used. A
vacuum pump and the above-mentioned pressure sensor were mounted
to the cylindrical cell via separate connectors. Oxygen supply was con-
trolled using a manual ball valve and a small oxygen reservoir. Further
information and data plots are provided in the Supporting Information.

Molecular dynamic simulations.—Molecular Dynamics (MD)
simulations of glymes and perfluorinated carbon solvents with varied
molecular length were performed using the LAMMPS package.”’
Initial structures and LAMMPS input files were constructed using
Packmol and Moltemplate packages respectively”™™* The
OPLS-AA® force field (FF) was adopted for PFC®! and glymes.®
This force field was shown to give reasonable densities and heats of
vaporization for perfluoroalkanes® and other organic liquids.** For
glymes, we used the torsion parameters given in Table IV of Anderson
and Wilson,” in rows corresponding to the DME force field.%” These
force field parameters were chosen as they resulted in densities and
sell-diffusion coefficients that had better agreement with the exper-
imental values compared to the other parameters that were suggested
in the same reference. For oxygen we used a force field after Arora
and Sandler®® Optimization, equilibration and diffusion coefficient
calculation were done according to the procedure that was presented
and described in a recent work published by some of the authors
for the mixing of perfluorinated carbons and triglyme.®® For oxygen
diffusion we used time averaging of a single oxygen molecule move-
ment; this is because the size of the simulation cell allowed to have
only a single oxygen molecule for a realistic concentration value.®®

Viscosity calculations were based on the Green-Kubo formula,
from the time autocorrelation functions of the off-diagonal compo-
nents of the pressure tensor - Py, Py, and P, as described in Eq. 3.
The runs were performed in the NVT ensemble, starting from an
equilibrated configuration.

N = V/(kaT)™' [57{Pop (0) Py (1))t (3]

where V is the volume of the system, 7T is the temperature, kg is the
Boltzmann constant and the brackets indicate the ensemble average.

Results and Discussion

Diffusion coefficients and Henry’s law constants of oxygen.—
‘We calculated the diffusion coefficient for O, inside each of the sol-
vents with MD (Table I). With realistic values of oxygen pressure and
solubility, the simulation cell, which contains few hundred solvents
molecules, would only contain a single oxygen molecule. Hence, it
is not possible to calculate the ensemble average for the mean square
displacement (MSD). Instead, we have calculated a sliding time aver-
age of the oxygen displacement as described by Kuritz et al.*® Since
we estimate the diffusion coefficient by tracking a single O» molecule,
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Table I. Calculated and experimental diffusion coefficients Dg; of
oxygen in different solvents at 25°C. All diffusion coefficients are
given in cm? s~!.

Table TI. Henry’s law constants HoyP for the different solvents.
Data are given in units of mmol L~' bar~'. The applied
temperature was 25°C if not otherwise stated.

molecule our calculations our experiments solvent/electrolyte H®P (mmol L1 bar1)
monoglyme 743.107° 6.0+ 0.5)-107% menoglyme 10.0 + 0.3*
diglyme 295. 107 4.6 +03) - 1075+ diglyme 7.1 +£0.3*
triglyme 2381077 (3.5+£03)- 1077 triglyme 5.0+ 04"
tetraglyme 123107 (26+£0.3) 1075 tetraglyme 43+£02*

pentaglyme 1.19. 107 (27405)-1077* pentaglyme na

CsF14 730.107° (7.9 +06)- 105 CeFia 20.6-21.1°
CgFig 5101073 (7.3 4 1.0) - 1075 CyFuy 20.1-21.7°
CoFyo 4201075 (6.7 £0.6) 1075+ CoFo 19.7-20.3*
+CoFis 2251075 (3.94+02). 1075 tCiwFis 16.1-16.6"
0.1 M LIiTFSI in diglyme 6.6 £0.17
ki ot I M LiTFSI in diglyme 5.5&0:1*

“see Reference 47.

the result can be heavily affected by the simulation and integration
lengths, we estimate this to cause a statistical error of 15% at most
in our calculated diffusion coefficients. The resulting diffusion coeffi-
cient corresponds to the infinitely dilute solution of O» in the solvents.
The behavior of this property is shown in Fig. 2 for both the PFC
molecules and the glymes.

It is evident that the longer the molecule is, the lower the diffusion
coefficient becomes — this trend holds for both the PFC molecules
and the glymes that were calculated and also agrees well with the
selt-diffusion trends. The experimental values were determined by a
method described by Hartmann et al. and Hou et al.*"=¢ We modified
the method to compensate for solvent loss during preparation of the

0.0 0.5 1.0
t/ns
b) 15
monoglyme diglyme
=
S 10F
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~
o
s
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o]
0ot
L L 4
0.0 0.5 1.0
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Figure 2. Sliding time averages of the oxygen mean square displacement
determined by simulation: a) results for PFC molecules, b) results for glymes.
The diffusion coefficient is calculated from the slope of the line using the
relation (r-(r))2 = 6D¢.

“this work.
4see Reference 70.
Psee Reference 62.

experiment (for details see ESI). The used Henry’s law constants are
shown in Table I1. Nevertheless, the same trend between simulated and
measured diffusion coefficients is only achieved if the experimental
diffusion coetficients are caretully evalvated and corrected for volume,
temperature and vapour pressure, as seen by the wide spreading of
diffusion coefficients that can be found in literature for the same
system.

While acceptor and donor number are often used for the scaling
of solvation effects in metal/oxygen batteries, a clear-cut correla-
tion between these numbers and oxygen solubility has yet not been
found."*® This lack of correlation is reasonable, since the acceptor
number describes the Lewis acidity and the donor number describes
the Lewis basicity of the solvent, These parameters can well be used
to describe how anions, such as superoxide, and cations, such as Lit,
are stabilized in the electrolyte. In contrast, oxygen is a non-polar,
uncharged molecule and its solubility should not be affected by a
parameter describing the stabilization of ions.

Electrolytes for metal/oxygen batteries necessarily contain con-
ducting salts, in comparison to the pure solvents we analyzed in this
work. Therefore, we also tested the impact of LiTFSI on the solubility
of oxygen (see Table II, and Fig. S5 in the ESI). As expected, the
Henry constant for oxygen drops significantly for higher concentra-
tions of LiTFSI, which was also reported by Gittleson et al.”” This
finding emphasizes that our experimental setup is capable of testing
both pure solvents and electrolytes, whereas electrochemical methods
can only be applied with conducting salt included.

Self-diffusion and viscosity of solvents.—We also calculated the
self-diffusion coefficients and viscosity parameters. Self-diffusion
coefficients are usually determined experimentally by NMR mea-
surements but are often difficult to perform and so are not always
available.””*" Viscosity measurements are much easier to perform
and hence more experimental data is available. The mean square dis-
placement (MSD) behavior as a function of time is shown in the ESI
for the PFC molecules and the glymes. The resulting self-diffusion
coefficients are given in Table III. The calculation of self-diffusion
coefficients is performed for the ensemble of molecules and hence
the statistical error is significantly lower (less than 5%) than the error
for the O diffusion coefficients. Comparison to experimental results
(when available) and to other calculations is also stated. The exper-
imental data for self-diffusion coefficients of diglyme and triglyme
by Hayamizu et al. are two times higher than the calculated ones but
show exactly the same trend: the greater the chain length, the lower
the self-diffusion coefficient.*

An example for the time average in the viscosity calculation is
shown in Fig. 3 for tetraglyme; Tables TV shows our calculated vis-
cosity values and some experimental data for both glymes and PFCs.



A3098

5.4 CONCLUSIONS 43

Journal of The Electrochemical Society, 165 (13) A3095-A3099 (2018)

Table TIT, Calculated self-diffusion coefficients Dggpyeny for
different solvent molecules. Data are given in units of cm? s~'.

The applied temperature was 25°C if not otherwise stated.

Table TV, Viscosity values () in mPa-s for the different glymes and
PFC molecules. Comparison to experimental values is given when
available. All calculations were performed at ' = 25°C.

solvent our calculations experimental (literature) solvent our calculations experimental (literature)
monoglyme 2.15-107° monoglyme 0.42 0.41-0.42* 0.42-1.1 at 20°CP
diglyme 6.90- 107 13 - 107% at 30°C* diglyme 0.98 0.98—1.14 at 20°CP
2.10 % at 30°CP triglyme 1.47 1.95° 1.95-2.16 at 20°CP
triglyme 328.10°° 6.1 1078 at 30°C tetraglyme 2.05 3.3-4.2 at 20°C"
tetraglyme 1.41 1076 pentaglyme 273
pentaglyme 6.56- 1077 CgFry 0.394 0.700 at 25°C4
CsFia 1.85. 1070 1.2: 1073 —4.3. 107 a1 25°C CsFig 0.641 1.256 at 25°C¢
(calculated) CoFap 0.75 1.789 at 25°C
CyFiy 6.53-107° +CoFg 1.32 5412 a25°C7
CoFap 5.60-107%
1-CioFig 1.61.10°6 “see Reference 73.

“see Reference 69.
bsee Reference 71.
“see Reference 72,

As is evident from the table, the calculated viscosity values for
glymes are very close to experimentally obtained values for the shorter
glymes and start to have larger differences in the case of the longer
glymes, however, the trend is very similar. In the case of the PFC,
the experimentally measured data are twice as high as the calculated
ones, but again the trend with the chain length is similar in experiment
and calculation.

Conclusions

Detecting oxygen accessibility trends in liquids may assist to for-
mulate advantageous hybrid electrolyte-additive systems for future
metal/oxygen batteries. A selection based merely on ionic conductiv-
ity, oxygen solubility and electrochemical stability seems acute, yet
incomplete for advancing metal/oxygen batteries from their research
phase onward. Numerous publications explored the effect of oxygen
solubility on the cell performance; however, oxygen diffusion in com-
mon electrolytes has been relatively overlooked. We have performed
both calculations and measurements for oxygen diffusion coefficients
in a series of perfluorinated alkane and glyme molecules with varied
length. This allowed us to derive both specific predictions and to iden-
tify trends of the diffusion coefficients as a function of chain length
and of solvent type.

Tf one is aiming for high current densities, our studies show that
shorter chain length are better suited, seeing that both Dy and Hp»?
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Figure 3. Exemplary calculation of the viscosity of tetraglyme from MD
simulations. The black dashed line shows the overall average of 2.06 mPa s
with an interval of 4+ 10%. It is evident that convergence is achieved after
2. 105 fs in all different pressure tensor contributions.

Psee Reference 74.
“see Reference 75.
dsee Reference 76.

are higher compared to longer chains. Limiting current is governed by
concentration of oxygen and diffusivity thereof. While concentration
can be easily raised by use of elevated oxygen pressure, diffusivity is a
constant in a given system. Consequently, we think D is the limiting
factor, compared to Hp,? and should be in the scope of further studies.

The experimental measurements and theoretical calculations com-
pletely agree in the qualitative trends, i.e. the larger the solvent
molecule, the lower the diffusion coefficient. Furthermore, both meth-
ods show that PFC have larger diffusion coefficients of oxygen in
comparison to the larger n-glymes (rn > 1). Quantitatively there are
still differences but they are not large, and hence we can assume that
the agreement of theory and experiment strengthens the validity of
both. To our knowledge, this is the first consistent set of measure-
ments and calculations of oxygen diffusion coefficients for both the
n-glymes and PFC molecules.

Evaluating oxygen diffusion coefficients in well-established elec-
trolytes and PFC liquids are the missing pieces in the puzzle toward a
defined selection of electrolytes, suitable for metal/oxygen batteries.
One can built upon the knowledge gained in this work, combined
with previously reported parameters (c.g. solubility, ionic conductiv-
ity, thermodynamic data), and provide a strong base to further enhance
oxygen accessibility e.g. through the use of a mixed PFC-clectrolyte.

Moreover, modelling and measuring oxygen diffusion in nano-
sized PHEC architectures may assist to develop novel electrolytes with
tailored oxygen solubility, ditfusion and distribution inside the com-
plex porous cathode structure.
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Singlet Oxygen in Electrochemical Cells:
A Critical Review of Literature and Theory

The Li/O; battery currently suffers from rapid degradation and thus a
short lifetime. Older works held the superoxide ion responsible, which
can serve as both an oxidizer and a strong base. Another possible cause
frequently referred to was the high charging voltage observed, which
favors the degradation of the cathode and electrolyte. In recent
publications, this degradation was attributed to singlet oxygen, which is
formed either as a product of the disproportionation of superoxide to
peroxide and oxygen or electrochemically during the oxidation of Li,Os.
The first experimental demonstration of 'O, formation in Li/O,
batteries by Wandt et al. in 2016 was followed by several experimental
and theoretical works since then. Nevertheless, the discussion in
literature was also plagued by missing relevant citations, especially
when they contradicted the formation of 'O, in electrochemical cells.

Chapter 6 represents the first complete review of the relevant
literature on the subject and presents the various theories needed to
describe the phenomenon. The review also addresses in detail the
proton-induced disproportionation of superoxide, since H* is a known
contaminant in Li/O; batteries, but also the systems and reactions are
similar (e.g., the corresponding superoxides are instable but the
peroxides and oxides are stable). Marcus(-Hush-Chidsey) theory can
describe reactions at electrodes as well as electron transfer reactions
leading to excited states. Thus, it is used to determine whether and how
'0; is a possible reaction product in Li/O, batteries. In addition, side
reactions and challenges in the detection of 'O, are also addressed.

The concepts presented in this publication were compiled by the
author of this thesis, under the supervision of J. Janek and D. Schroder.
The manuscript was written by the first author. All co-authors
commented on and edited the manuscript.

Reprinted with permission from A. Schiirmann, B. Luerflen, D.
Mollenhauer, J. Janek, and D. Schroder, Singlet Oxygen in
Electrochemical Cells: A Critical Review of Literature and Theory,
Chemical ~ Reviews 2021, 121, 20, 12445-12464. DOL
10.1021/acs.chemrev.1c00139 Copyright 2021 American Chemical
Society.
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ABSTRACT: Rechargeable metal/Q, batteries have long been considered a promising future battery
technology in automobile and stationary applications. However, they suffer from poor cyclability and @25
rapid degradation. A recent hypothesis is the formation of singlet oxygen ('0,) as the root cause of
these issues. Validation, evaluation, and understanding of the formation of 1Q, are therefore essential
for improving metal/O, batteries. We review literature and use Marcus theory to discuss the possibility
of singlet oxygen formation in metal/O, batteries as a product from (electro)chemical reactions. We
conclude that experimental evidence is yet not fully conclusive, and side reactions can play a major
role in verifying the existence of singlet oxygen. Following an in-depth analysis based on Marcus
theory, we conclude that 'O, can only originate from a chemical step. A direct electrochemical

electron
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generation, as proposed by others, can be excluded on the basis of theoretical arguments.
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1. INTRODUCTION

For quite some time, metal/ O, batteries were regarded as one of
the electrochemical energy storage devices of the future. Their
high theoretical energy density was seen as a key to widespread
long-range electromobility.' ™ While progress has been made,
there are still numerous problems such as poor rechargeability,
cycle life, and high overvoltages, all currently preventing

© 2021 The Authors. Published by
American Chemical Society

)4 ACS Publications

commercial use.”* In recent experimental works, singlet oxygen
was identified as a possible root for these problems by Wandt et
al. and Mahne et al. in the case of lithium/O, batteries.” ™ *
While this seems to be an important step forward, a theoretical
analysis of the formation of singlet oxygen on the basis of
electrochemical fundamentals is still pending. In-depth under-
standing is not only important for the development of suitable
strategies against the formation of the highly reactive singlet
oxygen species or the root thereof. It also could give hints to a
deeper understanding of the underlying (electro)chemistry in
metal/O, batteries and electrochemical cells in which oxygen
redox reactions are involved in general.

The following analysis of the different aspects of singlet
oxygen in battery systems will be split into three parts: first, a
broad literature survey, reviewing the most important
publications up to date including the disproportionation of
superoxide and highlighting experimental pitfalls. We also
included the proton-induced disproportionation of superoxide,
since proposed reaction mechanisms in metal/ O, batteries often
contain superoxide as an intermediate and water is a known
contamination.”” This review covers the relevant literature to
this topic starting from 1963 to the end of March 2021. Second,
an analysis of the theoretical background consisting of molecular
orbital diagrams, deactivation and reactions of singlet oxygen,
spin conservation and Wigner-Witmer rules in (electro)-
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Published: July 28, 2021
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chemical reactions and Marcus theory. Third, we discuss
possible reaction mechanisms leading to singlet oxygen and
their implications for metal/O, batteries.

In doing so, we show that the experimental evidence is yet not
fully conclusive and side reactions can play a major role in
verifying the existence of singlet oxygen. The theoretical
considerations show that 'O, can originate from a chemical
reaction step, and direct electrochemical generation is,
according to the Marcus—Hush-Chidsey, theory not possible.

2, BACKGROUND AND LITERATURE REVIEW

‘When the term singlet oxygen is used in the remainder of this
paper, it refers to the first electronic excited state of dioxygen,
also denoted as 'O, (cf. section 3.1). In the following, we
highlight some of the important reports needed for revisiting the
recent findings in electrochemical cells and batteries. For a more
general overview on singlet oxygen, we refer to the reviews of
Schweitzer and Schmidt as well as Adam, Kazakov, and
Kazakov.'*'?

Singlet molecular oxygen was first discovered and identified as
a product of a chemical reaction by Khan and Kasha in 1963 in
the reaction of hydr07gen peroxide with sodium hypochlorite in
aqueous solution.'®"” The exact circumstances, which led to the
discovery, starting from a coffee between Robert Mulliken and
Ahsan Khan, can be found in an anecdotal paper by Khan,'® In
the following years, research on singlet oxygen expanded
quickly, dealing with the physical, chemical, and biological
impact of the newly found molecular species. A summarizing
timeline of the reviewed literature is shown in Figure 1.

Mayeda and Bard showed that singlet oxygen can be formed
from the oxidation of superoxide with suitable substrates.'””"

r-Disc;overv of '0; by Khan and Kasha®

» Deciphering of the mechanism of
| dimol emission by Khan and Kasha®

[« First experimental evidence for '0,
from H™ induced disp. of superoxide®

» First prediction of '0, from H*
induced disp. superoxide?

= Evidence for '0, from oxid. of 0, ©

. Negative experimental data for 0,
from H' induced disp. of 0, f

« Evidence for '0; in H' induced

1980 disproportionation of O, in CCl, &

= Deciphering of the mechanism of
0, generation from O, in CCl, "

r
«Studies on the generation of '0,
from solid alkali peroxides'

« Confirmation of '0; from the
| reaction of O,” with acyl peroxides’

« First mention of '0; in Li/O: batt.*

« First evidence of '0; in Li/O; batt.'

= Oxidation of TEMP to TEMPO by
peroxycarbonates™

= First study of '0; in Na/O; batteries"

s Electrochemical oxidation of Li,COs
as cause for'o, °

+'0; formation from NCM materialsP

«'0formation from Li*/Na* induced
disproportionation of superoxide®

«'0 formation from mediated

| oxidation of alkali metal peroxides’

Figure 1. Summarizing timeline of the reviewed literature: (a) refs 16,
17; (b) ref22; (c) ref 19; (d) refs 23—25; (e) refs 20, 26; (f) refs 27—30;
(g) ref31; (h) ref 32; (i) refs 33—35; (j) ref 36; (k) ref 37; (1) ref 9; (m)
ref 38; (n) ref 39; (o) ref 12; (p) ref 10; (q) ref 40; (x) ref 41.

They found that the reaction of the ferrocenium cation with
superoxide leads to singlet oxygen. In addition, they found that
the proton-induced disproportionation leads to singlet oxygen
by using the spin trap 1,3-diphenylisobenzofuran. In general,
spin traps react with singlet oxygen and form stable molecules. In
the ideal case, they react fast, selectively, and form a stable
product, which can be easily detected. Spin traps are consumed
while reacting, which is part of the analytical strategy. An often-
used spin trap utilizes the reaction of 2,2,6,6-tetramethyl-
piperidine (TEMP, 1) to (2,2,6,6-tetramethylpiperidin-1-yl)-
axyl (TEMPO, 2) or the reaction of 9,10-dimethylanthracene
(DMA, 3) to 9,10-dimethyl-9,10-epidioxyanthracene (DMAO,,
4) (see Table 1 and Scheme 1). In contrast, quenchers catalyze

Table 1. Names and Abbreviations of Traps and Quenchers
Used in Singlet Oxygen Chemistry

name abbreviation ~ #
2,2,6,6-tetramethylpiperidine TEMP 1
(2,2,6,6-tetramethylpiperidin-1-yl Joxyl TEMPO 2
9,10-dimethylanthracene DMA 3
9,10-dimethyl-9,10-dihydro-9,10-epidioxyanthracene DMAQ, 4
1,3-diphenylisobenzofuran DPBF
1,4-diazabicyclo[2.2.2]octane DABCO 5

Scheme 1. Exemplary Reactions of Spin Traps and Quenchers
with 'O,

o S0k S0
H o

T 2

o+ 00 — 0

o ()= w

FT

the deactivation of singlet oxygen to triplet oxygen. Ideally, they
are chemically stable, and therefore not consumed while
catalyzing, and react fast. The use of furans as trapping agents
is generally problematic since they also react with other
oxidizing agents, resulting in similar products (see also
Specificity of Singlet Oxygen Traps).”'

Khan predicted, using electron transfer theory, the generation
of singlet oxygen from the disproportionation of superoxide in
aqueous solutions in 1976 and 1978.77* He found a strong
dependence on the surrounding number of water molecules
present, yielding in some cases singlet oxygen as the only
product of the reaction. Since then, numerous reports dealt with
the generation of singlet oxygen from superoxide in different
media and the results of these experimental works vary from
positive via inconclusive to negative. Following the work of
Khan and Mayeda and Bard, Foote et al. investigated the
disproportionation of superoxide in water at pH values ranging
from 6 to 10, using a spin trap.”’ Foote et al. used cholesterol asa
specific 'O, trap and found that singlet oxygen is not produced
in fractions of more than 0.2% compared to the used amount of
tetramethylammonium superoxide as starting material. Further
studies by Aubry (1981), Nanni (1981), and Arudi (1984)

https://doi.org/10.1021/acs.chemrev.1c00139
Chem. Rev. 2021, 121, 12445-12464
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supported the absence of singlet oxygen in the proton-induced
disproportionation of superoxide.”>>" This result was again
questioned by a work of Khan in 1981.°" He observed the
luminescence of singlet oxygen at 1268 nm in the water-induced
disproportionation of KO, in CCl,. The setup used contained a
continuous stream of finely suspended KO, in CCl, flowing
through a gap between a wetted glass frit and an infrared
detector. He proposed eq 1 as cause of the observed
luminescence:

0, (H,0), + 0, -(H,0),
— 102 + 022_'(H20)n + (H,0), (1)

While he indeed found singlet oxygen, the root cause was
falsely claimed to be the disproportionation of superoxide.
Kanofsky found spectral proof for the generation of singlet
oxygen by mixing carbon tetrachloride and carbon tetrabromide
with potassium superoxide in absence of water.”* He proposed
the reaction mechanism shown in eqs 2—4:

0, + CCL, = CCLO, + CI” (2)
2CCLO, — 'O, + products (3)
0, + CCLO, — CCLO;, + 'O, (4)

Chloroform was less reactive but infrared emission at 1268
nm could be observed when the concentration of superoxide
ions in the halocarbon phase was increased by 18-crown-6. The
disproportionation of superoxide ions in deuterium oxide was
not accompanied by chemiluminescence. In addition, the
emission intensities did not differ under either dry or wet
conditions. Kanofsky concluded that less than 0.02 mol of
singlet oxygen per mole of superoxide ion was produced. These
findings were also supported by the work of Roberts and Sawyer
showing a fast reaction between electrogenerated superoxide
and different chloromethane substrates in dimethylformamide
resultin§ in oxygenated products and the corresponding chloride
anion.” The observed kinetics were first order in O,~ and first
order in the chloromethane substrates, and the first step was rate
limiting. The overall reactions found for the chloromethane
substrate are multistep processes that consume one or more
superoxide ions per chloride ion to yield oxygenated products.
Finally, Corey et al. showed spectral evidence for the generation
of singlet oxygen from water-induced superoxide disproportio-
nation in Freon 113, CCl,, and perﬂuorohexane.'H Bursts of
infrared radiation were found when the prepared KO, solutions
were brought in contact with water. The authors also excluded
the above-mentioned reactions found by Roberts and Sawyer, as
Kanofsky who excluded these reactions due to the lower rate
constants compared to disproportionation. In contrast, it was
shown by Kanofsky et al. in 1988 that the addition of D,O to a
solution containing CCl,, like the reaction system described of
Corey et al,, does not increase the yield of singlet oxygen.™*
These results are consistent with prior reports but in conflict
with the results of Corey et al. However, alternative explanations
exist for the data of Corey et al. The addition of large amounts of
water to the KOj-halocarbon suspensions will induce the
dissolution of KO, and cause enhanced reactivity with the
halocarbon and will lead to the rapid decomposition of KO,.
The oxygen evolution from the KO, particles will increase the
reactant mixing rate, which will increase the rate of the surface
reaction between KO, and the halocarbon. The water-induced
decomposition of KO, may also heat the reaction mixture and

thereby increase the rate of the superoxide-halocarbon reaction.
MacManus-Spencer and McNeill studied the formation of
singlet oxygen in the reaction of H)O, with O, in toluene,
which can essentially be described as proton-induced
disproportionation of superoxide when H,0, serves as the
proton source (eqs 5 and 6)." They found that less than 0.2%
singlet oxygen was formed based on the amount of potassium
superoxide used:

H,0, + 0, — HO,” + HO, (s)
HO, + 0,” - HO,” + 0, (6)

In view of all these results and to the best of our knowledge,
there is still no unequivocal proof for direct singlet oxygen
generation from the proton-induced disproportionation of
superoxide whether in aqueous or organic solvents.

Conversely, the reaction between the ferrocenium cation and
superoxide does lead to singlet oxygen as was shown by Nanni et
al. They observed luminescence as a result of the oxidation of
superoxide. They proposed that the formation of singlet oxygen
depends on the specific properties of substrates, which favor
singlet transition states in the electron transfer process.
Reactions involving either adiabatic electron transfer or triplet
transition states form directly triplet ground state oxygen.zg
Calculations by Koppenol and Butler supported these
ﬁndings.l16 These findings leave room for potential singlet
oxygen generation from reactions with byproducts, if the
reaction involves a transition state with singlet spin. Danen
and Arudi detected evidence for 'Q, in the reaction of dibenzoyl
peroxide and superoxide (resulting in benzoate and oxygen) by
using 1,2-dimethylcyclohexene as a trap.”® These results were
confirmed in 2005 by MacManus-Spencer et al., who also found
that the reaction only produced 'O, in the case of diacyl
peroxides, with an average yield of 5% 0, The used
potassium superoxide acted as a nucleophile and reducing
agent. Less than 0.1% singlet oxygen was found in the case of
alkyl peroxides like di-fert-butyl peroxide or tert-butyl hydro-
peroxide.

The formation of 'O, from solid super- and peroxides was also
investigated for the use in chemical oxygen iodine lasers
(COIL). Alfano and Christie used Li,O, and Na,O, in
combination with HCl and HBr, resulting in emissions at
1270 nm.* Li et al. used Li,0,, Na,0,, and KO, as starting
materials and wetted chlorine gas as an oxidizing agent.”*** In
these cases, emission at 1270, 703, and 634 nm was observed. It
can be assumed that the mixing of these superoxides and
peroxides will result in the formation of H,O,, and depending on
the conditions, hypochlorous acid (HOCI) or chlorine gas in
situ. The following reactions will form HCI and 'O,
quantitatively, which is well-known in literature.

In recent years, singlet oxygen was also mentioned as a
possible culprit for the poor performance of Li/O, batteries. It
was first mentioned as a possible charging product in Li/O,
batteries by Hassoun et al. in 2011.>7 They assumed that the
observed charging potential of 3.2 V vs Li'/Li is a mixed
potential of triplet oxygen formation at 2,91 V vs Li"/Li and
singlet oxygen generation at 3.9 V vs Li*/Li. An experimental
proof of the statement was not given, McCloskey et al. also
discussed briefly the possibility of 'O, from the OER in Li/Q,
batteries but deemed the scenario overall unlikely given that the
onset potential of electrolyte degradation did not fit the
thermadynamic threshold for singlet oxygen formation.”” The
first experimental evidence was later given by Wandt et al. in

https://doi.org/10.1021/acs.chemrev.1c00139
Chem. Rev. 2021, 121, 12445-12464



6.2 BACKGROUND AND LITERATURE REVIEW 49

Chemical Reviews

pubs.acs.org/CR

Review

2016, and follow-up studies have focused since then on mainly
two points: (a) detection of singlet oxygen via spm traps and (b)
deactivation of singlet oxygen via quenchers.””'**%%

Wandt et al. detected singlet oxygen in Li/O, batteries
through a reaction with a spin trap, which forms a stable radical
(4-ox0-TEMP to 4-oxo-TEMPQ). The radical was then
observed by time- and voltage-resolved operando EPR spec-
troscopy. The lower limit for the fraction of evolving singlet
oxygen ('0O,) was estimated to be 0.5% of the total amount of
oxygen formed. The standard potential at which this process
occurs was estimated to be 3.9 V vs Li"/Li or 3.5 V vs Li"/Li,
depending on the assumed number of transferred electrons (n =
1 or 2) Mahne et al. found evidence that 1O, forms while
discharging and charging applying the trap DMA. They used
quenchers to improve cycle life and found higher fractions of
10, with rising concentrations of trace water."" In addition, they
found the characteristic emission of singlet oxygen at 1270 nm
while charging in deuterated acetonitrile. Mahne et al. later
examined Li,COj;-packed working electrodes and found
generation of DMAO, when applying voltages above 3.8 V vs
Li/Li*."” This is also likely to happen in Li/O, batteries, since
Li,COy; is a well-known side product in these batteries. Wandt et
al. evidenced the formation of singlet oxygen evolution from
different types of NCM and correlated also the findings with the
oxidation of Li,CO; usmg another characteristic emission of
singlet oxygen at 633 nm. "% Schafzahl et al. reported singlet
oxygen formation also during cycling of aprotic Na/O, batteries.
They used DMA as 'O, trap and reported that water has a
significant impact on the formation of '0,.* Mourad et al. could
link the generation of singlet oxygen to the disproportionation of
superomde and found a correlation with the countercation (H*,
Li*, Na¥, K*, TBA®)." They stated that the strong Lewis acids
H, Li, and Na" stabilize the respective peroxide relative to the
respective superoxide and hence drive the disproportionation
reaction. Weaker Lewis acids tend to stabilize intermediates in
the reaction path less, leading to reduced barriers toward singlet
oxygen. The proton H™ yielded only insignificant 'O, fractions,
while 'O, fractions increased strongly with Li* (2%) and Na*
(12%) containing electrolytes. Vice versa, they also suggested a
dependence of the spin state of the released dioxygen on the spin
state of the reacting species along the reaction path, DFT
calculations were also performed to further unravel the reaction
mechanism, but these results must be reviewed carefully. The
shown AG values refer to a thermodynamic characterization of
reactants, intermediates, and products. Possible energy barriers
in the framework of kinetic considerations have not been
presented. It must be noted that naturally endothermic reactions
have at least an activation energy corresponding to the Gibbs
energy of the considered reaction. However, a comparison of
activation energies is only possible for a number of very similar
reactions under the same conditions. It must be demonstrated
whether this is the case here and whether the reactants and
energetically higher-lying products are necessarily linked by
electronic state transitions that would allow the formation of
singlet oxygen.

Nevertheless, the aforementioned experimental proofs of 'O,
formation must be considered carefully. Zhang et al.
demonstrated that it is possible to oxidize 4-oxo-TEMP to 4-
ox0-TEMPOQO without an applied potential by adding CO, to a
solution of 4-oxo-TEMP and finely dispersed Li,O,°° The
addition of CO, gives rise to a mixture of different
peroxycarbonates and peroxydicarbonates, which act as strong
oxidizing agents (see Figure 2). These results render at least 4-

o] (o] = o o
° el o o @
0 e O o oyt ol M A e
6 T 8 ]
Figure 2. Possible peroxycarbonates formed from Li, O, in contact with
CO,, as proposed by Zhang et al. From left to right: peroxycarbonate 6;

hydroperoxycarbonate 7; symmetrical peroxydicarbonate 8; unsym-
metrical peroxydicarbonate 9.*

oxo-TEMP as an unsuitable trap for singlet oxygen in Li/O,
batteries since CO, and CO,>~ are commonly found in metal/
O, batteries. DMA on the other hand was found to be stable
against combinations of Li,CQOs;, Li,0;, and CO,. > Since singlet
oxygen was found both during discharging and charging,
different mechanisms must be considered. This also includes
reactions with byproducts, which may provide false positive
proofs for mechanisms under consideration.

A possible reaction path for the formation of singlet oxygen
from the dissociation of the lithium superoxide as simplest
model system was investigated by Zaichenko et al. on the basis of
multireference CASSCF/CASPT2 calculations in the gas
phase.” The reaction path for singlet oxygen generation is
about 0.9 eV higher in energy than the reaction path to triplet
oxygen considering the dissociation curves, which show no
additional barrier. They discussed that the solvent can strongly
influence the potential energy curves and that this could
determine whether the singlet oxygen reaction path can be
reached at all. Houchins et al. calculated reaction rates for the
disproportionation of superoxide and lithium superoxide based
on Marcus theory. They found that singlet oxygen formation is
highly preferred in the case of disproportionation of free
superoxide. The specific rate constants depend to a small degree
on the electron donor and acceptor properties of the solvents
used.”" Pierini et al. modeled thermodynamic and kinetic data of
the lithium and proton induced disproportionation reaction of
superoxide using multireference CASSCF/NEVPT2 calcula-
tions.” They found qualitatively similar reaction profiles for
both cases and stated that the presented activation energy of 1.5
eV shows the inaccessibility of purely chemical pathways in the
case of Li*. They attributed the detected singlet oxygen to either
stem from the proton-induced disproportionation or an
electrochemical reaction. The interaction of redox mediators/
catalysts and singlet oxygen was also investigated. Kwak et al.
attributed the slow degradation of redox mediators during the
cycling « of Li/O, batteries to oxidation reactions with singlet
oxygen.™ Reduced forms of redox mediators were particularly
susceptible due to the higher electron affinity of singlet oxygen
compared to triplet oxygen. Liang et al. investigated the
influence of redox mediators on the formation of singlet oxygen
in Li/O, batteries. In nonmediated batteries, they found a
fraction of up to 27% 'O, of the total evolved oxygen, while in
the case of mediated batteries, the formation of 'O, was
suppressed. They hypothesize that redox mediators promote the
rate of intersystem crossing, wlnch accelerates the relaxation of
singlet oxygen to triplet oxygen.” Petit et al. investigated the
reaction mechanism of mediated oxidation of (su)peroxides by
redox mediators.”' They found that the oxidation of peroxides
leads to superoxides in the first step. Subsequent oxidation of
superoxides with redox mediators with a standard potential >3.5
V vs Li*/Li formed significant amounts of '0,. They found that
the extent to which 'O, or *0, is generated is determined by the
relative kinetics of superoxide oxidation versus 'O, generation
by disproportionation, the redox mediator concentration, and

https://doi.org/10.1021/acs.chemrev.1c00139
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Figure 3. (a) Molecular orbital diagrams of different spin states of dioxygen and the corresponding term symbols. From left to right: oxygen in the
ground state, exhibiting two unpaired electrons with parallel spin in the two highest occupied molecular orbitals (HOMO) due to Hund's rule. Spin
inversion of one of the unpaired electrons, and additional pairing of them, leads to the first electronic excited state with the term symbol 1.Ag (middle).
This spin state is referred to as singlet oxygen or 'O,. Spin inversion of one unpaired electron leads to the second electronic excited state 'Ef,
sometimes referred to as high-energy singlet oxygen. The 32;, IAS, and 12; electronic states are triple-, double- and nondegenerate, respectively.” (bg)
Transition between the ground state and 'Ag or ]Z;' is spin-forbidden and therefore kinetically hindered. In comparison, transition between 'E; and

lAg is spin allowed and therefore fast.

the 'O, quenching efficiency of the mediator. The apparent
reaction rate between mediator and solid (su)peroxides showed
a maximum around 3.2 V vs Li*/Li for the standard potential of
used redox mediators, which was attributed to the Marcus
inverted region (cf. section 3.4). However, caution must be
exercised here since the Marcus theory was originally developed
for homogeneous reactions. Samojlov et al. studied the influence
of different solid catalysts (Pd, Co;Q.,, MnO,, and TiC) on the
generation of 10, in Li/ O, batteries.”” They found that catalysts
that can release 'Q, from H,0, can also lead to increased
amounts of 'O, in Li/O, batteries. Cordoba et al. used
fluorescence quenching of DMA as a probe for '0,.°° They
detected a decay in fluorescence during electrochemical oxygen
reduction in a 0.1 M LiTFSI/DMSO electrolyte. The decay
could also be detected when a solution containing superoxide
anions was mixed with a solution containing Li* ions, hinting
that the measured decay originates from the Li'-induced
disproportionation of superoxide. The overall amount of formed
'0, was not further quantified. Lozano et al. detected singlet
oxygen by fluorescence quenching of DMA also during the O,
reduction in NaOTf/diglyme electrolytes.’”” Ammonium
trifluoromethanesulfonate (NH,OTf) was also used as an acid
and catalyst for proton induced disproportionation of super-
oxide. The quenching of DMA fluorescence was enhanced when
NH,OTf was used. They ascribed the detected 'O, to the
proton induced disproportionation of superoxide. The used
setup did not allow to quantify the formed amount of 'Q,.

As with proton-induced disproportionation, there is so far no
clear evidence for the formation of singlet oxygen in metal/O,
batteries from the proposed causes (namely disproportionation
or direct electrochemical generation). In addition, reported
values of the fraction of 'O, compared to the overall evolved
amount of oxygen scatter widely. This is due to the complex
nature of the systems under consideration and the short life span
of singlet oxygen, which makes detection difficult. False positive
results cannot be excluded as the studies of Zhang et al. show.
The found potential dependence together with the reported

influence of water and Li,COj; could also be interpreted as an
indication for a side reaction resulting in '0,. Future studies
must take advantage of the characteristic luminescence of singlet
oxygen or show that a false positive result from a side reaction
mimicking singlet oxygen can be excluded. Extensive kinetic
studies will be required to find the root cause of the singlet
oxygen found.

3. THEORETICAL CONSIDERATIONS

Obviously, the experimental observations of singlet oxygen and
its formation are not conclusive, and questions on possible
reaction mechanisms remain unanswered. In the following,
theoretical considerations of molecular orbital diagrams, singlet
oxygen, spin conservation, Wigner-Witmer rules in (electro)-
chemical reactions, and Marcus theory are summarized using
examples and reactions to explain their fundamental nature.
These fundamental rules and considerations are then transferred
in the next section to the oxygen electrode in electrochemical
metal/O, cells.

3.1. Molecular Orbital Description

The molecular orbital diagrams of oxygen provide an insight into
the energetics of the molecular orbital energies. The molecular
orbitals are occupied by electrons in the sense of the Pauli
principle, noting that the antibonding ,,*-orbitals are doubly
degenerate. In molecular oxygen, these two antibonding ,,*-
orbitals are occupied by two electrons. An important
consequence of the Aufbau principle for molecules is that
molecular oxygen has a triplet ground state. This is due to the
fact that according to Hund’s rule the two electrons have parallel
spin, Typical for configurations with nonclosed shells is that
there are several states for a configuration, which can be
characterized by term symbols. For linear molecules, these terms
are characterized by the total spin S, the component M; of L in
the direction of the molecular axis, and the behavior of the total
wave function with respect to inversion at the center of
symmetry (if one exists). The terms for the ground state
configuration of O, can be determined by considering only the

https://doi.org/10.1021/acs.chemrev.1c00139
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open shell (Jrzp*—orbitals) and setting up the corresponding six
possible Slater determinants. The Slater determinants can be
assigned to term symbols and result in 32;, 'Ag and 'Z} witha 3-
fold, 2-fold, and no degeneracy. A more detailed discussion can
be found in ref 58 The molecular orbital diagrams and the
corresponding term symbols are shown in Figure 3: unpaired
electrons with parallel spin (triplet ground state, X, often
denoted as °0,), paired electrons (singlet state, lAg, first
electronic excited state, here denoted as 'Q,) and unpaired
electrons with antiparallel spin (singlet state, 'Z;, second
electronic excited state, here labeled as high energy 'O, or
HE-'0,). In most cases, the *A, configuration is referred to as
singlet oxygen (this also applies here in the following). The
energy difference between 'O, and 30, is roughly 1 eV, and the
energy difference between HE-'0, and 30, is roughly 1.6 éV."*

Both singlet oxygen species are stronger oxidizing agents than
triplet oxygen. One reason is the higher electron affinity of the
excited states; reactions with singlet oxygen are therefore more
exothermic compared to reactions with triplet oxygen.”” The
higher electron affinity of the excited states corresponds also to a
higher standard potential in electrochemical cells.***" Another
reason is the spin state of the singlet oxygen molecule. Most
organic molecules are in the singlet state and therefore do not
react readily with triplet oxygen but with singlet oxygen.”” This
behavior roots in spin conservation and is discussed in detail
below.

Although the states differ in their energy and reactivity, the
corresponding oxygen molecules still have comparable bond
lengths (*0,, 120.752 pm; '0,, 121.156 pm; HE-'0,, 122.688
pm).”” In addition, the emission wavelength for the transition
back into ground state triplet oxygen does only slightly depend
on the solvent (e.g.,» gas-phase, 1270 nm; acetone-dg, 1273 nm;
pentane, 1275 nm).” Therefore, ground state triplet and excited
singlet oxygen probably have similar solvation energies in
solvents and electrolytes. Conversely, this means that the
energies required for a transition between two states are directly
related to half-cell potentials in electrochemical cells, at least in a
first approximation.”** The lifetime of singlet oxygen depends
highly on the used solvent and can vary over several orders of
magnitUde (E.g., TA,HAO =31 1“55 TA,acelone-dn =992 ﬂs)'M’é‘hSS

Dioxygen can exist in metal/Q, batteries in different oxidation
states. The reduction reaction during discharge of a metal/O,
battery leads via superoxide (O, ”) to peroxide (O,*) species as
discharge product. A direct two-electron pathway is also under
consideration (cf. Aurbach et al}.” The reduction is
accompanied by a decrease of the bond order (O,, 2; 0,7,
1.5; 0,*7, 1) and an increase of the bond length. This is due to
the additional electrons in antibonding 7,,* states. Further
reduction of molecular oxygen to the trianion is not
experimentally known, instead further reduction leads to bond
breaking and the formation of atomic oxygen radical mono-
(e.g, ©7) and dianions (0*7).

3.2. Deactivation of Singlet Oxygen

Compared to triplet oxygen, singlet oxygen is very reactive and
can be deactivated in three ways depending on the chemical
environment (e.g., gaseous L0, or dissolved '0,):**

1. Nonradiative deactivation:'* singlet oxygen relaxes into
the triplet state, and the released energy is transferred to
surrounding molecules. The term nonradiative deactiva-
tion covers various competing reaction mechanisms.
These are, in the order of increasing rate for the
deactivation, electronic-to-vibrational energy transfer,
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charge transfer induced quenching, and common
electronic energy transfer. Electronic-to-vibrational en-
ergy transfer is a general deactivation process of singlet
oxygen, which converts electronic excitation energy of the
oxygen molecule into vibration of oxygen and quencher
and occurs during any di- or polyatomic collisien in the
gas or liquid phase. In most liquids, the lifetime of singlet
oxygen is limited by electronic-to-vibrational deactivation
to the range of micro- to milliseconds. Figure 4 shows the
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Figure 4. Electronic-to-vibrational energy transfer from Ol(]Ag) toa
C—H bond. The potential energy curves of the 3Eg and’ A, states of O,
and the ground-state potential curve of a C—H bond as deactivating
bond are shown, together with their corresponding vibrational levels.
Since only very weak temperature effects have been determined for
electronic-to-vibrational deactivation, only exothermic deactivation
paths should be relevant. Two different possible coupled transitions of
OQ(IA‘;) and C—H are shown: the first one starting from v('0,) = 0 and
#(CH) = 0 to the final state v(*0,) = 3 and v(CH) = L. The second one
starting again from v('0,) = 0 and v(CH) = 0 to the final state v(°0,) =
1 and v(CH) = 2. Lengths of arrows correspond to transition energies
Ey, and Ey, respectively. Data from Schmidt and Afshari. Adapted
with permission from ref 66. Copyright 1992 Deutsche Bunsen-
Gesellschaft fiir physikalische Chemie e.V. and Wiley-VCH.

coupled transition of 'O, to 0, with the excitation of a
C—H bond. Electronic-to-vibrational energy transtfer
shows a pronounced H-D isotope effect, which leads to
longer lifetimes in deuterated solvents, often by more than
one order of magnitude (e.g,, Tam,o = 3.1 fis; Tap,o = 68

- - _ Y 14,64—66
K85 TA scetone = 51.2 M85 TA scetone-ds = 992 ﬂb)

. Radiative deactivation:'* The excess energy that is
released during the change from singlet to triplet oxygen
state is emitted as photon. This transition is spin-
forbidden for the given selection rules, which explains
the long half-life time of 'O, in the gas phase of 72 min,
Collisions with other atoms or molecules induce
perturbations of the electronic structure, which weakens
the strong forbiddeness of the radiative processes. This is
especially true for condensed matter. There is a multitude
of possible emitted photons, which are summarized in
Table 2 (including an approximation of the perceived
color of the photon®’)."

. Chemical reactions: Since most organic compounds are
molecules in the singlet state, reactions with 'O, are spin
allowed, in contrast to reactions with triplet oxygen.

https://doi.org/10.1021/acs.chemrev.1c00139
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Table 2, Radiative Routes for Deactivation of Singlet Oxygen
and Corresponding Photon Wavelengths®

initial state final state wavelength

L 3y
( lAg)v:u - (125 Jmt 1580 nm
( LAS)M — (jzg- ), 1270 nm
(Lz_\g)v=i — (-:z;)mo 1070 nm
(=), =y (jzg' )t 865 nm
‘'zh,., — 2o 770 nm
(‘=9 _, o £35) 762 nm
(LA.“.)U=0([A.‘1)V=D = (32;)v:2(3x;)l=0 786 nm
(8, ('80), A N
('a),,('8), - (), 00
(89,4080, ® (20,202, i
C TS S I 477t
(T = a2

“Subscript v describes the vibrational mode of the oxygen molecule.
Higher vibrational modes in the initial states lead to the emission of
photons with higher energy, while higher vibrational modes in the
final state lead to the emission of photons with lower energy.”” The
observed wavelengths differ only slightly in different media and allow
to identify the generated singlet oxygen.'* The coloring in the table
indicates an approximation for the perceived color of the photon.

Possible reactions are for example ene-reactions and [4 +
2] and [2 + 2] cycloadditions.””

3.3. Spin Conservation and Wigner’s Rules

Wigner’s spin conservation rule states that the total angular
momentum of a system does not change during an allowed
electronic energy transfer.”“*~"! The rule applies both during
an electronic transfer between different energy states of the same
molecule or atom and during a transfer between molecules or
atoms, regardless of ground state or excited state. From Wigner's
spin conservation rule, it follows that there must be a correlation
of the spins of the electrons involved between the reactants and
the products in an allowed reaction. These reactions are also
called (electronically) adiabatic.”? If one considers a reaction of
the reactants A and B with the respective spins S, and S, the
possible total spins can be determined with the help of the vector
addition rule IS, + Sgl, 1Sy + Sy — 1I, ..., ISy — Sgl. Both the
transition state passed through and the resulting products must
have a total spin that corresponds to the values determined from
the reactants. In this situation, reactants, transition state, and
products are on the same potential energy surface. The Wigner
rule can also be illustrated by looking at the individual spins of
the type a (1) and of the type f# (1). In the combined initial and
final state of the system, the number of spins of type a and
remains the same, regardless of how they are combined in the
final state (see Table 3). The reaction of two reactants in the
singlet state (1| + 1) can therefore lead to products in the
singlet (1 + 1) or triplet (11 + ll) state but not to a
combination of triplet and singlet (11 + 11).

Another example for the role of spin conservation represents
the reactions of organic and biological molecules with O,, which
are typically highly exergonic, whereas they do not occur
spontaneously. The standard Gibbs energy of reaction for the
reaction of O, in the triplet state with the double bond of ethene
to formaldehyde is calculated from the standard Gibbs energy of
formation (data taken from M. W. Chase”):

Table 3. Examples of Wigner Spin Correlation Rules for
Combination of Different Spin State Reaction Partners and
Resulting Spin States of Potential Energy Surfaces®"%"7'¢

reactant B

Singlet (S = 0)

reactant A

Singlet (S = 0)

products
Singlet (S =0)
Singlet (S = 0) + Singlet (S =0)

Doublet (§ = 1/2)
+ Doublet (S = 1/2)

Triplet (§=1) + Triplet (S = 1)
Doublet (§=1/2) Doublet (S =1/2)
Singlet (S = 0) + Doublet (§ = 1/2)
Triplet (S = 1) + Doublet (8 = 1/2)
Triplet (5= 1)
Triplet (S = 1) + Singlet (S =0)

Doublet (§=1/2)
+ Doublet (S =1/2)

Doublet (S=1/2) Doublet(S=1/2) Singlet (S =0)
Triplet (5= 1)
Singlet (§ =0) + Singlet (§ =0)
Triplet (S = 1) + Singlet (§=0)

Doublet (S = 1/2)
+ Doublet (S = 1/2)

Triplet (§=1) + Triplet (§ =1)
“Reactions are of the type A + B — C (+ D).

Singlet (S = 0)

Singlet (S = 0) Triplet (5§ =1)

C,H, + 0, - 2CH,0  A.G° = -2882 M
mol (7)

Although this oxygenation reaction is highly exergonic, it does
not occur spontaneously due to spin conservation.””’* Ethene,
like other typical organic and biologic molecules, is a singlet
multiplicity molecule (S = 0); the direct reaction of a molecule
with $ = 0 with triplet oxygen (*O,; S = 1) would tend to proceed
via a reaction surface with S = 1 to yield an oxygenation product
with § = 1 (cf. Table 3). Thereby, reaction rate theory predicts a
low probability for any reaction that involves a change in
multiplicity.”* In contrast, the same reaction with 'O, occurs
spontaneously since there is ne change in multiplicity.”
Furthermore, the driving force of the reaction rises due to the
excited state of oxygen to AG® = —382.5 kJ/mol, making the
reaction even more favorable.

Nevertheless, a low probability for a reaction does not exclude
the reaction completely and the terms allowed and forbidden
must be used carefully. When the term forbidden is used, it
usually implies that along a reaction path an additional barrier is
encountered. The barrier stems from the unfavorable orbital
properties (symmetry) of the system and is sometimes called an
electronic barrier. To avoid the electronic barrier, a reaction
must proceed via a different reaction path (for example, stepwise
instead of concerted). Similarly, a reaction that is allowed is
simply one that does not have such an additional electronic
barrier. However, this does not mean that an allowed reaction is
per se favorable. Steric interactions, energetic conditions, spin—
orbit-coupling, or other factors could slow down the reaction. In
many cases, the additional electronic barrier reduces the
observed reaction rate by a significant value.”””” Assuming an
Arrhenius-like behavior, an additional activation energy of 5.7 k]
mol ™! results in a 10-fold slower reaction.

Another example for the importance of spin conservation in
reactions is the oxidation of H,0, with elemental chlorine,
which generates singlet c)xygen:zz’m*‘qn

H,0, + OH™ — HO,” + H,0 )

https://doi.org/10.1021/acs.chemrev.1c00139
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Cl, + HO; = HOOCI,~ (9)
HOOCI,” - HOOCI + CI” (10)
HOOCI + HO,™ — H,0, + 00CI” (11)
00Cl” — !0, + CI” (12)

Starting with molecules in the singlet state, the reaction
proceeds to OOCI™ in the singlet state. OOCI™ finally
decomposes to 'O, and CI™. Since the total spin is § = 0 and
does not change, the oxygen molecule formed must be '0,, and
indeed, it is formed quantitatively. Such a behavior is observed
with many strong 2e-oxidants, as this can lead to a direct
transition from singlet to singlet.”"

Spin conservation and Wigner’s rule are also assumed to be
obeyed in electron transfer reactions on electrode surfaces.
Marcus theory, which is one of the most important kinetic
models for electron transfer reactions, assumes an adiabatic
behavior and therefore spin conservation.™

3.4. Marcus Theory

The Marcus theory was developed to explain the rates of
electron transfer reactions between two molecules or ions in a
homogeneous solution (e.g, disproportionation of super-
oxide).” It can also be used to rationalize electron transfer
reactions and is used to describe reactions yielding products in
excited states or reactions leading to chemiluminescence. While
the Marcus theory per se was not intended to describe electron
transfer reactions at an electrode, the theory was later extended
to include them.*

First, a simple, single electron transfer from one species to
another is considered:

O+R »R+0 (13)

Marcus originally only considered outer sphere electron
transfer, meaning reactions in which an electron is transferred
between two chemical species that remain separate and intact
before, during, and after the electron transfer. In the case of inner
sphere electron transfer, the two species become connected via a
chemical bridge, for example, a ligand or solvent molecule.
Electron transfer between two reacting species is a radiationless
electronic rearrangement of these species whether it is
homogeneous or heterogeneous. Since the transfer is radiation-
less, the electron must move from its initial state with a given
energy to a receiving state with the same energy. This is usually
called isoenergetic electron transfer, and it is assumed that the
Born—Oppenheimer approximation can be applied to the
system. In addition, the Franck—Condon principle is assumed,
stating that nuclear momenta and positions do not change on
the time scale of the actual act of electron transfer or electronic
excitation. This is sometimes also called “optical conditions”,
referring to the origin of the Franck—Condon principle. We
assume in the following that the assumptions made by the
Marcus theory are valid and applicable and the described cases
below fall well within these limits. Oxygen reduction and
superoxide oxidation in aprotic media are often considered as
outer sphere electron transfers, but there are also cases in which
significant inner sphere contributions or inner sphere mecha-
nisms are observed, for example, in electrocatalysis involving
oxygen or superoxjde.”‘m_86 However, it is known in literature
that these assumptions are not always valid, for example, the
Born—Oppenheimer approximation (or also adiabatic approx-
imation) breaks down in the case of large distance electron
transfer’” or when two electronic states are close to each other.”

Any reaction proceeds on a multidimensional surface defining
the standard Gibbs energy of the systems and includes reactants,
products, and solvent. Finally, it is assumed that the free energies
of reactants and products depend quadratically on the reaction
coordinate, which gives rise to the two shown parabolae in
Figure 5. These are essentially diabatic surfaces of the system, as

A
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Figure S. Schematic representation of the Marcus theory for two
different systems. The blue parabola R corresponds to the Gibbs energy
and the electronic structure of the reactants; the orange parabola P
corresponds to that of the products. Both represent diabatic surfaces.
On the left side, a self-exchange reaction is shown whose reactants and
products are in sum identical (e.g., Fe?* + Fe*" <> Fe*' + Fe*") and AG"
= 0 kJ/mol. The energy of the reactant parabola at the position of the
minimum of the product parabola, the so-called reorganization energy
4, is a measure of the activation energy required. The reaction on the
right side is exothermic, the product parabola is therefore shifted
downward, and a lower activation energy is observed (e.g, Fe?* + Ce*
< Fe’ + Ce™). This is also known as the Bell-Evans—Polanyi
principle, which states that in a family of similar reactions, the activation
energy decreases with increasing exergonity. In addition, the position of
the transition state shifts toward the reactants and becomes therefore
more reactant-like in energy and structure. This is known as the
Hammond postulate. In both cases, the mentioned examples are spin
allowed (adiabatic) reactions.

they cross each other, opposite to adiabatic surfaces, which avoid
those intersections. The transition state of the reaction is at the
crossing of the two parabolae, where both states have the same
configuration and energy. Electron transfer, essentially a tunnel
process between two states, can only occur at this point, in line
with the Franck—Condon principle.*

The energy of the reactant parabola at the position of the
minimum of the product parabola is the so-called reorganization
energy A and is a measure of the activation energy required. It
represents the energy needed to transform the nuclear
configuration in the reactant state to those of the product
state. The model relates the activation barrier to the nuclear
reorganization that accompanies the electron transfer. Within
the Marcus theory, it is a constant for a given system. The
reorganization energy A is composed of the solvational or outer
component 4, (here given for the case of homogeneous
reactions) and vibrational or inner component A;:

A=4,+ 4 (14)
ot 1) 1 1 1
° 47, Dop D\ 2a, 2a, r (15)

where n is the number of transferred electrons, D, is the optical
dielectric constant (equal to the square of the refractive index),
D, is the static dielectric constant, a, and &, are the radii of the
two spheres exchanging the charge, and r is the separation
between the spheres.

https://doi.org/10.1021/acs.chemrev.1c00139
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L= T kQ - Q)
j (16)

where Q" and Q/f are equilibrium values for the jth normal mode
coordinate Q, and k; is a reduced force constant, originating from
the force constants of reactants and products.

Together with the Gibbs energy of reaction, the activation
energy of the reaction can be calculated according to eq 17. The
reaction rate can then be determined using eq 18. The term A
depends on the nature of the electron transfer reaction
(bimolecular, intramolecular, or heterogeneous) and can also
contain statistical factors. For further details, see the works by
Marcus and others.**#%07%%

1
AG* = —(AG® + 4)°
44

ke
k=A exp[—AiJ
RT (18)

According to Marcus theory, reactions with increasing
exothermic character show decreasing activation energy until a
virtually activationless reaction occurs (Figure 6). If the

(17

reactant parabola, the reaction is considered activationless and
reaches its maximum rate. A further increase in exergonity does
not lead to a higher rate and decreased activation energy as
proposed by the Bell-Evans—Polanyi principle. Instead, the
crossing point migrates upward again, and the activation energy
rises. The region where an increase in exergonity leads to a
higher reaction rate is also called the normal Marcus region. A
renewed increase in activation energy despite increasing
exergonity is also referred to as the “Marcus inverted region”.
The validity of the theory was successfully experimentally
confirmed for intramolecular long-distance electron transfer in
organic molecules by Closs and Miller in 1984.”>7

The Marcus theory can also be used to rationalize
chemiluminescence reactions if they are accompanied by an
electron transfer.”” In a chemiluminescence reaction, an
electronically excited state is generated by kinetically shunting
a would-be highly exergonic electron transfer by a much less
exergonic one. The excited species then decays to a lower energy
level through the emission of a photon with an energy that is
close to that of the difference in enthalpies. The excited product
can be shown as additional, upward shifted parabola in
comparison to a ground state or unexcited product (Figure 7).

4 normal activationless inverted
>
= !
2 AG®,
I
@
= AG®,
&

AG°,
Reaction Coordinate

r
B
=

T T T
I L]
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Figure 6. Simplified potential energy curves for an exothermic electron
transfer reaction according to the Marcus theory. While the exothermic
character of the reaction rises from left to right, the rate constant of the
reaction passes through a maximum (bottom). This behavior can be
explained by looking at the point of intersection between the reactant
and product parabola: with increasing released energy, the point of
intersection approaches the minimum of the reactant parabola and
passes through it in very strongly exergonic reactions. Up to this point, a
rise in exergonity leads to a higher reaction rate via a larger reaction
constant k (I — LI). This area is also called normal region. At this point,
the reaction has no activation barrier; the rate constant is at its
maximum. With a further increased exergonity, the activation barrier
rises again, and the reaction slows down again (II — IIT). This region is
also known as “Marcus inverted region”. The resulting rate constant &
for the different cases can be determined via eqs 14—18.

exothermic character is increased further (AG becomes more
negative), the activation energy increases again.”® This behavior
can be explained by looking at the point of intersection between
the reactant and product parabola: with increasing released
energy, the point of intersection approaches the minimum of the
reactant parabola, which is also known as Bell-Evans—Polanyi
principle. In addition, the transition state becomes more
reactant-like, which is known as the Hammond postulate. If
the position of the transition state reaches the minimum of the

R i

Free Energy

R— P*

Reaction Coordinate

Figure 7. Potential energy curves for an exothermic electron transfer
reaction with two possible products, one leading to chemilumines-
cence.” In a chemiluminescence reaction, an electronically excited
state is generated by kinetically shunting a would-be highly exergonic
electron transfer by a much less exergonic one. The excited species then
decays to a lower energy level through the emission of a photon, the
energy of which is close to that of the difference in enthalpies. The
excited product can be shown as additional, upward shifted parabola in
comparison to a ground state or unexcited product. Left: The reactant
parabola intersects with both possible product parabolae but due to a
lower activation energy only product P in the ground state is formed.
No chemiluminescence can be observed. Right: A shift to a sufficiently
higher exergonic character leads to the Marcus inverted region for the
reaction R — P and therefore to an overall higher activation energy. At
the same time, product P is accessible in its excited state with a lower
activation energy. The reaction proceeds via R — P¥, in the following
deactivation of P¥, back to its ground state P, chemiluminescence can
be observed.

In the case of 'O,, the product parabola would be shifted upward
by ~1 eV. In a sufficiently exothermic electron transfer reaction
to reach the Marcus inverted region, the region where the
surface of ground state products intersects that of reactants is not
readily accessible and becomes less accessible with increasing
exothermicity.

Under these conditions, the region where the potential energy
surface involving an excited product intersects that for the
unexcited reactants may be readily accessible within the Marcus
theory.”® The formation of an excited product can then occur
easily, and it should be possible to generate 'O, from
(molecular) Li,O,. This could be possible with strong 2e”

https://doi.org/10.1021/acs.chemrev.1c00139
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oxidizing agents, like chlorine gas, while assuming a spin allowed
reaction. Indeed, as already mentioned above, it is possible to
produce '0, from H,O,, which is comparable to Li, O, regarding
the oxidation state of oxygen and bond order of the O—O bond
even though the chemical nature of the O—H bond is covalent,
and the O—Li is more ionic in character. At this point, the
question arises whether the formation of 'O, is also electro-
chemically possible or whether the oxidation of peroxides leads
to products in the ground state.

At this point, the definition of term adiabatic in electro-
chemistry must be discussed since it differs from the definition
given above.®"* For an electron transfer to occur, some mixing
of the two states at the position of the transition state must exist,
which results in a splitting of the curves (Figure 8).”%!

Free Energy

Reaction Coordinate

Figure 8. Splitting of the energy surfaces in the region of the transition
state. Left: A strong interaction between the reactants leads to a well-
defined, continuous energy surface connecting initial and final state of
the system. If the reacting system reaches the transition state, the
probability is high that it will proceed into the valley corresponding to
the products (P), as indicated by the curved arrow. The splitting is
greater than &7 and the reaction is said to be adiabatic. Right: A weak
interaction, less than kT, leads to a small splitting in the region of the
transition state. When the reacting system approaches the transition
state from the left, it has a tendency to remain on the reactant parabola,
as indicated by the straight arrow. The probability of a transition to the
product state is small and the system will most likely return to its initial
state. The probability of an electron transfer at the intersection of the
two diabatic states is described by the electronic transmission factor .

Otherwise the system will remain on its initial diabatic surface,
pass over the intersection region, and fall again back to the
reactants, therefore excluding the conversion into product. The
probability that the reactant is converted into the product on
passing the activation barrier is an increasing function of the
electronic coupling energy H between the two states at the
intersection of the two diabatic surfaces. When resonance
between the two states at the transition state is sufficient for the
reaction probability to reach unity, the reaction is said to be
adiabatic. In this case, the electron transfer proceeds via the
energetically favorable surface continuously from reactants to
products. The coupling energy H needed to ensure adiabatic
behavior is also a function of the reorganization energy 4, but in
general a value around kT is deemed to be sufficient. This
argument is taken inte account by introducing a pre-exponential
factor K, (electronic transmission factor). If &, < 1, or the
splitting is less than kT, the reaction is said to be diabatic (or
nonadiabatic, a double negation). Strictly speaking, the coupling
energy H should be subtracted from the derived activation free
energy. However, in most cases, H is small enough for this
correction to be negligible but large enough for adiabaticity to be
ensured. The electronic transmission factor ,; can be calculated

12454

using eq 19 and the passage from a diabatic to an adiabatic
behavior is shown in Figure 9:”
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Figure 9. Passage from nonadiabatic to adiabatic conditions. Variations
of the transmission coeflicient x, with the electronic coupling energy H
for various values of the reorganization energy. From left to right, 4; =
0.5, 1, 2, 3, 4 eV; temperature: 25 °C. Formula for calculation taken
from Savéant.”

Up to this point, the Marcus theory only applies to electron
transfer in homogeneous solution. The Marcus—Hush-Chidsey
theory extends this concept to electrochemical reactions
between metal electrodes and reactants in solution. Since solid
electrodes are considered, their band structure is taken into
account (Figure 10). In contrast to the classical Marcus theory,
there are now not only two potential energy surfaces, which are
approximated by harmonic parabola, but combinations of
harmonic parabolae including the (simplified) band structure
of the bulk phase of the metal electrode.

The energy states within the band structure are only
considered if these are occupied by electrons: in case of an
oxidation on the product side or in case of a reduction on the
reactant side. The consideration of the band structure leads to
completely different kinetic results than with individual
molecules reacting in homogeneous solution, as in the classical
Marcus theory. To calculate the resulting rate constants in such a
case, the approach is to use the forward and backward rate
constant expressions of the individual rate constants (eqs 17 and
18) and sum these individual rate constants over all electronic
states. The contribution of each state to the resulting rate
constant is weighted according to the Fermi—Dirac distribution.
Assuming that H, and the density of states and therefore k), are
independent of the energy of the electronic states, the results are
expressed by eqs 20 and 21:

k explfﬁ{%lfl, + (E — En)] - é’}hJ
k(E) = < dg
T 1+ expl0)
_ k;.o exp[—uz] dv
T vE

14 CXP{%Mt + (E - E“)]}cxp(\/%v)
(20)
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Figure 10, Schematic, simplified representation of an electrode reaction
by the Marcus—Hush-Chidsey theory. The blue group of reactants
parabolae consists of individual parabolae with energy intervals of about
107** eV. This corresponds to a parabola for every possible state of an
electron in the conducting band of the metal electrode. Since the
electron occupies a band state at the beginning of the reaction, the
shown reaction is a reduction {e.g, Fe’* + e~ — Fe’"). With increasing
exergonity, additional lower states of the band structure are accessible,
which is kinetically favorable. The exergonity of a reaction can be tuned
by applying a potential to the electrode. Contrary to Figure 6, an
increase in exergonity as shown from II to III does not lead to a lower
reaction rate and a Marcus inverted region. Instead, a limiting behavior
is found after reaching a suflicient potential since there is always a state
without a barrier through which the reaction can take place. Overall, the
reaction still proceeds via states on the band edge since holes in lower
states are quickly filled with electrons from states near the Fermi level in
case of a reduction. Energy conservation is therefore given overall,
despite a limiting kinetic behavior.

" exp|[ -2 { £1s, - e - 81 - ¢ |
k(E) = =

NET IR 1+ exp(l)

ki exp[ﬂ/zj dv
VT 1+ exp{RL;.H, - (E- EU)]}exp(\j?v)
(21}

The most important consequence of taking all electrode
electronic states into account is the disappearance of the
inverted region that is predicted by the classical Marcus theory.
Since the band structure of the metal contains quasi-continuous
states for receiving or releasing electrons, the reaction can
proceed without a barrier after a sufficient potential is reached in
case of a reduction via states below the Fermi level or above the
Fermi level in case of an oxidation (Figures 10 and 11). The
inverted region is therefore wiped out by the interference of
other electronic states in the electrode, which are thermody-
namically unfavorable but kinetically advanta%eous. This results
in a limiting behavior for electrode reactions.” In other words,
due to the large width of the band structure of the metal
electrode, the system can easily reduce the exothermic character
of an electron transfer by electron transfer from/into such a
filled/unfilled level. Energy conservation is also given overall,
despite a limiting kinetic behavior. The reaction proceeds quasi
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Figure 11. Effect of taking into account all electrode electronic states in
the case of an electrochemical reaction (4 = 0.6 €V; temperature: 25
°C). The dotted, orange lines represent the rate constants as predicted
by classical Marcus theory (egs 17 and 18). A maximum is observed at E
— E%=+ Jand the corresponding inverted regions at values E — E% < —J
in the case of the forward rate constant and E — E” > 1 in the case of the
backward rate constant. The inverted region vanishes when all
electrode electronic states are taken into account (solid, blue lines,
eqs 20 and 21).

via states on the band edge since holes in lower states are quickly
filed with electrons from states near the Fermi level in case of a
reduction (vice versa in the case of an oxidation).

A direct comparison between an electrode reaction with and
without taking all electronic states into account is shown in
Figure 11. The computation can be further refined by using for
example calculated density of states as was shown by Kurchin
and Viswanathan.”” The integrals shown in eqs 20 and 21 can
also be approximated with small errors for ease of
cc)mputation.‘)sf99

Spin conservation is still applied in the Marcus—Hush-
Chidsey theory since adiabatic behavior of the reaction is
assumed. This is not in conflict with the absence of an inverted
region: formed products are in the lowest energetic state
possible since a higher exergonity simply cannot lead to a higher
activation energy compared to a reaction path leading to an
excited state. Thus, unless the formation of the excited state of an
ion by electron transfer to or from the electrode has an
exceedingly small activation barrier, it cannot compete with the
formation of the ground state of an ion or molecule.”® There is
also experimental evidence showing that it is not possible to
reach excited states by direct electron transfer at electro-
deg, 00101

Albeit it is not possible to reach excited states via direct le” or
2¢” electron transfer reactions at a metal electrode, it is still
possible that electrochemical reactions lead to chemilumines-
cence if they are coupled with homogeneous chemical reactions.
This concept is called electrochemiluminescence (ECL) or
sometimes electrogenerated chemiluminescence, which we
consider as a better term in this case. An often-shown example
is the so-called annihilation ECL of Ru(bipy),**. First,
Ru(bipy),* and Ru(bipy),’* are generated electrochemically. Jo
A following comproportionation reaction in solution leads to an
excited product, which relaxes into the ground state with

https://doi.org/10.1021/acs.chemrev.1c00139
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emission of a photon. A generalized scheme for this reaction is
shown as follows:

Ate =K (22)
A=A 4o (23)
AN+ A - AT+ A (24)
A* = A+ hy (25)

The Marcus theory can also be applied to electron transfer
reactions at semiconductor—liquid interfaces. In the case of
narrow bandwidth semiconductors, only few states of the
electrode need to be considered. In principle, this leads back to
the Marcus theory for homogeneous electron transfer. Again,
this gives rise to a Marcus inverted region for the electron
transfer reaction.”® This behavior was indeed found in some
cases, notably in metal oxide semiconductor/inorganic dye

103,104 g . .
systems. This case was treated extensively by Gerischer.
105,106

4, REACTION MECHANISMS LEADING TO SINGLET
OXYGEN

As summarized in the literature review section, the generation of
singlet oxygen requires specific experimental conditions and
often has led to contradictory results. As summarized in the
previous section, quantum-chemical considerations and their
application in reaction dynamics also lead to conditions that are
required for realistic reactions paths. In the final section, we will
discuss whether these conditions are fulfilled in cathodes of
metal/O, batteries.

4.1. Discharging Me/O, Cells: Singlet Oxygen from
Chemical Reactions

Singlet oxygen can obviously only stem from reactions that
release molecular oxygen. Conversely, this means that in the case
of oxygen reduction reactions (ORR) at electrodes singlet
oxygen can only be observed if the superoxide formed in the first
step is not the final product. In this case, a disproportionation
can occur (a purely chemical reaction), which forms, for
example, a peroxide under the release of oxygen. This reaction is
known for the case of proton and lithium cation induced
disproportionation of superoxides. To some extent, this reaction
is also known from Na/O, batteries, but in these cases, water
seems to Ipl_ay arole and the overall thermodynamic driving force
is small.""” Strictly speaking, only a reduction of oxygen to
superoxide is necessary, the electron transferred does not need
to stem from an electrode, but of course this will be the main
route in electrochemical cells, Different mechanisms leading to
oxygen evolution during an overall reduction reaction, which
finally leads to a peroxide, can be proposed based on a scheme of
squares (Figure 12), The scheme shows possible intermediates
starting from molecular oxygen. Steps in horizontal direction
correspond to electron transfers, which can be described by a
redox or electrode potential. Vertical steps correspond to dis- or
association reactions with a cation, which can be described by an
equilibrium constant. It is unlikely that the oxygen species under
consideration, in solution and with the given conditions, will
undergo a significant equilibrium with their positively charged
counterparts. The species XO,", X,0,”, and X;0," can hence
be neglected. As can be seen from the scheme, the first step in all
possible cases is, assuming a le -reaction, the reduction of
oxygen to superoxide. If suitable cations are present in the

Ein ~ = Euz -
O; T 0, — 022

1

X0, =22 X0,

-

X20;

Figure 12. Scheme of squares for the reduction of molecular oxygen to
the corresponding peroxide with X = H', Li*, Na” in aprotic solvents. A
horizontal step corresponds to electron transfer, which can be described
by a standard potential E, .. Therefore, moving to the right is equal to a
reduction step. A vertical step adds or removes a cation, which can be
described by an equilibrium constant K. Compounds in gray do not
play a major role in the systems under consideration.

solution, the superoxide formed will associate with the cation,
resulting in XO,.

The only possible species that can participate in a
disproportionation are O,  and XO,, as they can be both
reduced and oxidized. Vice versa, the reaction between two
species at the edges corresponds to a comproportionation. This
leads to three general possible reactions, which can release
oxygen (the spin state will not be stated and instead the general
term for the multiplicity (25 + 1) is used):

0, +0, = 0227 i 25“01 (26)

X0, + X0, = X,0, + 10, with X = H*, Li*, Na*
(27)

X0, + 0,” = X0, + **'0, with X = H, Li’, Na*
(28)

The disproportionation of pure superoxide to the peroxide
dianion does not seem to play a role since it is highly unfavorable
in aprotic solvents.'™ The stability of tetramethylammonium
superoxide in aprotic solutions is also known in literature. It is
stable as long as solvent and used tetramethylammonium
superoxide are dry and free of impurities.'"” Therefore, at least
one cation must be involved. This is also the case for the
disproportionation of superoxide in water, where the dianion is
also nonexistent and not relevant in the mechanism, instead
protons enable the formation of HO, and subsequently HO, ™,
which is finally protonated to form H,0,.""*""" A general ECL
mechanism, which could explain the observed singlet oxygen,
can be proposed based on an EC mechanism. When describing
electrochemical reactions an “E” and “C” formalism is often
employed. The E represents an electron transfer at an electrode;
the C represents a chemical reaction which can be any
elementary reaction step, If a process in which a chemical step
must occur first and is followed by an electron transfer, it is
referred as a CE mechanism, whereas an electron transfer
followed by a chemical step is an EC mechanism and so on. For
further details, see the works by Testa and Reimuth.'*! For the
two remaining reactions, oxygen is reduced to superoxide in the
first step. In further steps, the formed superoxide associates with
the corresponding cation and disproportionates into peroxide
and oxygen (eqs 27 and 28). Both types of superoxides, with or
without associated cation, are in a doublet spin state. According
to Wigner’s rules, the reaction of two doublets can return
products in singlet state (Table 3). This type of reaction is called

https://doi.org/10.1021/acs.chemrev.1c00139
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doublet—doublet-annihilation and could be the root of the
found singlet oxygen, at least in theory. However, these reactions
would also be spin allowed if they generate *0,, which would be
the thermodynamically favorable product. As proposed by
Nanni et al., the generation of '0,, whether by disproportio-
nation of superoxide or oxidation thereof, seems to depend on
the spin of the transition state, which is in line with Wigner's rule
of spin conservation.”® As mentioned above, both the transition
state passed through and the resulting products must have a total
spin that corresponds to the spins of the reactants. In this
situation, reactants, transition state, and products are on the
same potential energy surface. On the basis of semi empirical
SCF-MO-INDQO calculations and experiments, Nanni et al
found that the transition state of the redox reaction involving
O, dictates the multiplicity of the released oxygen. They stated
that if the mechanism involves a triplet transition state, for
example, electron transfer from O, to HO,, then triplet oxygen
should be favored.”

The reaction energies of eqs 27 and 28 for the corresponding
different spin state products differ only by the difference of
energy of 0, to 'O, in a first approximation. Assuming that eqs
27 and 28 are elementary step reactions, it can therefore be
expected that the activation barrier is smaller in the case of *0,
since it is the thermodynamically lower lying product. In
addition, the position of the transition state on the reaction
coordinate, leading to triplet oxygen, should shifted toward the
reactants. If eqs 27 and 28 are elementary step reactions, it could
be assumed that the fraction of singlet oxygen generated would
only depend on the difference in activation energy of the two
different reaction paths.

Other spin statistical effects could also play a role. The
parameter A in eq 18 can be extended to include a spin statistical
factor 6, accounting for different possible spin factors. At
collision of two reactants in solution, a precursor complex (also
called encounter complex) is formed that can undergo electron
transfer. The total number of possible total spin angular
momentum quantum numbers § of such a complex is given by
the product of the multiplicity of the reactants. Again, to achieve
a correlation and an allowed reaction, both the transition state
passed through and the resulting products must have a total spin
magnitude that belongs to the values determined from the
reactants.

Considering the possible total spin S of eq 27 and 28, starting
from S, = S, = 1/2, four different spin states of the precursor

complex result. Each of four spin states is then expected to form
with equal probability upon collision of the two reactants. Three
of these would be sublevels of the encounter complex with triplet
multiplicity, § = Sy;0, + Sg,-= 1, 28 + 1 = 3, and the fourth is a
singlet encounter complex, S = S0, — S5, =0,25+ 1 =1 (see
Scheme 2). Only the latter could undergo a reaction to 'O,
leading to a spin statistical factor & = 1/4, suggesting that the rate
constant for the electron transfer will not exceed one-third of the
reaction rate leading to *0,, even in the case of similar activation

Scheme 2. Probability of Different Multiplicities for a
Precursor Complex Consisting of Two Doublets, In This
Case Superoxide Ions
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energies for the corresponding reactions.''* In reality, the rate
constant in the case of 'O, will be even lower since the
exergonity of the reaction leading to 'O, is lower in comparison
to the reaction leading to *O,, suggesting a higher activation
energy in the case of '0,.

Mahne et al. found a correlation between the fraction of
generated singlet oxygen and the concentration of trace water.
They assumed that H,O or other proton sources will protonate
superoxide ions to form the HOQ, radical. The following
reactions finally lead to 'O, (see eqs 29—31)."" These reaction
were also proposed by Corey et al. in 1987.** Corey et al. and
Mahne et al. did not specify if they assume H,O, or HO,™ to be
intermediates or transition states of the reactions. In addition,
the calculations of Zaichenke et al. indicate that during the
dissociation of HO, the singlet oxygen path cannot be reached at
least in the gas phase:*’

0,” + H" = HO, (29)
0,” + HO, = HO,” = HO,” +'0, (30)
2HO, — H,0, = H,0, + '0, (31)

This reaction path would also fall into the category of
electrogenerated chemiluminescence and as described above,
these reactions do not lead to singlet oxygen in the case of
protons. In addition, the exact mechanism is known for the case
of H": the disproportionation proceeds via eq 28 in aprotic
organic solvents, as was shown by Andrieux et al.**? In the case
of lithium peroxide, various reaction mechanisms are discussed.
The exact reaction mechanism is unclear and seems to depend
on the electrolyte used.” It is not known if the disproportiona-
tion proceeds exclusively via LiO, (eq 27) or if O, (eq 28) is
also involved.

4.2. Charging Me/0, Cells: Singlet Oxygen from
Electrochemical Reactions

Finally, the question arises whether, in addition to the
disproportionation of superoxides, the oxygen evolution
reaction is also a possible source of singlet oxygen. Different
cases should be distinguished here: on the one hand the
oxidation of dissolved super- and peroxides (whether
dissociated or ion pair), on the other hand the oxidation of
the super- and peroxides deposited on the electrode. In these
cases, different models need to be applied.

Looking at the oxidation of a dissolved peroxide at a metallic
electrode one starts at the right edge of the scheme of squares
(Figure 12). A le -oxidation would lead to a superoxide species
(example given in eq 32), which could then disproportionate via
eqs 27 and 28 and would overall generate 'O, in the oxidation of
Li,O,:

Li,0, = LiO, + Lit + &~ (32)

The same train of thought as in the case of the oxygen
reduction reactions applies here, and again these reactions
would fall into an EC-mechanism scheme. Besides this
mechanism, a direct oxidation of the peroxide to oxygen is
conceivable:

Li,0, — %0, + 2Li" + 27 E° =296V (33)
Li,0, = '0, + 2Li" + 2¢7  E° =344V (34)

The released oxygen could be 'O, at first sight, but several
arguments speak against it. First, it should be noted that a widely

https://doi.org/10.1021/acs.chemrev.1c00139
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held concept in electrochemistry is that truly elementary
electron-transfer reactions always involve the exchange of one
electron.”"""* To observe true two-electron transfer reactions,
no coupled chemical steps are possible in the reaction path. This
is clearly not the case in the oxidation of lithium peroxide, which
is accompanied by decomposition in different products in
completely different solvation shells. It can therefore be assumed
that the oxidation consists of several elementary steps and some
type of lithium superoxide-like species is involved in the
oxidation of lithium peroxide to oxygen. In addition, the
standard potentials of the reactants involved and their relative
position to each other must be considered. The oxidation of the
peroxide occurs at potentials of more than 3 V vs Li*/Li while
the standard potential of LiO, is unknown due to its transient
character. A possible range for the standard potential is below
2.96 V vs Li*/Li and above the standard potential of O,/0,7,
which is at around 2.5 V vs Li'/Li in organic aprotic
solvents." " "*™"" 1t is therefore more difficult to oxidize
lithinm peroxide than lithium superoxide, which is described as
“potential inversion”,!* 1% Consequently, lithium superoxide is
not stable in the potential range needed to oxidize lithium
peroxide and is thus oxidized immediately, a two-electron
oxidation should be observed. LiO, could be an intermediate
while charging but its lifetime is small, and it is difficult to detect
it experimentally. The existence of lithium superoxide as an
intermediate during charging is also discussed in the
literature."'*~'** The same train of thought can be applied to
almost all electrode reactions for which more than one electron
is transferred. As an example, the reduction of Fe’* to Fe® is
assumed to proceed via Fe*.'”! Two electrons are transferred,
while the intermediate Fe' is yet not known experimentally.
Second, the Marcus theory predicts a four times higher 4, in the
case of a 2e transfer (eqs 14 and 15). This leads to higher
activation energies and slower kinetics in these cases, rendering
2e” transfers unlikely. Third, the Marcus—Hush-Chidsey theory
predicts, that it is not possible to reach excited states via direct
electron transfer reactions (cf. section 3.4). On the basis of these
theoretical considerations and the related arguments it should,
for example, not be possible to form 'O, directly from dissolved
peroxides by a direct 2e” electrochemical reaction at a metal
electrode/solution interface. Therefore, the observed 1O2 must
originate from a chemical reaction, for example, the
disproportionation of superoxide or a side reaction. The same
argument shows that it is also not possible to generate 'O, from
a superoxide via a direct le~ electrochemical reaction (eq 35)
because here again the Marcus—Hush-Chidsey theory predicts
that the generation of excited states is not possible:

LiO, — 'O, + Li' + ¢~ (35)

Notably, the differences in the standard potentials of a
reaction resulting in triplet or singlet oxygen are 0,96 V in the
case of one transferred electron (e.g, eq 35) and 0.48 V in the
case of two transferred electrons (e.g, eqs 33 and 34).

The dissolution processes of the precipitated oxides are quite
different to the solution-mediated processes mentioned above.
The general situation consists of an ion-blocking metallic
electrode in contact with an insulating or wide band gap oxide.
The oxide is also in contact with the solution. The exact
oxidation mechanisms for the respective super- and peroxides
are unknown and only some theoretical papers exist on this
topic. It can be assumed that a hole is generated on the interface
between the oxide and the electrode during oxidation. The hole
then moves probably via hole hopping or tunneling of electrons

to the surface.'*>'* At the surface, disproportionation of
superoxide like species or oxidation by holes thereof releases
oxygen. If the precipitated oxide is indeed a semiconductor, the
dissolution would depend on the ho]e/mi§ration to the surface as
described by Gerischer and others.'"""'*! 1t could be argued
that the observed luminescence by Wandt et al. stems from an
anodic dissolution process of a carbonate, but they found a
dependence on the state of charge of the used electrodes. The
luminescence roots therefore in a chemical reaction of the
electrode material, which is independent of the applied
potential. Therefore, luminescence from anodic (semiconduc-
tor) dissolution is not known in literature to our best knowledge.

4.3. Singlet Oxygen from Side Reactions

In addition to the generation of singlet oxygen during oxygen
reduction or oxygen evolution reaction, the possibility of a side
reaction leading to singlet oxygen must be considered. The
prime example for such a case is the above-mentioned detection
of singlet oxygen from superoxide in CCl, by Khan et al., where
singlet oxygen is produced but was erroneously contributed to
the disproportionation of superoxide.

Nanni et al. have shown that the reaction of one-electron
oxidizers with the superoxide anion could lead to singlet oxygen,
if a singlet transition state is possible.”® In this regard, the use of
redox mediators must be carefully considered. Used redox
mediators, such as TEMPO, tetrathiafulvalene (TTEF),
2-azaadamantane-N-oxyl (AZADO), Lil, LiBr, ferrocene, and
others, are one-electron oxidizers."”>~**° In the reaction of the
ferrocene cation and the superoxide anion, singlet oxygen is a
reaction product. Other strong oxidizers are evidenced in situ in
metal/Q, batteries, for example, the peroxycarbonate radical
anion, peroxydicarbonate anion, and the carbonate radical
anion, which were found by Zhang et al. as a result of the
reaction between CO, and superoxide. They also seem to play a
major role in the formation of carbonate from ether- and
carbonate-based electrolytes.*® Danen and Arudi and MacMa-
nus et al. detected singlet oxygen in the reaction of diacyl
peroxides with superoxide.””™® It could be argued that
symmetrical peroxydicarbonate (8) is akin to diacyl peroxides,
possibly resulting in singlet oxygen when reacting with
superoxide anions.

Besides, the reactivity of the individual intermediates and
products needs to be considered. The superoxide anion is a
strong base and good nucleophile."™ Together with proton
sources, it disproportionates to hydrogen peroxide, which is a
good oxidant. Traces of water can practically always be expected
in the systems under consideration.

4.4, Specificity of Singlet Oxygen Traps

Another, sometimes overlooked, problem is the specificity of the
singlet oxygen traps used. Ideally, a suitable trap should only
react with singlet oxygen or the product should be a chemical
fingerprint specific for singlet oxygen. Metal/O, batteries can
contain a variety of different reactive oxygen species, like triplet
oxygen, superoxide anions, and peroxide anions, but might also
contain peracids, peroxy radicals, and hydrogen peroxide.

The use of 4-0xo-TEMP as a trap has already proven to be
such an example, as peroxycarbonates occurring in the batteries
are also able to oxidize 4-oxo-TEMP to 4-oxo-TEMPQ, as
shown by Zhang et al.*® The CO, required for this reaction is
practically always present in metal/O, batteries during charge
due to the decomposition of the organic electrolyte.'*” This is
also in line with the findings of Mahne et al.,, who observed a
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connection between the oxidation of lithium carbonate and
ig, 12

Another problematic class of traps are furans, which were used
by Mayeda and Bard for trapping in superoxide disproportio-
nation experiments.”” While furans react with singlet oxygen via
an endoperoxide to a diketone, it is also possible to form the
diketone from the starting furans with the help of peracids,
peroxy radicals, H,0,, triplet oxygen, or electrochemical
oxidation.”'

A general class of reactions, which need to be considered, are
electron-transfer oxygenations, which do not involve singlet
oxygen but mimic many of its reactions.

Scheme 3 shows the case of photoinduced electron-transfer
oxygenations, where an electron-poor sensitizer (for example,

Scheme 3. Photoinduced Electron-Transfer Oxygenation of
9,10-Dimethylanthracene (DMA, 3)
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nium"*) is excited and reacts with an electron donor to give a
radical ion pair."*® The reduced sensitizer is oxidized by oxygen
back to its ground state resulting in a superoxide anion. Finally,
the donor cation and superoxide anion react to an oxygenated
product. Importantly, this reaction yields endoperoxides in the
case of dienes and aromatic systems,' "'

Similar reactions are also possible electrochemically, where
donor cation and superoxide are directly produced on two
closely placed electrodes. This behavior was shown by Amatore
et al. in the case of anthracene.""® The question therefore arises
as to the origin of the DMAO, 4 found since it is at least
conceivable that DMA 3 reacts to form DMA" through oxidants
formed in situ in metal/O, batteries (for example, by reacting
with peroxycarbonate radical anions or carbonate radical
anions). A further reaction with superoxide resulting in
DMAGQ; 4 cannot be ruled out then (here).

The above discussion shows that the reliable detection of
singlet oxygen is difficult. One possible way out of this dilemma
is to use quantitative methods, for example, a combination of a
singlet oxygen trap and a quencher. The amount of inhibition
detected with an inhibitor should be quantitatively compared to
that expected, based on known rate constants. This technique
was discussed in further detail by Foote.”! Another useful
technique could be the use of deuterated solvents, which exhibit
a longer lifetime of '0,, thus reactions involving '0, are
generally more efficient in deuterated solvents. A kinetic isotope
effect can be expected for reactions involving singlet oxygen, but
the magnitude of the effect can vary, depending on the kinetics
of the system. A kinetic isotope effect for other possible reactions
must also be considered. A particularly important example is the
disproportionation of the superoxide anion in water, which has

been shown to have a kinetic isotope effect ky/kp of 3.5.'*
Luminescence can also be used to detect singlet oxygen, but
unfortunately is often not suitable for quantification. Besides,
luminescence is extremely inefficient with a quantum yield
around 107", Obviously, it is not sufficient to detect only the
light emission of a reaction, but the wavelength of the emitted
light must be determined.

One problem remains with the techniques listed above, which
is that they can be applied mainly in homogeneous systems since
the simple kinetics may not apply in heterogeneous systems.
Another problem with heterogeneous systems is that it is
difficult to know where reagents are located; they may be
inhomogeneously concentrated (e.g, in pores of an electrode).
Thus, either less or more of a trap or quencher may be present in
a given region than the average concentration in the bulk
solution would suggest, making quantification even more
difficult. The detection of luminescence is also made more
complicated in these systems.

5. CONCLUSIONS

In light of all reviewed results, we conclude that there is still no
unambiguous proof of singlet oxygen formation (originating
from the proposed mechanisms in literature) in metal/O,
electrochemical cells.

Singlet oxygen satisfies the thirst for an explanation for the
observed degradation of electrolyte components in metal/O,
batteries, but it may be too simple an explanation after all. Singlet
oxygen formation is inherently a complex subject both in its
theoretical description and in its experimental detection.
Extraordinary claims require extraordinary evidence, and the
past has shown that not all evidence can stand up to scrutiny.

First, the disproportionation of superoxide induced by metal
cations like Li* and Na” is considered. In this case, the existing
data originate from trapping and quenching experiments and no
luminescence was observed. The found singlet oxygen could
therefore also result from side reactions or it could be a false
positive result, as already described in the literature by Zhang et
al. resulting in no singlet oxygen at all.”® To exclude the
possibility of a side reaction, the choice of a suitable trap is
essential and careful, extensive search for possible side reactions
is necessary.

Second, the proton-induced disproportionation of superoxide
ions as a source of singlet oxygen seems unlikely, whether in
aqueous solution or in organic solvents, especially in the light of
reported results by Kanofsky, Sawyer, Koppenol, and
others 253032424446

In general, from a spin conservation point of view, both triplet
and singlet oxygen are possible as reaction products of a
disproportionation reaction, while triplet oxygen would be
preferred due to the lower Gibbs energy of reaction compared to
singlet oxygen. The fraction of generated singlet oxygen would
therefore be determined by the difference in the overall rate of
the reactions, depending largely on the difference in activation
energy and the electron transfer probability for the different
paths.

Third, the direct electrochemical generation of singlet oxygen
as proposed by Hassoun et al, Wandt et al,, and Mahne et al.
needs to be considered, which appears not to be possible when
considering the oxidation of superoxides and peroxides in the
framework of the Marcus—Hush-Chidsey theory: le™ and 2e™
transfer reactions at a metal (or metal-like) electrode are
considered not to lead to excited states for dissolved reactants.
Instead, using the Marcus—Hush-Chidsey theory, a limiting
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kinetic behavior must be assumed for electrochemical reactions,
leading to ground state products. While singlet oxygen
luminescence was found in electrochemical experiments, they
were also linked to Li,CO, and H, O, suggesting a side reaction
leading to electrogenerated chemiluminescence. In the case of
semiconductors and isolators, excited states are, based on the
Marcus—Hush-Chidsey theory, accessible but these cases are
specific and scarce and only a few examples are discussed in
literature,''**

The discussion of singlet oxygen in metal/O, batteries is
hampered by a lack of thermodynamic and kinetic data, for
example, standard potentials, equilibrium constants, and rates of
reaction, This is especially true in the case of Li/ O, batteries, in
which transient intermediates are involved. A better under-
standing of the underlying reaction mechanisms, and the
interplay of the many reactive species in metal/O, batteries, is
necessary to enable further progress. However, it is also clear
that most observations will be understood based on the
mechanisms established using simple or simplified systems.
Thus, any study of singlet oxygen in heterogeneous systems will
require an excellent comprehension of the individual mechanism
of generation, deactivation, and reaction of singlet oxygen. The
argument above can also be extended to metal/O, batteries in
general and especially to the superoxide chemistry within these
systems,

In any case, methods that are more specific or a combination
of several techniques should be used to provide unequivocal
experimental evidence for singlet oxygen. The use of deuterated
solvents to increase the half-life of singlet oxygen could be useful,
and if possible, detection by luminescence should be used. The
combination of traps and quenchers has also been found to be
adequate. Even in cases where singlet oxygen is found, correct
source identification remains a challenge, especially in complex,
heterogeneous matrices such as metal/O, batteries. Other
reactive oxygen species may also play a role and need to be
considered in the experiments.

We do not intend to rule out the possibility that singlet oxygen
occurs in the reported experiments, However, the analytical
methods used in future experiments must also demonstrate that
side reactions leading to false positive results can be clearly
excluded or quantified. The challenges posed by 'O, require
fundamental work to understand the chemistry that occurs. This
will ultimately lead to a better fundamental understanding of
electrochemistry in general and oxygen electrochemistry in
particular and will provide a solid foundation for future metal/
O, batteries.
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We can see what’s always been there.
Seeing what’s next is the tough part.

—Phil Edwards

Conclusions and Outlook

This thesis had two major focal points: First, the transport of oxygen in
the electrolyte and second, the oxygen kinetics at the cathode of Li/O,
batteries. Both represent important aspects of the reaction paths that
oxygen undergoes inside such batteries. Although not obvious, both
interact with each other and influence the overall battery performance:
larger solubility and faster diffusion of O, leads to higher concentration
of intermediates near the electrode surface, resulting in different
morphologies of the discharge product and limiting behaviors.

The publication “Diffusivity and Solubility of Oxygen in Solvents for
Metal/Oxygen Batteries: A Combined Theoretical and Experimental
Study” dealt with the adsorption and transport of oxygen inside the
electrolyte. For the first time, a consistent set of Henry’s law constants
and diffusion coefficients of oxygen in a series of glymes with different
chain length (monoglyme to pentaglyme) and different perfluorinated
solvents was determined. The presented methods are suitable for a wide
range of solvents with different properties. For example, unlike
perfluorinated solvents, glymes are able to dissolve electrolyte salts
commonly used in Li/O, batteries. The Henry’s law constants and
diffusion coefficients of the solvents used also span roughly one order
of magnitude. Evaluating these parameters in solvents and electrolytes
is vital towards a better quantitative description of oxygen transport.
This can be used not only to determine limiting currents, but also to
rationalize discharge capacities and the distribution of discharge
products. A dual approach for determining these parameters was
chosen: oxygen uptake experiments and molecular dynamics
simulations. In all nine investigated solvents, the difference between
simulated and measured diffusion coefficients is small in comparison
to the magnitude of the coefficients, showing that both developed
techniques are suitable for their determination. In addition, both can be
adapted to determine these values in Li*-containing electrolytes where,
for example, the use of electrochemical methods is prone to errors due
to side reactions or low conductivity of the electrolyte. The use of
simulations also allows the exploration of hypothetical solvents and
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solvent mixtures, as well as optimizations of them, which have not been
described in literature up so far.

The review article “Singlet Oxygen in Electrochemical Cells: A
Critical Review of Literature and Theory” provided an extensive
discussion of singlet oxygen in metal/O, batteries. Singlet oxygen is the
assumed responsible for the observed degradation of electrolyte and
electrode components in metal/O, batteries. While the topic of singlet
oxygen from superoxides is by far not new, dating back to the 1960s, the
phenomena has been discussed in metal/O, batteries and especially in
Li/O, batteries as of 2016. While wvalidation, evaluation and
understanding of the formation of 'O, is essential for improving
metal/O, batteries, the discussion is hampered from the outset by
missing or incorrect citations of relevant literature since the beginning.
The review provides a complete literature overview of the historical
development of the topic, covering not only recent findings in metal/O,
systems but also relevant neighboring research fields such as the proton
induced disproportionation of superoxide and the Na/O, battery.
Moreover, the review discusses for the first time the Marcus(-Hush-
Chidsey) theory as a model to describe and understand singlet oxygen
in electrochemistry and, in particular, Li/O, batteries. Three main
points can be summarized from the analysis:

First, there is still no definite proof of 'O, formation in Li/O,
batteries. Evidence is mainly based on the use of trapping agents or
quenchers, which can be an indicator of singlet oxygen, but they are
prone to side reactions, resulting in false positive results. Luminescence
was only found in electrochemical experiments and were linked to
Li,COs and H,O, hinting at possible side reactions or electrogenerated
chemiluminescence. A general class of reactions, which must be
considered in any case, are electron-transfer oxygenations. This class of
reactions do not involve singlet oxygen but can mimic many of its
reactions. Peroxycarbonates as a product from the reaction of
(su)peroxides with CO, must also be taken into account.

Second, the disproportionation of superoxide, whether induced by
H* or an alkali cation, seems unlikely to be a source of singlet oxygen,
both in aqueous solution and in organic solvents. From a spin
conservation point of view, both triplet and singlet oxygen are possible
as reaction products of a disproportionation reaction, but triplet oxygen
is the strongly preferred product due to the larger Gibbs energy of
reaction. The chemical oxidation of superoxides and peroxides can
result in the formation of 'O, if appropriate oxidants are chosen.
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Third, direct electrochemical generation of singlet oxygen from
superoxide intermediates or peroxides can be excluded in a Marcus-
Hush-Chidsey theory framework. Electron transfer reactions at
metallic electrodes do not lead to excited states for dissolved reactants.
Instead, a limiting behavior can be expected, resulting in oxidation at a
constant rate. These arguments do not only hold for 'O, but for excited
states of molecules in general.

Singlet oxygen formation is inherently a complex subject, both in
terms of theoretical description and in its experimental detection.
Formation of 'O, in metal/O, batteries cannot be completely ruled out
at this point, but future experiments have to show that side reactions
leading to false positive results can be clearly excluded or quantified.

This thesis advances our understanding and description of the
transport and chemistry of oxygen in aprotic Li/O, batteries. The
developed experimental methods and simulations allow the
determination of Henry’s law constants and diffusion coefficients of
oxygen in solvents and electrolytes. A comprehensive description of 'O,
formation in Li/O, batteries based on our current knowledge is given.

At this point, the question arises as to the prospects of research on
Li/O, and metal/O, batteries in general. It is still questionable whether
Li/O; batteries will find application as energy storage systems. Due to
the reactive oxygen species involved, such as superoxides, peroxides
and peroxycarbonates, and other remaining challenges during cell
cycling, it still seems still unrealistic that Li/O, batteries can compete
with future or even today’s lithium-ion batteries in terms of energy
efficiency and cycling stability. Moreover, current calculations and
simulations suggest that the volumetric energy density of Li/O, batteries
will be too low to enable their use in electric vehicles, which was initially
the main target.”>'*° Nevertheless, the high theoretical energy density of
Li/O; batteries and the urgent need for improved battery chemistries to
pave the way to a fully electrified society will encourage further research
in this field.

Relevant issues and questions for future investigations and studies,
not only in the field of Li/O, batteries, can be derived from the results
presented in this thesis.

The progress of metal/O, batteries is hampered by a lack of
thermodynamic and kinetic data, for example, standard potentials of
the involved intermediates, equilibrium constants, and rates of reaction.
This is especially true for Li/O, batteries, where transient intermediates
such as superoxides are involved. A profound understanding of the
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underlying reaction mechanisms and the interplay of the many reactive
species in metal/O, batteries is necessary to enable further progress.

While a basic understanding of the reaction mechanisms leading to
Li,O, already exists in literature, a complete understanding of the
kinetics involving superoxides and peroxides in Li/O, batteries and the
many possible side reactions is still missing. The electrochemistry of
oxygen is not only relevant in the case of metal/O, batteries but also in
fuel cells, solar energy conversion (artificial photosynthesis), the
respiratory chain of biological cells, water electrolysis and
electrochemical sensors, as well as metal corrosion processes.
Mechanistic investigations on the kinetics and the interplay of
superoxide and peroxide species with CO; are of particular interest for
further development of metal/O, and other battery concepts like
metal/CO, batteries.

The Li/O, battery stores oxygen, one of its active materials, in the gas
phase above the electrolyte. This already leads to special requirements
on the cell design criteria compared to other battery technologies.
However, this is known and addressed in literature. In contrast, an
aspect often ignored in the theoretical description of Li/O; batteries is
the deposition of electronically insulating Li,O, on the electrode. Most
electrochemical models and the results obtained from them assume
diffusion of reactant and product into and out of a semi-infinite space.
An example is the Randles-Sev¢ik equation in cyclic voltammetry or
the Cottrell equation in chronoamperometry. Since this is not
necessarily true for Li/O, batteries, these models cannot simply be
applied, but must be appropriately modified to reflect the initial
conditions. Such modified models already exist in the literature and
should find their way into battery research. A similar problem arises
when applying Butler-Volmer kinetics or Marcus theory to describe
electrochemical reaction in general. In addition, it must be checked
whether the initial conditions fall within the limits of the models (e.g.,
le transfer vs 2e transfer or inner vs outer shell electron transfer).

In recent years, research in the field of electrochemistry has picked
up momentum again, mainly due to the electrification of all areas of life
and industries. While the research on practical applications and
materials is well covered, research on electron transfer mechanisms and
the development of fundamental theories has stagnated. However, a
fundamental understanding of electrochemistry can be expected to be
much more valuable for the development of advanced solutions for
society needs than trial-and-error studies.'®
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Stakes are high and times are pressing in the face of climate change
and the transition to renewable energies. Yet the prospects in
electrochemistry are promising, and there is plenty to learn and win.
This work is a step towards a deeper understanding of the reactions and
transport phenomena taking place in Li/O, batteries, which will help to
pave the way towards futures energy storage systems.
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Appendix to the Introduction

A.1 SUM OF MECHANISMS IN A GIVEN SCHEME OF SQUARES

Electrochemical reactions often involve protonation or association
reactions in the solution besides the actual electron transfer at the
electrode. And many systems consist of more than one electron transfer
or protonation reaction (e.g., the reduction of oxygen to hydrogen
peroxide in aprotic electrolytes). In such a case, a scheme of squares is
invaluable in mechanistically deciphering complex sequences of
electron and proton transfers. Naturally, the question about the number
of possible reaction mechanisms between the starting reactants and a
certain product in a scheme of squares arises. Figure A.1 shows a
generalized scheme of squares, which only contains electron and proton
transfers, and all species are possible. In addition, all arrows represent
forward reactions.

Figure A.1. Generalized

A = A = A" =—»
- scheme of squares for the

l, l, l transfer of electrons and
protons to a starting molecule
HA' = HA — HA — A

| L |

HA "= HA"— HA, —

| { |

To calculate the maximum sum of reaction mechanisms between
reactants and a given product in the scheme, one starts from the top left
corner of the scheme (where the reactants are located). Obviously, there
is only one way to land at this point of the scheme, which is starting
from here. Therefore, the corner is assigned a 1 (blue in Figure A.2). It
is also obvious that there is only one possible reaction mechanism
connecting A and A, as well as A and HA*. A" and HA" are therefore
also assigned a 1. Vice versa, there is always only one possible reaction
mechanism connecting A with a specie in the top row or the left column
of the square, which are marked green in Figure A.2 (it is not possible
to move up or left in the scheme). Now, what about an intermediate
somewhere in the middle? For example, to get to the yellow circle, the
system must proceed via one of the two circles directly left or above it.
That means, however many ways there are to travel to one of these
circles, the sum of these will be the number of mechanisms resulting in
the yellow circle. In this case, there are two possible reaction
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Figure A.2. Number of
possible reaction paths to a
given point in the scheme,
starting from the reactants in
the left top corner (blue circle).
The number of possible paths
correspond to the Pascal
numbers. The original scheme
of squares is framed.

APPENDIX TO THE INTRODUCTION

mechanisms, A > A" — HA or A > HA" —» HA, and the yellow circle is
assigned with a 2. This formalism is extended to the whole scheme of
squares in Figure A.2. Interestingly, the numbers of reaction paths start
the same way, build the same way as the Pascal numbers, and thus must
always equal the Pascal numbers. Essentially, the scheme is cut out of
Pascal’s triangle and tilted 45° to the left, and the well-known rows from
Pascal’s triangle are shown in grey in Figure A.2.

The formalism can also be easily adopted to more complicated
scheme of squares. In these cases, the resulting numbers are not part of
Pascal’s triangle.
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A.2 NUMERICAL VALUES AND FIT PARAMETERS OF FIGURE 3.1

Table A.1. Surface tension and Henry’s law constants for solvents
commonly used in Li/O, batteries.

compound o/ mNm" Hf)PZ / mol L bar™ L InL
monoglyme®'' 239 1.0- 107 0.2479 -1.395
diglyme?>1¢ 29.4 7.1-103 0.1760 -1.737
triglyme?>'16 31.8 5.8-103 0.1438 -1.940
tetraglyme®'16 33.5 5.2-103 0.1289 -2.049
DMSQO? 116 42.9 2.7-10° 0.0669 -2.704
DOL!">17 32.6 6.6-10° 0.1632 -1.813
ACN!51Y 28.4 8.1-10° 0.2008 -1.606
DMAUS118 354 5.18-10° 0.1285 -2.052
DME!s17 35.2 45.10° 0.1115 -2.193
perfluorooctane'®!? 14.5 2.13-10%? 0.5280 -0.639
perfluorononane!'é!? 154 2.08 - 10 0.5156 -0.662
perfluorodecaline!®!"? 194 1.85-102 0.4586 -0.780

Table A.2. Fit parameter of the regression curve shown in Figure 3.1.

parameter value
intercept 0.4959 + 0.0921
slope / m mN"! -0.0745 £ 0.0031
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Supporting Information for Publication I

DETERMINATION OF GAS VOLUMES

To measure the internal volume of the devices for solubility and
diffusion measurements, the apparatus was evacuated and a Hamilton
syringe was connected to the apparatus, instead of the vacuum pump.
Defined volumes of air were added with the help of the Hamilton-
syringe (0-2 mL). The ball valve to the syringe was opened up and
closed quickly, letting the pressure inside the syringe and the cell
equilibrate. The amount of gas at the start and the end of one step is
constant, which is shown in Equation (B.1) (with the initial pressure
inside the cell p;, the atmospheric pressure p.., the final pressure after
equilibrating py, the cell volume V.., the volume of the adapter between
ball valve and Hamilton syringe Vaper and the added volume of the
syringe V). Equation (B.1) is transformed into Equation (B.2), which
allows the direct determination of the needed volumes (see Figure B.1)
with an appropriate diagram.

pi Veen + Pat Vadapter + Pat V= prcell + pradapter (B.1)

pat VS _ pf 3 pi

Py~Pr Py Py
The intercept in Figure B.1b should be constant over all measurements
and can be used as an internal reference.

Veel - Vadapter (B.2)

OXYGEN UPTAKE EXPERIMENTS FOR HENRY'S LAW
CONSTANTS

For the determination of Hg)z of the used solvents, an in-house designed
cell was used (see Figure B.2a). A glass flask with magnetic stir bar was
connected to a ball valve via a KF flange. The ball valve was connected
to a stainless-steel cross fitting (6 mm, Swagelok). To this cross fitting
an oxygen supply and a vacuum pump were connected as well, each
separated by a manual ball valve or needle valve (all 6 mm, Swagelok).
Finally, a pressure sensor was connected directly to the cross fitting.
For the determination of Hg;, about 6 mL of solvent was filled into
the glass flask inside an argon filled glove box (MBraun, <5 ppm H,O
and O;) and attached to the apparatus. The apparatus was then
transferred into an oven with 25 °C, to minimize the influence of
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Figure B.1. Example of the
determination of the total
volume of a used apparatus.

a) Total pressure recorded to
determine the total volume of
the Henry’s law constant
apparatus. The apparatus was
evacuated to a pressure po.
Defined volumes of air were
added with the help of a
Hamilton syringe. In the first
step from po to p1, only the
dead volume of the syringe was
added (Vs = 0 mL), every
further step corresponds to

Vs = 2 mL volume of air. In the
end, the apparatus was opened
to measure the atmospheric
pressure pat.

b) Graph used to calculate the
total volume of the Henry’s law
constant apparatus (see
Equation (B.1) and (B.2)). The
slope of the linear equation
was found to be

17.52 + 0.03 mL, which is the
apparatus volume Veer. The
intercept, which is the negative
volume of the adapter from the
apparatus to the Hamilton
syringe, was found to be

-0.14 + 0.04 mL. The same
method was used to determine
the volume of the diffusion
cell.

SUPPORTING INFORMATION FOR PUBLICATION I

p [ bar

o
[
N
w
N
ul

t/ min

50 -

25

(pn+1 Vs)(pn+1_pat)-1 / mL

! ! ! ]
-2 -1 0 1
(pn+1_pn)(pn+1_pat)-:l

N
w

temperature changes. The whole apparatus was evacuated several times
until the resulting vapour pressure in the apparatus was constant and
near to literature values. This ensures that the solvent is completely
degassed, and the atmosphere above the solvent only consists of the
solvent used. The valve to the glass flask was closed and the upper part
was flooded with oxygen (see Figure B.2b). The valve was opened again
carefully leading to a sharp pressure drop. The stirrer was turned on
after 30 s waiting time until the pressure was again constant. The valve
was closed again and the steps were repeated until a final pressure
around 1 bar was achieved. The flask was weighted after the experiment
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Figure B.2. Determination of
the Henry’s law constants.

a) Used Henry’s law constant
apparatus with: 1, 2 = ball
valve, 3 = cross fitting,

4 = needle valve, 5 = pressure
sensor, 6 = KF flange,

7 = sample flask, not shown:
magnetic stir bar and clamp
for KF flange.

b) Example of the recorded
total pressure of all steps to
determine the Henry’s law
constant of monoglyme. The
entire apparatus was evacuated
repeatedly until the recorded
pressure was constant. For
each step, the valve to the glass
flask was closed and the upper
part of the apparatus was
flooded with oxygen, which
corresponds to the recorded
pressure rise. The valve was
opened again leading to a
sharp pressure drop. The
stirrer was turned on at time of
pi until the pressure was again
constant. The valve was closed
again and the steps were
repeated until a final pressure
around 1 bar was achieved.

¢) Graphical depiction of
oxygen concentrations that
were calculated from
experimental data to determine
the Henry’s law constant of Oz
in monoglyme (calculation
based on Equation (B.3) and
(B.4)). The Henry’s law
constant ng is represented by
the slope of the linear
equation, which was found to
be 10.85 + 0.02 mmol L! bar,
while the intercept was set to
zero, given that it has no
physical meaning.
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and p; and pr of every step and p, was determined. The initial pressure
pi corresponds to the pressure at the point in time, when the stirrer was
turned on. The final pressure pr corresponds to the pressure before
oxygen was again let in. The pressure of oxygen Py, at one step

corresponds to the pressure pr corrected for the vapour pressure p, of
the solvent (Equation (B.3)). Finally, Equation (B.4)could be applied to
determine the concentration of oxygen in the solution. Due to the fact,
that the experiments were performed in steps, the solvent already
contains oxygen from previous steps. To account for this amount of
oxygen, it is necessary to add the calculated oxygen concentrations of
all previous steps.

Po, 7P, Py (B.3)

[oz]n=%jnsz (b, Pr) (B4)

OXYGEN  UPTAKE  EXPERIMENTS FOR  DIFFUSION
COEFFICIENTS

For the determination of the diffusion coefficients of oxygen in the used
solvents, an in-house designed cell was used (see Figure B.3). The
central part of the apparatus consists of a stainless steel chamber with
three 6 mm connections and a CF sealed lid. A pressure sensor was
connected directly to the chamber. An oxygen reservoir and a vacuum
pump were connected as well to the chamber, each separated by a
manual ball valve (all 6 mm Swagelok). The reservoir was connected to
an oxygen supply line, also separated by a ball valve (Swagelok). To
measure the internal volume of the cell, the procedure described above
was used. For the determination of Dy, 1 mL of solvent was filled into
the thin film cell with an Eppendorf micropipette inside an argon filled
glove box (MBraun, <5 ppm H,O and O,). The apparatus was then
transferred into an oven with 25 °C, to minimize the influence of
temperature changes. The whole apparatus was several times carefully
evacuated until the resulting vapour pressure in the apparatus was
constant and near to literature values. The valve between the oxygen
reservoir and the chamber was closed, and the reservoir was filled with
oxygen. The valve between thin film cell and reservoir was opened and
closed carefully but quickly, leading to a sharp pressure rise in the tank.
The resulting pressure drop was recorded and the procedure describe
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Figure B.3. Determination of
the diffusion coefficients.

a) Used thin film diffusion cell
with: 1, 2, 3 = ball valve,

4 = oxygen reservoir, 5 = T-
fitting, 6 = thin film cell,

7 = copper seal, 8 = lid,

9 = pressure sensor,

10 = levelling screw,

b) Pressure decay recorded
after flooding perfluorohexane
with oxygen in the diffusion
apparatus. The values are
corrected for vapour pressure
and temperature changes.

¢) Depiction of the recorded
data according to the 1D
diffusion model employed by
Hou et al., all data are plotted
as In(p/po) versus time ¢, were
po is the initial pressure value
and p = p(t) (see Equation
(B.5) and (B.6)). The value
determined for the constant a
was used to calculate the real
diffusion length L via Equation
(B.7)-(B.10).
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by Hartmann et al. and Hou et al. was applied to calculate the diffusion
coefficients (see Equation (B.5) and (B.6))."* The data was always
corrected for vapour pressure and temperature changes. If necessary,
also the leaking rate of the cell was corrected as described by Hartmann
et al. The used fit routine gives the parameters a and b. To compensate
for losses during the evacuation step, parameter a was used to calculate
the real depth of the solvent L instead of the Henry’s law constant H’g; .
The therefore needed Henry’s law constant was determined in a
different experiment. Equation (B.7) to (B.9) give the used solvent
volume, which could be, with the known area of the thin film diffusion
cell, transformed into parameter L (Equation(B.10)).

lnp(t) _ 8RTVp, i 1 -(2n + 1)’ Dot .
Py eV MHY Li@n+ 2 (7P 412
2 n=0

gas

(B.5)
p(® i 1 )
P _ ) ] B.6
In P, a , 12 {exp(-(2n + 1)*bt)-1} (B.6)
, 8RTp Vgas
k = so=t B.7
wMHga Vs (B7)
Veell = Vigas + Vs = const. (B.8)
Vcell
= B.9)
Vs k'+1 (
s Vs Vs (B.10)

B.4 DENSITIES OF n-GLYMES AND PECS

We first compared the calculated densities of all solvents at room
temperature and atmospheric conditions to known experimental
values. As is shown in Table B.1, very good agreement of experimental
and model-based data is achieved with differences appearing at most in
the second decimal place.’”
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Table B.1. Calculated and experimental densities of the different glymes
and perfluorinated molecules. Data are given in units of gcm?, all
calculations were performed at T'= 298 K.

compound our calculations experimental (literature)
monoglyme 0.849 ~0.86° 0.86-0.87*
diglyme 0.931 ~0.943 0.94-0.95*
triglyme 0.973 ~0.98° 0.98-0.99*
tetraglyme 1.003 ~1.01° 1.00-1.01*
pentaglyme 1.019 1.025°
CeF1a 1.65 1.69°
CsFis 1.74 1.77°
CoF20 1.78 1.80°
t-CioF1s 1.92 1.92%

B.5 SELF-DIFFUSION COEFFICIENTS

The self-diffusion coefficients for the PFCs and glymes were calculated
from the slope of the mean square displacement (MSD) of the
molecules, which is shown in Figure B.4.

10 Figure B.4. Data for the
determination of the self-
diffusion coefficients from MD
simulations.

a) MSD for the used PFC.

b) MSD for the used glymes.
The self-diffusion coefficient is
extracted from the slope using

0, MsD/ 10° A?
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the equation
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SUPPORTING INFORMATION FOR PUBLICATION I

B.6 IMPACT OF CONDUCTING SALT ON HENRY’S LAW CONSTANT

Figure B.5. Dependency of Hg’z
from [LiTFS]] in diglyme. The
solubility of oxygen in diglyme
drops with rising
concentrations of LITFSI. This
behaviour can be understood
as a salting out effect.

B.7

We also measured the impact of LiTFSI on the solubility of oxygen in
diglyme. As expected, the Henry’s law constant for oxygen drops
significantly for higher concentrations of LiTFSL°

8,0
.E I
0
ol K
g 60f
= =
gd"
i
40L
L 1 1 1 1 1
0,0 0,2 0,4 0,6 0,8 1,0
[LITFSI] / mol L?
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ilim

pi

mol L!
mol L

A m?
A m?

mol cm?s!
cm s’

cm s’

JK!

cm s’

g mol”

Pa

Symbols

concentration of X

starting concentration of X
pre-exponential factor

electrode surface area

diffusion coefficient of i
concentration of gas in the liquid phase
concentration of gas in the atmosphere
electrode potential

standard electrode potential
activation energy

interaction energy

equilibrium potential

Faraday constant

Fermi distribution

Henry’s law constant

Henry’s law constant

current

anodic current

cathodic current

limiting current

current density

exchange current density

flux of i

equilibrium constant

standard rate constant

anodic rate constant

Boltzmann constant

cathodic rate constant

solubility

molar mass of i

mass of used solvent
stoichiometric number of electrons
involved in an electrode reaction
oxidized reactant

pressure of i or pressure at point i
radius

109



110

SYMBOLS

S A
D

Wth
Wvin

yi(e)

AG?
AG

Er

W h kg
WhL!

cm®eV

J mol™
J mol™!
eV
eV
eV

Pas
eV
eV

eV
cm?eV!

gcm”
Nm'

universal gas constant
reduced reactant
temperature

frequency factor

volume of i

probability density function
theoretical specific energy
theoretical energy density

transfer coefficient

proportionality factor of i

thickness of electrolyte layer

Gibbs energy of activation

Gibbs energy of reaction

energy of state

Fermi level

electron energy corresponding to the
standard potential of a redox couple
applied overpotential

dynamic viscosity

reorganization energy for electron transfer
inner (vibrational) component of the
reorganization energy for electron transfer
outer (solvational) component of the
reorganization energy for electron transfer
density of states

density of used solvent

surface tension



1-Me-AZADO
4-methoxy-TEMPO

A
ACN
AZADO
CPET
Ccv
diglyme

DMA
DMF
DMPZ
DMSO
DN
DOL
EEG

EIS

et al.

HA
LAGP
LATP
LiBOB
LiClO,
LiNO;
LiPFs
LISICON

LiOTf
LiTFSI
LLZO
MHC
monoglyme
NCM

OER

ORR
TEMPO

Acronyms

1-methyl-2-azaadamantane-N-oxyl
(4-methoxy-2,2,6,6-tetramethylpiperidin-1-
yl)oxyl

conjugated base of acid HA

acetonitrile

2-azaadamantane-N-oxyl

coupled proton electron transfer

cyclic voltammetry
1-methoxy-2-(2-methoxyethoxy)ethane,
diethylene glycol dimethyl ether
N,N-dimethylacetamide
N,N-dimethylformamide
dimethylphenazine

dimethyl sulfoxide

Gutmann donor number

1,3-dioxolane

Renewable Energy Sources Act
(Erneuerbare-Energien-Gesetz)
electrochemical impedance spectroscopy
et alii

acid

LiisAlosGers(POs)s

LiLSAlO.STil,7(PO4)3

lithium bis(oxalato)borate

lithium perchlorate

lithium nitrate

lithium hexafluorophosphate

lithium super ionic conductor,
Li1+X+Y(Ti,Ge)27XSiYP37YO12

lithium trifluoromethanesulfonate
lithium bis(trifluoromethanesulfonyl)imide
Li;La;Zr,01,

Marcus-Hush-Chidsey theory
1,2-dimethoxyethane

LiNi,CoyMn;_«,O

oxygen evolution reaction

oxygen reduction reaction
(2,2,6,6-tetramethylpiperidin-1-yl)oxyl
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ACRONYMS

tetraglyme
TMPD
triglyme
TTF

XPS

XRD

tetraethylene glycol dimethyl ether
N,N,N',N'-tetramethyl-p-phenylenediamine
triethylene glycol dimethyl ether
tetrathiafulvalene

X-ray photoelectron spectroscopy

X-ray diffraction
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And as always, thanks for watching.

—Michael Stevens, VSauce
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