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Abstract

This thesis is concerned with the presence of singlet oxygen in non-aqueous batteries and
more particularly metal-air batteries. Despite promising capacities, non-aqueous metal-air
technology development has been stalled by crippling parasitic chemistry preventing long
term cyclability. Pinpointing a culprit is rather complex due to the new "beyond-intercalation"
approach of such batteries. The aggressive singlet oxygen, the �rst oxygen excited state, was
recently shown to be a source of side reactivity in metal-air batteries on which this study is
centred.

After developing adapted in/ex-situ analysis methods, singlet oxygen presence was
found to be correlated with parasitic chemistry presence in metal batteries. We identi�ed
three different formation pathways which are namely the oxidation of alkali oxides at high
overpotentials, the oxidation of side products common to all lithium based batteries, and
superoxide disproportionation. Superoxide-like species are formed as an intermediate
species at all stages of cycling and only the superoxide disproportionation can explain the
presence of singlet oxygen during discharge and charge at low overpotentials.

Our mechanistic study of this reaction revealed the propensity for superoxide dispropor-
tionation to its peroxide in presence of hard Lewis acidic cations such as Li+ and Na+ whereas
softer Lewis acids such as K+ are stable in superoxide form. Strikingly, additional soft Lewis
acid presence favours singlet oxygen production via disproportionation, which results in
increased parasitic products on both discharge and charge. This has serious consequences
for metal-air technology, notably for the discharge products or the electrolyte as situations
bound for superoxide disproportionation and soft Lewis acid should be avoided.

Disproportionation appears inevitable currently and 1O2 mitigation means are essential
to improve the stability of Li- and Na-O2 batteries. 1O2 physical quenchers, which deactivate
singlet oxygen to its ground state without additive consumption, are well indicated to reduce
the parasitic product accumulation. The design and use of an adapted quencher resulted
in a clear improvement of desired reaction yields during charge and discharge. Beside the
introduction of a new type of additives, this thesis con�rms the role of singlet oxygen as a
major side reaction source in metal-air batteries.

Oxidation mediators are a promising type of mediators to bypass electron conduction
in the resistive alkali oxides and allow for high reaction rates at low overpotentials during
charge. To design ef�cient mediators and potentially reduce the production of singlet oxygen,
the reaction mechanisms need to be understood. We showed that the mediated reaction
proceed similarly to a non-mediated charge via superoxide as an intermediate product.
To reduce the disproportionation importance, oxidation mediators must show maximized
reaction kinetics towards superoxide.

The mediated reaction kinetics were determined to follow the Marcus theory and shows
a maximum as a function of the mediator redox potential, which should be targeted for
future mediators. The reaction is dominated by the reorganisation energy of the solid phase
and, hence, the rate does not depend strongly on the chemical class of the mediators. The
mediator chemical nature, however, dictates the stability of the mediators to singlet oxygen
exposure and its ability to quench 1O2 is associated with higher reaction yields and thus
preferable. We could also demonstrate that mediator chemical stability must be ensured
before further characterisations.

Singlet oxygen in non-aqueous metal-air batteries is spotlighted by this thesis as a major
source of parasitic chemistry. Here, we provide our insights on its formation mechanisms,
consequences of its presence, and possible mitigation strategies. Awareness of singlet oxygen
gives a rationale for future researches towards achieving highly reversible cell operation.
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Motivation and structure

The present thesis is part of the overall effort to enhance energy stockage capacity and answer
the coming societal demands, a major current research subject. With the popularisation
of lithium-ions batteries, portable electronic devices have seen a multiplication of their
uses and challenged the current technologies. The required higher storage capacity can
only be achieved through a new technological paradigm shift. Among the proposed novel
chemistries, non-aqueous metal-air batteries present a high theoretical capacity and im-
proved sustainability. This potential has triggered high interest, unfortunately dampened by
the dif�culties encountered by these technologies. The main hurdles to metal-air batteries
are side reactivity and oxide low conductivity that prevent high rate, low overpotential and
long term cyclability. Singlet oxygen, an excited state of molecular O2, was recently identi�ed
in metal-air batteries. Considering the high reactivity of singlet oxygen towards organic
molecules, it was hypothesized to be a main source of parasitic chemistry and of prime
importance to unlock metal-air battery potential. Here, I will present the work performed
during my Ph.D. thesis to assess the singlet oxygen signi�cance by deciphering its formation
mechanisms during cycling and their consequences in terms of cell design. We notably
propose mitigation means to actively reduce the side product formation and improve the
metal-air battery yields.

Before presenting the consequences of singlet oxygen presence, the current state of the
art in metal-air batteries needs to be understood and their mechanisms will be given in
ch. 1. We will start by presenting the peculiar chemistry of metal-air batteries reposing on
alkali oxide for charge storage rather than intercalation as commonly used in alkali based
batteries. This introductory chapter will focus on lithium-air chemistry based on Li2O2,
the most promising of these technologies, though also the most complex one since other
metal-air batteries commonly stop at the superoxide step. The reaction mechanism and the
presence of aggressive species, such as superoxide, impose speci�c properties for the cell
components. Nevertheless, the rise of adapted cells does not prevent setbacks concerning
the achievable rechargeability. Using physical and electrochemical metrics, we will show
that reduced oxygen species is not suf�cient to provide an explanation for the damaging
parasitic reactions which must arise from other sources.

In ch. 2, we suggest singlet oxygen (1O2) as a source of unwanted reactivity. Singlet
oxygen presents a different reactivity than the ground state oxygen. Its dienophile and
electrophile characters are particularly threatening for organic molecules which usually
compose the metal-air working electrode and electrolyte. The cell decomposition results
in the accumulation of side products and we designed suitable in-situ and ex-situ analytic
methods to determine the parasitic reactivity and the singlet oxygen presence. Singlet oxygen
could, hence, be observed during both discharge and charge, arising through three possible
pathways. First, alkali oxide oxidation above a potential threshold �xed by the reaction
thermodynamics can directly produce 1O2. Second, this species can arise similarly from
carbonate oxidation, a common side product in alkali based batteries and has implications
beyond the sole metal-air battery technologies. Finally, we could show that superoxide
disproportionation can produce singlet oxygen. Disproportionation is a favoured process
for LiO2 and NaO2 which, aside from explaining the higher stability of K-O2 cells, provides
the only production pathway during discharge and at low overpotential during charge.

Disproportionation holds the key for the cyclability of metal-air batteries and is further
deciphered in ch. 3. We could show that disproportionation is highly dependent on the
cations present. As expected from thermodynamics and the Pearson acid-base concept,



superoxide is stabilized by softer Lewis acids whereas stronger Lewis acids, such as Li+ or Na+,
promote the formation of peroxide through superoxide disproportionation. On the contrary,
the 1O2 production by disproportionation is enhanced by the presence of soft Lewis acids,
for example organic cations used in ionic liquids. DFT calculation, done in collaboration
with the Sapienza University, demonstrated a destabilisation of alkali superoxide dimers
by soft Lewis acids, resulting in an easier pathway to singlet oxygen. The inclusion of soft
Lewis acids in lithium-air electrolytes give rise to lower reaction yields and increase para-
sitic products during cycling, imposing disproportionation as a reaction corner stone. The
disproportionation importance has drastic in�uence on the metal-air development paths
and mechanisms, notably on the electrolyte and reaction products.

Disproportionation currently appears as an inevitable process and so is the 1O2 formation
in metal-air batteries. The noxious consequences of 1O2 should hence be mitigated. Physical
1O2 quenchers are well indicated in battery operations, avoiding the accumulation of de-
composition products. In ch. 4, we present a 1O2 quencher stable and ef�cient in metal-air
chemistries. The utilization of 1O2 quencher as electrolyte additive provides an extensive
amelioration of the reaction yield both in discharge and charge. The heavy impact of 1O2

quencher on parasitic chemistry con�rms the role of 1O2 as a stability hurdle in metal-air
batteries. Physical quencher emerges, hence, as a new and primordial class of additives in
the metal-air technology to provide long term cycling.

Oxidation mediators are another type of additives often proposed in the lithium-air
chemistry. Oxidation mediators allow bypassing charge transport through the poorly con-
ductive alkali oxide and reach disconnected particles that can form while cycling. These
additives were shown to reduce charge overpotential and to increase the reaction rate, which
was hypothesized to reduce parasitic chemistry. In ch. 5, we unravel the mediated charge
mechanism. The presence of mediators in the electrolyte does not prevent the formation of
superoxide and subsequent 1O2 release either via alkali oxide oxidation or disproportiona-
tion. The presence of 1O2 imposes additional requirements to ef�cient oxidation mediators,
usually organic molecules, which were mostly studied based on their potentials. They should
ideally possess a high reaction rate to diminish the occurrence of disproportionation, a high
stability towards 1O2 provided by their chemical natures, and be chemically stable against
oxygen, peroxide and superoxide.

Based on these criteria, in ch. 6, we introduce design rules for oxidation mediators to
suppress 1O2 presence thanks to a new class of mediators, organic hydrazines. The main
conclusion of our study is the applicability of the Marcus theory to the mediated oxidation
kinetic. Consequently, the reaction rate mainly depends on the oxidation mediator potential
and presents a maximum that should be aimed at. We could also con�rm the desirability
of quenching moeties to reduce 1O2 reactivity and to increase the mediator stability. We
propose, therefore, to design mediators with a potential corresponding to the maximum
predicted by the Marcus theory, chemically stable against oxygenated species, and with an
ef�cient 1O2 quenching chemical class.

Singlet oxygen presence in metal air batteries has tremendous consequences even in
small produced quantities that could be overlooked. Advance in understanding its forma-
tion mechanisms is fundamental to rationalize parasitic reactions in metal-air chemistry
and to achieve true long term cycling. Through this manuscript, we present the achieved
understanding and insights on 1O2 formation and mitigation in the course of this thesis to
progress further towards high capacity batteries.



Oxygen chemistry, a pathway to next generation batteries

What a gift we have been given to be born in an atmosphere with oxygen.
Marina Keegan
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Introduction

The ever rising importance of energy storage in modern society imposes massive and quick
technological changes. Lithium-ion battery technology is currently the solution of choice
for many applications; new technologies based on sustainable lightweight active and in-
active elements with increased electrons exchanged per redox centre are nevertheless
indispensable for future electric vehicles [2–5]. A proposed familly of batteries to reach these
objectives are "beyond-intercalation chemistries", notably metal-air, abandoning the inter-
calation paradigm [2,4–6]. Among them, organic Li-air technology has received a particular
enthusiasm, sometimes for misaddressed reasons, because of the high theroretical capacity
of Li2O2 (1168 mA·h·g−1 [7]) and will be the focus of this introductory chapter.

Li-air batteries are based on a lithium metal anode and a porous electron conducting
matrix �lled with electrolyte as cathode where oxygen will react to form lithium peroxide
during discharge followed by the inverse process on charge as illustrated in Fig. 1.1. The
exact reaction mechanisms are, however, complex and still not fully clari�ed. The consen-
sus tends to a two step reaction during both discharge and charge; the reaction is divided
between the formation of superoxide through a one-electron exchange and a subsequent
one-electron process or superoxide disproportionation [8–12]. The mentioned steps are in�u-
enced by numerous parameters such as the electrolyte, the species present, or the applied
potential [13–15]. The reaction product itself is a wide band gap insulator and consequently the
exact reaction interface is still unknown. We will present the current understanding of the
different implications of this convoluted reaction mechanism which are the stepping stones
for this thesis results.

Figure 1.1: Scheme of the metal-air battery principle on discharge.

The Li-air battery cathode is based on a porous matrix that needs to sustain the Li2O2

formation and provide electrical contact rather than to directly store the charge. The ma-
terial of choice is carbon due to its lightweight, adaptable and inexpensive nature. We will
discuss the stability of carbon electrodes in metal-air chemistry which can be problematic
and the proposed replacement materials. Concerning the lithium metal anode, its poor
coulombic ef�ciency is fairly known, especially under metal-air conditions, and we will
explore solutions offered by contemporary researches. The Li-air electrolyte is also subject
to constraining limitations due to the presence of aggressive oxygen species and their roles
in the reaction mechanism. Hence, we will review here the advantages and disadvantages
of organic solvents, ionic liquids and solid-state electrolytes in Li-air batteries. The main
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distinction of metal-air from intercalation batteries is the formation and disappearance of
new products while cycling. The consequences on the capacity calculation imposed by
"beyond-intercalation" chemistries will be introduce to realistically compare the different
technologies.

Severe parasitic reactions are the major hurdle to ef�cient Li-air batteries [11,16]. These
reactions are known to degrade both the electrolyte and electrodes which in turn provoke
high charge voltage, poor reversibly and short cell lifetime. Due to the novelty of this chem-
istry, speci�c performance metrics and analytical methods have been developed, taking in
consideration the gaseous species involved. From the analytical methods, side reactivity
has often solely been attributed to reduced oxygen species owing to their reactivity with
common lithium-ion electrolytes. We will, however, show that the crippling parasitic chem-
istry cannot be substantially attributed to the potential reactivity of superoxide or peroxide
species with the development of adapted cell components. It can rather be partly associated
to the formation of singlet oxygen. Its formation mechanisms, consequences, and options to
mitigate it are thus the subject of this thesis.
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1.1 Metal-air batteries: principles and advantages

1.1.1 Beyond-intercalation batteries

The technological breakthrough of lithium-ion batteries in the early 1990s has led to a
paradigm shift in our habits with the spur of portable electronics, electric vehicles, or integra-
tion to the electrical grid [17,18]. With multiplied needs and applications of energy storage, the
use of lithium technology has seen a tremendous increase in the past decades. Hence, energy
storage came to the forefront of societal changes and research [2,17]. Lithium-ion battery
technology approaches its theoretical limits and imposes new technologies, especially due
to the expected expansion of the electrical vehicle market [2–5].

Lithium-ion battery capacities are notably plagued by the substantial fraction of elec-
trochemically inactive materials. This technology rests on transition metal oxides at the
cathode and carbon at the anode which act as host materials [3]. Lighter redox active elements,
increased number of electrons exchanged and lightweight cells are necessary to achieve
the high capacity needed for future technologies. Li-rich transition metal oxide cathodes,
featuring higher voltage and capacity, are one possible pathway towards next generation bat-
teries but still depend on insertion chemistries [5]. Together with the sustainability demands
rising, this motivates "beyond-intercalation chemistry" technologies [2,4–6]. Charge storage
in these promising chemistries involves distinctively different processes compared to the
well-known intercalation reactions.

Strategies to overcome these problems concern both the anode and the cathode. Alloying
materials such as Si or direct use of alkali metal anodes are for example proposed to reduce
inactive materials at the anode [17,19,20]. Concerning the cathode, the principal hinder towards
high capacity batteries, the main direction is to avoid transition metal redox chemistry; the
charges are then stored through the formation of new products by reacting alkali ions with
either O2 or S. [17] [21–25].

1.1.2 Metal-air batteries

Among the proposed technologies, the non-aqueous metal-air technology receive a sig-
ni�cant interest due to its high theoretical capacity albeit its lower voltage (theoretically
1168 mA·h·g−1 for Li-O2

[7]). As every battery, metal-air cells are comprised of two electrodes
separated by an electrolyte. Yet, as part of "beyond-intercalation" technologies, the graphite
anode is replaced by alkali metal and the transition metal compound by an oxygen cathode.
The cathode is composed of a porous electron conductive matrix, usually carbon, �lled with
non-aqueous alkali cation electrolyte. Oxygen will diffuse to the cathode surface where
its redox chemistry will act as charge storage. On discharge, oxygen is reduced to form
superoxide or peroxide which is oxidized back to the alkali cation and O2 on charge.

Despite its lower coulombic ef�ciency and higher overpotentials compared to state of
the art Na or K cells [23,26], Li-O2 chemistry is interesting due to its higher energy density; it is
the more lightweight alkali metal and leads to the two-electron oxygen reduction product
Li2O2

[27]. The chemistry of the O2/MO2 (M = Li2, Na, K) redox couple in aprotic media is
a rather recent research subject and the still incomplete mechanistic understanding is a
barrier for practical realization. By virtue of the similarities between the different metal-air
technologies, emphasis will be put on Li-O2 battery given its higher speci�c capacity. Li-O2

cells, furthermore, involve the more complicated reactivity and the mechanisms encountered
in lithium chemistry encompass the other alkali cases which usually favour the formation of
alkali superoxide [26,28–30].
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1.2 The state of the art of the lithium-air technology

1.2.1 Reaction mechanisms

1.2.1.1 Discharge

The discharge reaction in Li-O2 batteries is the O2 reduction in presence of lithium ions to
form Li2O2 according to an overall 2 e– reaction (Eq. 1.1). Li2O2 formation in aprotic media is
complicated and the exact mechanism still not entirely understood. It is commonly accepted
that the reaction is divided in two steps. Discharge commences with a 1 e– O2 reduction to
superoxide (O –

2 ) which may combine with Li+ to form LiO2 (Eq. 1.2) [8,31,32]. This step is followed
by either a second 1 e– reduction (Eq. 1.3) or disproportionation of the superoxide to form its
peroxide (Eq. 1.4) [8–11]. The second step pathways are governed by the equilibrium between
solvated and adsorbed superoxides (Eq. 1.5) [13]. Adsorbed superoxide can undergo a second
reduction at the electrode surface or disproportionate. A solvated LiO2 is disconnected
from the electrode and can only undergoes disproportionation followed by subsequent
precipitation. Both lead to an overall two-electron reduction of oxygen, as schematically
shown in Fig. 1.2.

O2 + 2 e– + 2 Li+ Li2O2 (1.1)

O2 + e– + Li+ LiO2 (1.2)

LiO2 + e– + Li+ Li2O2 (1.3)

2 LiO2 Li2O2 + O2 (1.4)

LiO2 Li+(sol) + O –
2 (sol) + ion pairs + higher aggregates (1.5)

e–

O2

Disp.

O2–

Li+Li2O2LiO2

e–

O2
O2–

Li+

Li+

Li+

(1.2) (1.5)

(1.4)

(1.3)

Figure 1.2: Scheme of the discharge reaction and the equations corresponding to each step.

Given the prominent role of the LiO2 solvation equilibrium (Eq. 1.5), all factors in�uenc-
ing it have been recognized as strongly in�uencing the discharge mechanism. The cation
solvation depends on the coordination strength with the solvent characterised by its Lewis
basicity, measured with the Guttman donor number (DN) [9,13,33,34]; superoxide solvation
correlates reciprocally with the solvent Lewis acidity characterised by the acceptor number
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(AN), even though its in�uence is lower [33]. Common organic solvents cover an extensive
range of DN. Among them are the nitriles and sulfones (DN = 14-16), glymes (DN = 20-24),
amides (DN ≈ 26), and sulfoxide (DN ≈ 30) [13,34]. A high DN solvent leads then to a higher
solvation of the lithium superoxide and disproportionation proportion. Solvation free en-
ergies of LiO2 in a number of solvents as a function of AN and DN are given in Fig. 1.3. An
alternative explanation concerning the reaction pathway control by the electrolyte is the
solvent effective polarity [35]. Addition of additives tuning the solvent polarity changed the
second reduction activation barrier, an effect which is not explainable by the previous theory.
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Figure 1.3: Free energy of LiO2 dissolution in different solvents in function of the solvent
Acceptor Number and Donor Number, adapted from [36]. The energy value are relative to
dimetoxyethane.

Solvating properties of the electrolytes are further in�uenced by additives. Strongly
Li+ coordinating salt anions like NO –

3 , associated with poor dissociation, increase solubi-
lized superoxide but at the expanse of electrolyte conductivity [14,37–39]. Other examples are
Lewis or Brønsted acids used to improve the superoxide solvation as water, alcohols, onium
cations, or other alkali ions despite the noted potential to increase side reactivities [36,40,41,41–43].
Favouring solution growth through additives has grown more important since highly Lewis
basic solvents are also more susceptible to nucleophilic attack by O –

2
[44].

Given the O2/Li2O2 and O2/O –
2 standard potentials, 2.96 and ∼2.6 VLi/Li+ respectively, the

higher stability of peroxide versus superoxide in presence of Li+ drives disproportionation [45].
The second reduction from superoxide to peroxide has also a strong driving force at all
discharge potentials, the standard potential of O –

2 /Li2O2 being ∼3.3 VLi/Li+
[13]. The dispropor-

tionation reaction appears, however, to be the most favoured reaction at low overpoten-
tials [13,15,46,47]. Higher overpotentials increase the second reduction rate to the detriment of
disproportionation and favour surface growth.

The prevailing pathway of Li2O2 growth has a major importance for the discharge capacity.
Electrolytes such as acetonitrile and dimethoxyethane (DME) solvate LiO2 poorly and lead to
an apparent conformal coating of the electrode by peroxide, as illustrated in Fig. 1.4(a). The
potential curves are characterised by a very quick decay associated with the passivation of
the electrode. The reaction would in this case occur at the Li2O2/electrolyte interface, the
reaction being more facile on the peroxide than at the electrode interface [11,48–50]. Beyond a
layer thickness of only 5 to 10 nm, charge transport resistance increases drastically due to
the poor conductivity of peroxide; Discharge ceases when electrons cannot be transported
through the layer, corresponding to low capacities [46,49,51,52]. A higher current density is
associated, moreover, with a higher nucleation rate, further favouring the surface deposition
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and a quicker death of the electrode [46].

A solution mechanism delays the appearance of a dense Li2O2 layer and allows for higher
capacity. Fig. 1.4(c) shows that higher capacities are obtained with higher donor number
electrolytes. Due to the lower nucleation driving force, particles grow as large micrometre-
sized toroidal particles composed of lamellaes [13,36], as illustrated in Fig. 1.4(b). Superoxide
like species have been found on the surface of such structures [53]. The local overpotential
increases with the covering of the matrix by the toroidal structure favouring a surface growth
as the charge proceeds. This leads to the formation of smaller and �atter particles as the
discharge progresses [54]. Surface blocking �nally leads to the end of discharge. Impedance
spectroscopy showed a similar surface blocking for either pathway, resulting in increased
charge transfer resistance [52].

Figure 1.4: The in�uence of the reaction pathway on the discharge. (a) SEM image of Li2O2

obtained in low DN solvent via surface mechanism, adapted form [36], (b) SEM image of
Li2O2 toroids obtained via the solution mechanism, adapted from [36]. (c) Dependence of
galvanostatic discharge with the solvent donor numbers (0.1 M LiClO4), adapted from [13].
The dashed line represent a 7 nm Li2O2 thickness, the limit of the hypothesized achievable
capacity by a pure surface mechanism.

1.2.1.2 Charge

The Li2O2 oxidation mechanism is less understood than the discharge mechanism. Several
points have still been determined. First, the oxidation proceeds incipiently at low overpoten-
tials with oxygen evolution at potentials as low as 3 VLi/Li+; the thermodynamic potential being
2.96 VLi/Li+

[11,55,56]. Second, the voltage rise correlates with side product formation from the
charge onset. The side products are harder to oxidize than Li2O2 which further accelerates
the potential rise [11,57,58]. Third, overpotentials arise to a lesser extent by increasingly dif�cult
electron transfer as Li2O2 recedes [59].

With these considerations in mind, three different mechanistic models were discussed,
each backed by experiments and calculations. First, a direct two-electron oxidation, due
to the absence of LiO2 in acetonitrile, as shown by in-situ surface-enhanced Raman spec-
troscopy [8]. Second, a topotactic delithiation forming a metastable Li2˘x O2 comprising Li2O2

and LiO2 domains, based on DFT calculations and X-ray diffraction experiments [45,60]. Third,
the formation of a LiO2 surface layer at low overpotentials and a direct two-electrons oxida-
tion at high overpotentials, based on electrochemical experiments [61]. LiO2 formation and
consequent disproportionation was supported by TEM analysis [62]. DFT calculations have
shown possible lithium extraction at low overpotentials with progressive delithiation of the
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Li2O2, while O2 evolution is responsible for the high overpotentials and is the more dif�cult
step. [45,63,64].

A uni�ed charge model governed by the solvent DN, in a similar fashion to discharge,
was recently proposed [12]. Using thin-�lm RRDE experiments, dissolved LiO2 was detected
during charge at the ring in a high DN solvent (DMSO) while it was absent in a lower DN
solvent (TEGDME), as shown in Fig. 1.5. Similarly, XANES experiments showed the formation
of LiO2 at the surface upon charging only in high DN solvent.

D
is

c 
cu

rr
en

t 
de

ns
ity

 (m
A

·c
m

–2
)

R
in

g 
cu

rr
en

t 
(µ

A
)

Voltage vs. Li/Li+ (V)

DMSO

Disc

Ring

4.5
–12

–9

–6

–3

0

3

6

0

2

4

6

8

10

12

43.532.521.5D
is

c 
cu

rr
en

t 
de

ns
ity

 (m
A

·c
m

–2
)

R
in

g 
cu

rr
en

t 
(µ

A
)

Voltage vs. Li/Li+ (V)

TEGDME

Disc

Ring

(a) (b)

–12

–9

–6

–3

0

3

6

0

2

4

6

8

10

12

4.543.532.521.5

Figure 1.5: Thin-�lm RRDE cyclic voltammetry in presence of oxygen in different elec-
trolyte (0.2 M LiTFSI) at 50 mV.s−1 and a rotating speed of 900 rpm, adapted from [12]. The
Au ring potential was 4.0 VLi/Li+, suf�cient for superoxide oxidation. (a) in TEGDME, (b) in
DMSO.

As for discharge, the solvent in�uences the Li2O2 decomposition pathway, either via
solvated superoxide or topotactic surface delithiation. A higher kinetic applied by a higher
overpotential favours the surface route as for discharge. Hence, the overall 2 e− oxidation
comprises a two step charge transfer mechanism (Eq. 1.6); it commences with a �rst delithia-
tion forming superoxide-like species. The second step, as for discharge, is either a second
oxidation (Eq. 1.7) or disproportionation (Eq. 1.8). In high DN solvents, Li2−x O2 is partly
dissolved to LiO2(sol) that can disproportionate. Dependence on the solvation strength of the
solvent might explain the absence of a LiO2 detection in acetonitrile [8]. The reaction scheme
is summarized in Fig. 1.6.

Li2O2 Li2−x O2 + x Li+ + x e– (1.6)

Li2−x O2 O2 + (2 − x ) Li+ + (2 − x ) e– (1.7)

2 LiO2 (sol) Li2O2 + O2 (1.8)



26 1.2. The state of the art of the lithium-air technology

Li2O2
e–

LiO2
Li2O2

Li2O2 LiO2
Li2O2
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Li+

Li+

Li+

O2

O2–
O2–

O2

(1.6)

(1.8)

(1.7)

Li+

Figure 1.6: Scheme of the charge reaction (simpli�ed to x = 1) and the equations corre-
sponding to each steps.

It remains elusive if the adsorbed LiO2 after initial delithiation will undergo disproportion-
ation or only direct oxidation. Evidences seem to indicate disproportionation of absorbed
LiO2 during charge [62,65]. In any case, the disproportionation in charge is beyond doubt in
high DN solvent. This is supported by the conversion of chemically synthesized Li2O2 into
lamellar morphologies due to disproportionation after being partly oxidized, as illustrated
by Fig. 1.7. This phenomenon is accompanied by the formation of nanocrystalline Li2O2 as
detected by XANES [12].

TEG-80% Discharged in 
DMSO

DMSO-
80%

Me-Im-80%

Discharged 4h 
in Me-Im

(a) (b) (c)

Figure 1.7: SEM of Li2O2 at 80% of the charge in different electrolytes, adapted form [12].
The electrolytes are 1 M LiTSFI (a) in TEGDME, (b) in DMSO, and (c) in Me-Im. The insert
mentioning discharge are here for comparison with solution mechanism during discharge.
If not mentioned, the scale bars represent 200 nm.

1.2.1.3 Discharge product

Li-O2 batteries, being a "beyond-intercalation" technology, heavily rely on the properties
of the discharge product and notably mass/charge transport in Li2O2. Crystallinity, defects
and applied voltage govern the charge transport properties of the peroxide. The deposition
mechanism may impose two distinct morphologies as described in part 1.2.1.1. The formation
of a well-contacted amorphous Li2O2 layer, through the surface pathway, results in lower ox-
idation potential [12,60,66,67]. The reaction is facilitated by defect-rich peroxide; large amounts
of defects in nanocrystalline peroxide result in two orders of magnitude lower transport
resistance compared to larger crystallites formed by disproportionation as illustated by Fig.
1.8 [66,68,69]. Li2O2 toroidal morphologies, despite allowing higher discharge capacities, lead to
higher overpotentials on charge and hence more side products.
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Figure 1.8: Tafel slope dependence on Li2O2 crystallographic structure during charge,
adapted from [66]. Pink hexagons correspond to commercial crystalline Li2O2, red circles to
annealed Li2O2 and dark red squares to amorphous Li2O2.

Li2O2 electronic conductivity shows a particular dependence on the applied voltage.
Higher potential was found by theory to result in reduced tunnelling barriers and easier
charge transport in Li-de�cient phases, notably by lithium vacancy formation as seen in Fig.
1.9 [59,70,71]. The reduced conductivity at potentials found during discharge corroborate with
low discharge capacities if a surface pathway prevails. On the other hand, higher conductivity
at potentials corresponding to charge is in accord with low overpotentials at the charge
onset. The presence of different morphologies would lead to several charge plateaus for
Li2O2 oxidation, due to different charge transfer resistances.
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Figure 1.9: Lithium peroxide electronic conductivity versus the cell potential, adapted
from [59]. The light pink region represents an ohmic potential drop lower than 0.1 V for
a 6 nm thick Li2O2 �lm. O2/Li2O2 thermodynamic potential correspond to the dashed line.

Given the low conductivity of Li2O2, the interface at which charge transfer happens
is of major importance. The reaction could proceed either at the cathode/Li2O2 or the
Li2O2/electrolyte interfaces. The Li2O2/electrolyte interface is generally accepted as the reac-
tion site during discharge via surface mechanism [48–50,72], in spite of contradictory results [73].
The reaction interface is more disputed during charge and leads to different interpretations
of the overpotential rise, as illustrated in Fig. 1.10. Considering a Li2O2/electrolyte interface,
Li2O2 poor conductivity will be limiting at all steps of charge [72,74,75]. If charge transfer occurs
at the cathode/Li2O2 interface, the depletion will proceed preferentially at the electrode
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surface, reducing the contact interface between the discharge products and the electrode as
well as contributing to reduced electron paths and increasing overpotential [48–50,73,76]. At the
�rst stages of charge, mass transport of O2 and Li+ through the layer will be limiting in this
case. As experiments seemingly support both assumptions, more thorough experiments
are needed to unravel completely the reaction interface as its position appears related to
the reaction pathway during discharge as well as the applied rate on charge [72]. The charge
potential rise cannot, however, be fully accounted by an increasingly dif�cult charge transfer
though Li2O2. The rise was mostly assigned to the formation of side products such as lithium
carbonates [11,16,71,77].
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Figure 1.10: Scheme of the reaction interfaces and the subsequent implications. The
Li2O2/electrode interface case is adapted from impedance spectrosopy results [48]. The
Li2O2/electrolyte interface case is adapted from mass spectrometry results [72].

1.2.2 Electrodes

1.2.2.1 Cathode

Li-O2 cells rely on the formation/decomposition of lithium peroxide. This reaction needs to
proceed on a conductive matrix that can accommodate Li2O2. Peroxide will grow inside and
�ll the matrix pores; electrode materials with suf�cient porosity are necessary to allow for
signi�cant Li2O2 formation, hence high capacity. Owing to its low cost, good conductivity,
and adaptable surface geometry, carbon is the material of choice for Li-O2 battery electrodes.

Carbon stability in Li-O2 chemistry is, however, not perfect and was itself found to pro-
mote side reactions [58,77–79]. Using 13C labelled carbon electrodes and in-situ as well as
ex-situ mass spectrometry, CO2 evolution was detected from deteriorated electrodes during
charge. In contrast, electrodes in contact with Li2O2 or discharged release no notable CO2

amount arising form the electrode [58]. Side products formation, hence, arise predominantly
from electrolyte degradation during discharge. Electrode degradation commences on charge
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and accelerates as the overpotential rises, forming Li2CO3, as shown in Fig. 1.11(a) [58,77,78]. An
aggravating factor is the presence of defects and hydrophilic moieties at the carbon surface,
promoting electrode and electrolyte decompositions, as shown in Fig. 1.11(b) [58,79]. Another
carbon cathode issue arises from polymer binders. Commonly used lithium-ion battery
binders, as PVDF, are unfortunately not stable in Li-O2 cells [80–83]. Nowadays, Na�on or
PTFE are the binders of choice but their stability remains to be tested thoroughly towards
aggressive chemicals formed in Li-O2 cells [82–84].
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Figure 1.11: Carbon electrode stability. (a) In-situ CO2 mass spectrometry during Li-O2 cell
charge, adapted from [58]. In red, 13CO2 characterising side reactions form the electrode, and
in black 12CO2 characterising side reactions form the electrolyte. The results where obtained
by DEMS with a DMSO electrolyte after a prior discharge to 2 VLi/Li+. (b) CO2 evolution from
Li2CO3 decomposition originating form the electrode decomposition in DMSO electrolyte
at various stages of discharge and charge during the �rst cycle as well as after the second
recharge, adapted from [58]. The pink circles represent hydrophobic carbon, the red hexagons
commercial carbon, the dark red square hydrophilic carbon.

As a result of carbon instability, more stable materials have been tested as electrodes. To
remain competitive, these materials should not catalyse electrolyte decomposition as well
as keep a high porosity, a low density and price. Among the materials tested, Ti ceramics
and nanoporous Au showed, for example, an improve cyclability and reduced side reactiv-
ity [21] [84,85]. If gold is naturally protected in Li-O2 cell conditions, Ti materials as TiC or the
metallic Magnéli phase Ti4O7 need a passivation layer [84–86]. This layer is likely formed by
oxygen-de�cient titanium oxide (TiO2−x ), enhancing the corrosion resistance of Ti materials.
A similar ad-hoc passivation layer of ZnO or Au deposited on carbon increased its corrosion
resistance. This method faces nevertheless passivation layer breaking after some cycling due
to the deposition of Li2O2 below the passivation layer [87,88]. However, these material higher
densities compared to carbon require a higher porosity to convey an interesting capacity.
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Figure 1.12: Materials dependence on CO2 evolution from Li2CO3 decomposition, adapted
from [85]. Li2CO3 is formed by electrolyte decomposition (DMSO). The red hexagons repre-
sents a carbon cathode, the dark red squares a TiC cathode.

Considering the porosity, the in�uence of the electrode pore size has been investi-
gated [89,90]. Several geometries and their impacts have been tested such as mesostructured
carbon, carbon aerogels, or graphene-based electrodes [90–93]. Modelling have been used to
verify the porosity signi�cance [94]. The pathways to these pores, especially with nanomate-
rials, should not be neglected. At high current density, mass transport is limiting [93]. Li2O2

and side product formations could provoke clogging of small matrix pores. Higher pore size
appears to enhance the lifetime of similarly constituted electrodes, as demonstrated in Fig.
1.13 [89,90]. In a similar fashion, bigger molecules as additives also require access to the pore
and a nano-grid electrode was proposed to facilitate their diffusion [95].

Figure 1.13: In�uence of pore size on Li-O2 cells, adapted from [90]. In green, cycling of a
large pore size carbon and in black, a small pore size carbon. The discharge capacity are
limited to 1.0 mA·h·cm−2 and current �xed to 0.1 mA·cm−2.

1.2.2.2 Anode

The cathode mostly limits the capacities with current lithium-ion technology. High capacity
anode rise is, however, necessary to follow an increased cathode capacity. Anode technology
with similar capacity to O2 cathodes requires a "beyond-intercalation" approach. Lithium
metal has a very good speci�c energy, a low density and the lowest electrochemical po-
tential. Lithium metal anodes are, however, still not ready, despite in-depth mechanistic
studies [96] [97].

The anode loses quickly coulombic ef�ciency with the formation of a so-called solid-
electrolyte interphase (SEI). The SEI is notably formed by electrolyte decomposition products
such as Li carbonates, LiOH or LiF [98–100]. These reactions can be due to decomposition of
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counter ions (PF –
6 , TFSI–), impurities present in the electrolyte (H2O, H+), or the decomposition

of the electrolyte solvent itself (O2, carbonate, CO2). The lithium passivation layer presents
different mechanical resistances and tensile strengths depending on its composition, gener-
ally an inorganic core and an outer layer of organic chemicals, as schematically shown in Fig.
1.14 [99].
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Figure 1.14: SEI composition and formation of preferential deposition pathways through
the SEI cracks, adapted from [99].

In addition, lithium preferably grows as dendrites that lead to short circuits after some cy-
cles which is hazardous due to �ammable organic electrolytes. As a result of inhomogeneities,
breaking of the SEI forms preferential deposition pathways, enhancing the tendency to pro-
duce dendrites [101]. This dendrite growth is favoured by the non-uniform electrical �eld
distribution, accelerating deposition at the tip of the dendrites [102]. The pristine lithium
surface of the dendrites is also subject to SEI reformation, increasing the side reactions.
Lithium dendrites can disconnect from the anode due to parasitic reactivity, synonymous of
dead weight and capacity loss [103]. Considering solid-state electrolyte, mossy or dentritic
deposition can reduce electrode/electrolyte contact, increasing cell resistance and leading
to quick cell death [104].

Since SEI formation appears inevitable, the formation of a compact and uniform layer,
with good mechanical and electrical properties, is required to successfully use Li metal
anodes. The presence of O2 imposes speci�c stability requirements [96]. Even though lithium
metal would require a separation from moisture and oxygenated species produced at the
cathodes [105], a strong SEI remains a must-have to ensure long term cycling. The electrolyte
constitution holds a strong in�uence on the SEI composition. As the solvent itself is not
completely stable, it will change the composition of the SEI. The salts are not stable either,
especially in contact with water impurities in the solvent, and can form LiF in case of PF –

6 or
TFSI– cations [100,106]. LiF is actually a compact layer with good uniformity and strength im-
proving the SEI stability but also brings a lower conductivity. Nitrate/azide based lithium salts
are also employed to produce a stable SEI and have been tested in Li-O2 cell conditions, as
show in Fig. 1.15(a) [107–110]. NO3

− enhances, furthermore, the solution pathway at the cathode
and gets reduced at the Li anode to generate NO2

− which facilitates Li2O2 oxidation by the
oxidation mediator effect [37] [39]. Azides are known to quench reactive species formed in
Li-O2 batteries as it will be discussed in part 4.1 [111]. Yet, nitrate based electrolytes suffer from
lower conductivities compared to the TFSI– based one and these salts should be used as
additives.
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Figure 1.15: Formation of a stable SEI. (a) Pressure evolution at open-circuit voltage in a
closed symmetric Li/Li cell, adapted from [107]. Pressure evolution indicates side reactions of
the electrolyte with lithium metal. In black, evolution of cells with a N,N-dimethylacetamide
electrolyte and no salt under argon; in red, the same electrolyte under oxygen atmosphere.
In green, evolution of cells with a 1M LiNO3 in N,N-Dimethylacetamide electrolyte under
argon; In blue, the same electrolyte under oxygen atmosphere. (b) SEM image of a Li anode
after 10th deposition at 0.1 mA·cm−2 with a 1 M LiPF6 in propylene carbonate electrolyte,
adapted from [112]. (c) SEM image of Li anode after 10th deposition at 0.1 mA·cm−2 with a 1 M
LiPF6 and 0.05 M CsPF6 in propylene carbonate electrolyte, adapted from [112].

A proposed solution is to preform a SEI by plunging the lithium in a �uorinated solvent [113].
After this treatment, lithium metal was able to cycle in acetonitrile, a common solvent Li-O2

chemistry. Another fashion to protect the anode is using a solid-state electrolyte as it will be
discussed in 1.2.3. More exotic ways to reduce dendrites are investigated such as the forma-
tion of a self-healing electrostatic shield by incorporating Cs+ or Na+ ions, demonstrated in
Fig. 1.15(b)-(c) [112] [114].

1.2.3 Electrolyte

Dif�cult criteria are to be met for Li-O2 cell electrolyte, namely a suf�ciently wide electro-
chemical window, formation of a stable passivation layer at the anode, a high conductivity,
and chemical stability. The electrolyte in Li-O2 cells holds, moreover, a major in�uence on
the discharge and charge mechanisms. Li-O2 chemistry induces very aggressive species
in solution. For this reason, solvents such as ethers (particularly glymes) [115,116], sulfones [117],
amides [107,109,118,119], or sulfoxides [21] replace carbonates usually used in lithium batteries [120].
Nitriles have likewise a good stability towards reduced oxygen species, the interest in them
is, nevertheless, reduced due to their instability with lithium metal and low donor number [121].

The solution pathway enticed by higher achieved capacities, as described in part 1.2.1.1,
favoured the use of high DN solvents. The solution pathway is, nonetheless, a double-edged
sword. This pathway results in solvating more aggressive species for the electrolyte and
increasing superoxide attack, as illustrated in Fig. 1.16 [44]. A trade-off needs to be found
between the longevity and capacity, high DN solvent being more susceptible to nucleophilic
attack. To improve stability towards reduced O2 species, solvents are designed to resist
nucleophilic attack by avoiding any protons in alpha-position to heteroatoms. Among them,
fully methylated glyme [122], hexamethylphosphoramide (HMPA) [123], or the fully methylated
methoxy ketone 2,4-dimethoxy-2,4-dimethylpentan-3-one [124] were suggested to increase
stability. Yet, such electrolytes are for the moment impeded by extreme toxicity (HMPA)
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or instability with a lithium metal. The choice of the salt equally in�uences the reaction
mechanisms and should not only be chosen for their conductivity and stability towards
lithium metal/oxygen species, as discussed in 1.2.1.1. The same reasoning goes with additives
such as phenol, protic species or mediators.
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Figure 1.16: Contour map of nucleophilic attack thermodynamic driving force for different
solvents, adapted from [44]. The driving force is given in function of the Gibbs free energy for
LiO2 dissolution with MeCN as reference and the solvent pKa in DMSO. Low dissolution energy
denotes a tendency for the solution mechanism and low pKa easier hydrogen abstraction

Ionic liquids, in addition to advantages such as a high electrochemical stability, present
low volatility which is especially interesting for real applications with an air�ow [7]. The oxy-
gen reduction mechanism in ionic liquids appears to differ from conventional electrolytes,
notably in�uenced by the weaker Lewis acidity of the ionic liquid cations, favouring super-
oxide solvation [125,126]. Unfortunately, O2 solubility and diffusivity are low in ionic liquids
due to their viscosity [127]. The ionic liquid chemical stabilities are also problematic for Li-O2

applications, since common imidazolium based ionic liquids are not stable towards super-
oxide [128]. Pyrrolidinium or piperidinium based ionic liquids present a better compatibility
with superoxide and lithium metal but still have insuf�cient reversibility and a tendency
to parasitic chemistry [121,129–131]. Among other issues, higher price, possible stability issue
towards lithium metal and lower Li ion solubility also speak in disfavour of ionic liquids [132].

Solid-state electrolytes are promising due to the external protection they offer to lithium
metal from O2 or H2O. Dendrites growth can also be inhered by applying external pressure
on the anode. Solid-state electrolytes comprise ceramics (perovskite, garnet, NASICON)
and polymers. Solid-state electrolytes have, however, the detrimental characteristics of
lower conductivities [133,134]. Li-air cells would speci�cally require the arrival of gaseous O2

at the electrode surface, O2 transport in solid being low. The solid-state electrolyte also
prevents the solution pathway, leading to low capacities. The stability of polymer against
reduced oxygen species is, moreover, problematic [133] [135]. Ceramics suffer from mechanical
degradation due to their brittleness combined with volume changes of both electrodes [134].

A promising use of solid-state electrolytes is as separator between the oxygenated species/
moisture and the lithium metal, necessary to prevent the anode corrosion. Solid-state elec-
trolytes can separate anodic and cathodic compartments, avoiding cross-talk between the
two electrodes [105,136]. Such methods can permit the use of additives in the cathode com-
partment that would not be stable in contact with lithium metal [137]. Solid-state electrolyte
is then of major importance for long term cycling but not necessarily as direct electrolyte.
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Work on Li-O2 solid electrolytes is still at the beginning but researches are motivated by the
possibility of �exible batteries and potential moisture and air protection of the anode [138,139].

1.2.4 Complete stack

Li-O2 battery main advantage is often described as the Li2O2 theoretical capacity (1168
mA·h·g−1 [7]). Given the nature of "beyond-intercalation" batteries, achievable capacity is
often misgiven as the capacity per gram of porous matrix; �attering numbers can then
be obtained, between 1000 and 4000 mA·h·g−1

carbon, compared to ∼100–500 mA·h·g−1 for
traditional technologies [5,6,140]. Limited discharge capacity, usually around 1000 mA·h·g−1

carbon,
limits as well the amount of side reactions, improves cyclability and may super�cially still
compare favourably with intercalation materials. The electrode mass is an accurate descrip-
tor of the achievable capacity in intercalation materials; the host material mass and volume
are well de�ned and relatively stable between discharge and charge states [6]. In Li-O2 cells,
no actual storage materials are present in the initial charged state and active material mass
and volume de�nitions become fuzzier.

A more comparable descriptor of Li-O2 electrode to intercalation materials is the concept
of "super-host structure" representing the electrolyte �lled porous cathode [6]. In Li-O2 cells,
the initial host material is not con�ned to the electrode but includes the electrolyte �lling
the pores. Discharge product formation displaces the electrolyte from the pores but it will
still be present in the system and part of an extended host electrode de�nition. The concept
of super-host electrode is elaborate in Fig. 1.17. Electrode porosity holds primary importance
for the capacity. Besides being needed to accommodate a high amount of active storage
materials, high porosity implies a larger electrolyte/electrode proportion. This additional
electrolyte, in turn, diminishes the true speci�c capacity compared to lower porosity if the
available pore space is not widely �lled. A capacity given per mass of electrode alone can
hence result in highly different "true" capacity depending on the initial porosity; only the
"true" capacity based on the total super-host weight can be use to show a signi�cant capacity
improvement compared to intercalation materials, especially with limited capacity cycles.
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Figure 1.17: Super-host structure, adapted from [6]. (a) Scheme of the super-host structure
expansion at different Li2O2 �lling degrees. (b) Relative volumes of each super-host compo-
nent at different state of discharge. The insertion material LiFePO4 at 74% volume occupation
is given for comparison.

Only several easily obtained parameters are required to calculate "true" capacities. They
are the electrode thickness, the mass fractions of all components (electrode, binder, and
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electrolyte), and their areal loading. Knowing the respective densities, the volume fractions
can be obtained. From these data, it is straightforward to convert the capacity with respect
to the porous matrix into "true" capacity per mass and volume of the total electrode includ-
ing the displaced electrolyte. The maximum theoretical packing for Li2O2 is a 74% volume
occupation assuming that the active material forms uniform spheres. Using an electrode
with a 1:1 binder/carbon volume ratio, a starting porosity of 92% and an electrolyte with a 1.1
density yield a "true" capacity of ∼700 mA·h·gtotal

−1 and a volume occupation of 80% [6]. The
results obtained are illustrated in Fig. 1.18(a).

Electrolyte/electrode ratio becomes even more predominant in the case of electrode
materials such as porous Au or TiC, discussed in part 1.2.2.1. The speci�c capacity is naturally
reduced considering their higher densities. An increased porosity reduces the high-density
material proportion, hence, nearing its theoretical capacity to a lighter one, like carbon. The
use of alternative cathode materials is therefore greatly dependent on their porosities as
illustrated in Fig. 1.18(b).
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Figure 1.18: Capacity based on the total mass of a super-host. The calculation protocol is
described in the main text. (a) Recalculated capacity at different initial matrix porosity (75%,
85% and 92 %), adapted from [6]. A 80% pore �lling is used for calculations. The insertion
material LiFePO4 at 74% volume occupation is given for comparison in dashed black. (b)
Recalculated "true" capacity in function of the inital electrode porosity and density given for
either 80% (full line) or 100% (dotted line) Li2O2 volume occupation, adapted form [141].

Even though accounting for the mass and volume of the entire "super-host structure"
results in lower achievable capacity, the Li-O2 cathode can still achieve a signi�cant amelio-
ration compared to lithium-ion cells. The only requirements are high Li2O2 packing density
and a small inactive/active material ratio. The Li-O2 cathode is, however, not the only one to
be subject to volume change during cycling. The lithium metal anode itself will change vol-
ume/mass upon lithium plating/stripping or the solid-electrolyte interphase formation [99,142].
This is often overlooked since lithium metal is a very ef�cient reservoir of lithium ions and
imposes overdesigning lithium anode.

"True" cathode speci�c capacity is suf�cient for Li-O2 technology to hold promises at
research scales; practical applications need to take into account speci�c cell designs [5]. Stack
capacity depends notably on binders that should be kept at a minimum, current collectors,
the cell housing and the stack housing [143]. The stack and cell housings are particularly
important for Li-O2 batteries where air�ow to the cathode has to be ensured. Development
of such technologies is still in its infancy. If current predictions are pessimistic, it is too early
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to judge on the �nal achievable capacity of a Li-O2 stack [7].
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1.3 Setbacks of metal-air technologies and suspected origins

1.3.1 Metrics characterising reversibility and the extent of side reactions

The biggest challenge faced by non-aqueous metal-air batteries is the large amount of side
reactions, preventing long term cycling and maturing of the technology. Typical side prod-
ucts are lithium carbonates such as Li2CO3, Li formate and Li acetate [77,115,144]. The parasitic
products subsequently lead to quick cell death due to pore and surface clogging as well as
higher oxidation potentials [11,58]. The higher imposed potential results itself in an accelera-
tion of side reactions [58]. Only a deep understanding of the reaction mechanisms and the
development of accurate measurement methods will allow truly technological advancement
and preventing cell degradation.

The �rst and foremost characteristic of reversible cells is an ef�cient redox chemistry of
O2. For Li-O2 chemistry, the amount of oxygen and peroxide consumed/released compared
to the capacity must comply with the Faraday law, given in Eq. 1.9, and a deviation charac-
terises side reaction presence; stoichiometry implies strict e−/O2, e−/Li2O2 and O2/Li2O2

ratios described in Eq. 1.10 and Eq. 1.11. O2 and Li2O2 are the only products in a perfectly re-
versible cell. No side reactivity results in a perfect coulombic yield, hence, all Li2O2 produced
during discharge should readily be oxidized to O2 during charge.

n =
I · t
F · z

(1.9)

with n , the number of mole consumed/produced; I , the current (A); t , the time (s); F , the
Faraday constant (96485 C·mol−1); and z , the valency number.

O2 + 2 e– + 2 Li+ Li2O2 (1.10)

e–/O2= 2; e–/Li2O2= 2; O2/Li2O2= 1 (1.11)

These conditions are not mutually inclusive and all of them should be met to achieved
complete reversibility. During discharge, oxygen consumption is often close to the theoreti-
cal ratio of 2 e–/O2. Such oxygen consumption does not necessary result in a 2 e–/Li2O2 ratio
as side reactions might consume O2. The observed side reactions are more severe during
charge, represented by the orange gap between the O2 production and Li2O2 consumption
in Fig. 1.19. The clear lack of oxygen results in a deviation from the ideal trend of 2 e–/O2.
This representation de�nes the major issue of metal-air batteries, far from ideal reactions
due to parasitic reactions which are especially severe during charge.
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Figure 1.19: Side reactivity characterised by Li2O2 and O2 production/consumption over
the capacity passed, adapted from [145]. O2 amount evolution over the capacity passed is
represented in light blue, Li2O2 in grey, the side reactions in orange are related to Li2O2

formation/dissolution and the side reactions due to parasitic oxidation of other species in
blue. (a) Discharge, (b) Charge.

Analysis of the O2 and Li2O2 productions is evermore crucial when limited discharge/charge
capacity is used. Apart from biasing the faradic yield by reducing the amount of possible
side reactions, the charge curves can falsely appear as reversible. Fig. 1.20 illustrates this
point. Full discharge/charge curves are characterised by a plateau at a characteristic voltage
corresponding to the reagent consumption with a rate imposed by the current. This plateau
is followed by a sharp change at the end of the reaction due to insuf�cient reagent concen-
tration at the electrode surface. It signi�es the transition towards a new electrochemical
reaction such as the solvent decomposition. In a limited capacity discharge case, a recharge
at the same capacity should reach full consumption of the storage material and present
a potential shift, except in the case of a complete absence of side reaction. The absence
of potential rise indicates then the presence of side reactions. In a similar fashion, a side
reaction at a potential close to the main reaction could appear as the main reaction such
as for Li2CO3 oxidation during Li-O2 batterie charge [11,58]. In the extreme case of the dark
red curve in Fig. 1.20, the capacity is at least partly due to side reactivity, as indicated by the
absence of peaks in the derivative scale. The faradic yield alone is thus not a good marker of
reversibility.
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Figure 1.20: Typical cycling curves of Li-O2 cells, adapted from [141]. The dark red curves
represent charge with high amount of side reactions. The full curves show cycling with
voltage cut-off where the dashed curves shows capacity limited discharge and the dotted
curves are extrapolation of the charge curves.

The need for more qualitative measurements gave rise to analytic protocols character-
ising side products as well as the consumptions/productions of O2 and Li2O2 that will be
reviewed more in depth in part 2.2.4.

It is important to consider metal-air batteries to be in their infancies. Most studies
concerns indeed metal-O2 chemistry and not metal-air. With the use of air, species such as
CO2 or H2O, which are highly reactive with both the anode and the cathode, would increase
the amount of side reactions [36,105,146]. Due to the lack of technological maturity with respect
to air operation, the rest of the thesis will only focus on metal-O2 side reactivity as the �rst
step to eventually allow high reversibility in practical applications.

1.3.2 Reduced oxygen species as the source of side reactivity

Finding culprits for the crippling parasitic reactions of metal-O2 cells have always been of
major importance to unleash their potentials. Reduced oxygen species, formed during the
reaction, were most easily and hence �rst identi�ed as possible sources of side reactions
due to their nucleophilicity, basicity and radical nature; species such as O –

2 , O 2–
2 , HOO•,

HOO–, and HO• are prone to react with numerous organic molecules and are a possible
source of parasitic chemistry [147,148]. Known reaction routes are for examples nucleophilic
substitutions, H+/H-atom abstraction or autoxidation. High polarity solvents are required
to increase salt solubility; in view of their aprotic nature, solvents usually comprise elec-
tronegative moieties which are known attack sites and increase susceptibility to nucleophilic
substitution [148]. For example, some common aprotic battery electrolytes such as carbonates
are not stable with reduced oxygen species [120,149]. However, Alternative solvents, such as
glyme, show increased stability [115,144].
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Table 1.1: Generic electrolyte side reactions with reduced oxygen species and molecular
oxygen, adapted from [141]. The activation energies for the reactions are calculated by DFT.
The followings are examples of solvents classed by pKa for O –

2 H+ abstraction reaction. pKa <
30: Fluorinated esters, -(CH2-CF2)n- , aliphatic dinitriles, alkyl imides; pKa > 30: acetonitrile,
DMSO, N-alkyl amides and lactams, aliphatic ethers.

Reactant Type of reaction Reaction Eact (kJ·mol−1)

O –
2

nucleophilic
substitution

ROR’ + O –
2 RO– + R’OO·

132 [118] - 152 [150] (DME)
121-193 with LiO2

[151] (DME derivative)
65 [118] - 68 [151] (PC)

96 with LiO2
[151] (PC)

105 [118] (MeCN)
H-atom

abstraction
RH + O –

2 RO· + HOO– 129 [152] - 147 [153] - 152 [150] - 179 [154] (DME)

H+

abstraction
RH + O –

2 R– + HOO· As �rst approx. pKa>30 is stable [155] [156]

see legend for examples

Li2O2

nucleophilic
substitution

ROR’ + Li2O2 [RO–Li+] + [ROO–Li+]
67 [151] (PC)

135 - 192 [157] (DME)
112 [151] (DME derivative)

H-atom
abstraction

RH + Li2O2 R· + [Li2O2-H·] 97-108 (Li-O-Li site) [157] (DME)
145 (O-O site) [157] (DME)

H+

abstraction
RH + Li2O –

2 [R–Li+] + [HOO–Li+] 112-154 [157] (DME)

O2
H-atom

abstraction
RH + O2 R· + HOO· 163 (DME) [152]

An activation energy higher than 100 kJ·mol−1 appears too endothermic to greatly con-
tribute as a signi�cant parasitic reaction [118]. In contrast to carbonates, aliphatic ethers,
commonly used in metal-air cells, appear to have minor reactivity with superoxide since the
activation energies are close or above the 100 kJ·mol−1 threshold in Tab. 1.1. Furthermore,
presence of Li+, that coordinate with the solvent, stabilises it against H-abstraction by O –

2 and
O2

[118,152,153]. K-O2 cells can be cycled in DMSO reversibly for over thousands of cycles [23], as
illustrated in Fig. 1.21; KO2 being a source of superoxide anions, the long term cyclability of
KO2 demonstrates that the direct reactivity of superoxide is of minor importance for para-
sitic reactivity in metal-O2 cells. Gas chromatography and cyclic voltammetry corroborate
adapted solvent stabilities after contact with dissolve KO2 by 18-crown-6 ether during one
week [118]. This suggests low occurrence of direct superoxide reactivity with adapted solvents.

Figure 1.21: Discharge/charge curves of a KO2 cell for 2000 cycles at a current density of
2.0 mA·cm−2 and limited to 0.25 mA·h·cm−2, adapted from [23].

Setting aside superoxide, HOO·, HOO–, and HO· are still good candidates as the source of
unwanted reactivity. These species arise from proton source such as water or weak acids,
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with which O –
2 readily reacts according to Eq. 1.12 [81,152].

O –
2 + HA HOO · + A–

HOO · + O –
2 HOO– + O2

2 HOO · H2O2 + O2

HOO– + H2O2 O –
2 + HO · + H2O

A– + O2 O –
2 + A·

A · + O2 AOO·
AOO · + O –

2 AOO– + O2

(1.12)

A proton source appears to be intertwined with nucleophilic attacks of the solvent; the
parasitic chemistry in Li-O2 actually increase with the addition of water [36]. The protonated
reduced oxygen species are stronger reactants than the superoxide such as the HOO– base [81].
The stronger base facilitates H-abstraction and the initiator leads to a radical chain reaction
and solvent autoxidation. Water contamination can nevertheless not be assigned as solely
responsible for side reactions. They are more abundant during charge than discharge,
con�icting with the view of superoxide or protonated reduced oxygen species being solely
responsible. The major difference between K-O2 and Na/Li-O2 is the relative thermodynamic
properties of their respective superoxide and peroxide. Only KO2 is thermodynamically
more stable than its peroxide, as it will be discussed in part 2.3.3. We will show that the
tendency to disproportionate of LiO2 and NaO2 is, in contrast, of prime importance for the
formation of singlet oxygen, an excited molecular oxygen species.
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Conclusion

Li-air technology is still in its infancy despite over a decade of intense research motivated by
the promises of improved capacity. The new "beyond-intercalation chemistries" paradigm
requires deep understanding of the reaction mechanisms, particularly the mechanism of
parasitic chemistry, in order to ensure maturation of Li-air cells. The knowledge at the outset
of my research work on Li-air chemistry was summarized in this chapter. While there is still
some lack of deeper mechanistic understanding, recent insights provided a better awareness
of the Li2O2 formation/disappearance processes and the associated parasitic chemistry.

The major advance in Li-O2 chemistry understanding is the presence of superoxide
disproportionation both on discharge and charge. This process leads to higher importance
of the electrolyte composition which in�uences directly the discharge products morphology
as well as the capacity achieved. As Li+ and O –

2 solvations in the electrolyte increase, the
processes shift between the extreme cases of a surface and solution mechanisms. In the
�rst case, Li2O2 is formed via a second one e– reduction at the electrode surface during
discharge which leads to conformal coating of the electrode and low capacity. In the sec-
ond case, superoxide is suf�ciently soluble to diffuse away from the electrode surface and
disproportionates to form larger particles which delay electrode passivation and lead to
higher capacity. Li2O2 itself is an insulator which conductivity is now known to depend on its
formation mechanism and the potential applied. The high overpotential encounter during
charge is, however, mostly arising from the accumulation of side products due to electrode
and electrolyte decompositions. The widely used carbon cathodes are increasingly degraded
with the potential applied which results in carbonates formation. New materials are be-
ing developed to increase the cathode stability at the cost of weight increase. The anode
is similarly problematic with instability towards organic and oxygenated species despite
improve compatibility by means of specially designed SEI. Typical lithium-ion battery elec-
trolytes are unstable in metal-air chemistry which gave rise to new organic solvent use, such
as glyme, presenting higher robustness. Ionic liquids and solid-state electrolytes are con-
currently developed but reveal themselves as currently unadapted to the metal-air chemistry.

Although there has been tremendous improvement of the Li-air cell cyclability, parasitic
reactions stay their main hurdle. The achieved capacities per mass of cathode are often com-
pared favourably to intercalation materials. This neglect the "beyond-intercalation" nature
of the technology and the complete stack characteristic should be taken in consideration
before any assessment. They might moreover be the results of limited capacity, potentially
covering the parasitic chemistry contribution to the capacity. To determine the real reaction
yield and reversibility, speci�c analytical methods have been developed such as pressure
monitoring. Without such measurements, it is dif�cult to statute on improved performance
claim due to the very nature of Li-air cells. The side reactions were mainly attributed to the
presence of reduced oxygen species present during cell cycling. Superoxide species, yet,
cannot explain the increased side reactions during charge. By DFT, it was moreover shown
that the reduced oxygen species reactivity with adapted electrolyte is unlikely, comforted by
the high stability achieved for K-O2 cells. Recently, the very aggressive singlet oxygen was
ascribed as a main source of side reactivity in Li-air chemistry.
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Singlet oxygen in non-aqueous batteries, an affliction

Oxigen (sic), as you well know, is my hero as well as my foe.
Christian Friedrich Schonbein
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Introduction

Metal-air batteries suffer from severe parasitic reactions preventing their long term cycling.
Among other consequences, side reactions provoke electrolyte and electrode decompo-
sitions resulting in low ef�ciency, high overpotential and poor rechargeability due to side
product accumulation. As described in the previous chapter, superoxide’s reactivity does
not suf�ce to explain such degradation in regards to the higher K-O2 cyclability compared to
Li-O2 and Na-O2 chemistries. Other culprits must be identi�ed to underpin an improved
metal-air cell cyclability. Considering the metal-air mechanisms, a likely reactive species
would be excited oxygen. Due to the dif�culty to detect it, its presence in metal-air devices
was often overlooked despite its high reactivity. From peroxide chemical oxidation, singlet
oxygen, the �rst electronically excited state of oxygen, can be produced [5–7]. Our group main
reasoning, presented in this chapter, is the production of this aggressive species in metal-air
devices and the consequent elucidation of its possible productions pathways.

Singlet oxygen, as an excited species, possesses a peculiar chemistry compared to its
ground state counterpart. Singlet oxygen’s reactivity lies in its electronic structures. In con-
trast to the triplet ground state, singlet oxygen has two paired electrons in its valence shell
giving it a dienophile character. This particularity is made use of in organic chemistry. In
the context of metal-air batteries, singlet oxygen was shown to react with and degrade cell
components such as the electrolyte or the carbon electrode. Parasitic reactions could be,
thus, partly attributed to 1O2 if present in the cells.

To characterise and quantify the suspected 1O2 presence in metal-air batteries, our group
developed a number of adapted analytical methods. These analyses allow quanti�cation
in-situ or ex-situ of singlet oxygen and side reaction presences by a combination of tech-
niques, i.e., high-performance liquid chromatography (HPLC), UV-vis spectrometry, mass
spectrometry (MS), or pressure monitoring. The development of these methods relied on
the production of photochemically produced 1O2 at a controlled rate using a photo-sensitizer.
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Figure 2.1: Illustration of the identi�ed singlet oxygen production pathways in metal-air
batteries.

The singlet oxygen presence will be demonstrated in metal-air as well as Li-based organic
batteries and its production mechanisms described, either via electrochemical or chemical
processes, as illustrated in Fig. 2.1. The formation of singlet oxygen is directly intertwined
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with the energy storage reactions in metal-air batteries. Its formation at high overpotentials
can proceed by oxidation of either alkali oxide, at potentials suf�cient to overcome the 1O2

formation energy barrier, or lithium carbonate, a common by-products of lithium-based
organic batteries. We have also shown experimentally 1O2 formation via alkali superoxide
disproportionation during this thesis, which is thermodynamically favoured for LiO2 and
NaO2 and is partially responsible for NaO2 decomposition at rest. The singlet oxygen role
is important to understand the side reaction patterns in metal-air batteries as it will be
presented in this chapter. The remainder of this thesis will try to unfold the singlet oxygen
formation mechanisms more in depth.
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2.1 Excited molecular oxygen as a source of side reactivity

2.1.1 Theoretical considerations

Oxygen redox chemistry is so crucial that the word oxidation was forged from this molecule.
Cellular respiration, which shaped current animal evolution [8], relies on oxygen reduction
in a similar fashion to metal-O2 cells [9]. These reactions are based on the redox chemistry
of ground state oxygen. The ground state of molecular dioxygen is a triplet state due to its
open electron shell, in contrast to most molecules who have a closed shell (cf. the octet
and eighteen-electron rules) [10]. The ground triplet state is denoted as 3Σ−g in its molecular
term symbol (3 is the total spin quantum number, Σ the projection of the orbital angular mo-
mentum along the internuclear axis and − the re�ection symmetry along an arbitrary plane
containing the internuclear axis). The 3Σ−g state is characterised by two unpaired electrons
with parallel spin in the valence shell, reducing electronic screening of the nucleus according
to Hund’s rule of maximum multiplicity [11,12]; the valence shell electrons are situated in the
2-π antibonding orbitals in the case of dioxygen (π∗2px

and π∗2py
) [11] [13], as illustrated in Fig. 2.2.

The ground state dioxygen is not the only state of molecular oxygen involved in biological
processes [14,15]. Dioxygen can exist in excited states; the two lowest ones in energy are singlet
states formed by the change of one electron spin at an energy of 94 and 157 kJ·mol−1 (1∆g and
1Σ+g , respectively) above the ground state [13,16–18]. As singlet states, 1∆g and 1Σ+g present two

electron with opposite spins on their valence shell, as indicated in Fig. 2.2. The 1∆g state has
both electrons situated on the same π∗2p orbital where the 1Σ+g has electrons on two different

π∗2p orbitals [6].
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Figure 2.2: Electronic con�guration of the dioxygen valence shell at its ground state and
two lower excited states (3Σ−g , 1∆g , and 1Σ+g ).

1∆g and 1Σ+g states decay towards the ground state at largely different kinetics, giving rise

to their differing lifetimes [15]. 1Σ+g quickly decay to the 1∆g (/3Σ−g ) state(s) [15], with a lifetime
of 7 secondes in absence of external perturbation (e.g. low pressure), 24 µs in dry air and
less than to 1 ns in solution [15,17]. The 1∆g transition to the ground state is, however, spin
forbidden [16]. The 1∆g state can be called a metastable species, with a lifetime of 45-72
minutes in absence of external perturbation, 86 ms in dry air and between approximatelly
10−6 up to 10−2 seconds in solution depending on the solvent [15,17,19]. The lifetime of the 1∆g

state depends strongly on the nature of the solvent and notably the water content as well as
the presence of protic moeties [15].
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2.1.2 Singlet oxygen’s reactivity

Due to the lifetime and formation mechanism difference between 1∆g and 1Σ+g , only the 1∆g

state will be considered of concern in metal-air chemistry; 1∆g notation will hence be sim-
pli�ed as singlet oxygen or 1O2 through the rest of this thesis. Singlet oxygen is highly reactive
and its singlet nature allows direct two-electron reaction with singlet organic molecules that
would be spin-forbidden for the ground state [20]. The chemistry of singlet oxygen is widely
different, being dienophile, than its ground state who behave more as a diradical [5]. Several
singlet oxygen reactions are well known and used in organic synthesis such as Diels–Alder
[4+2] cycloaddition [13,21–23]. 1O2 reactivity usually involves direct reaction with double bonds.
Singlet oxygen is also known to oxidize heteratoms as organosulfur for example [24]. More
recently, singlet oxygen was shown to selectively perform hydroperoxidation of ethereal
hydrocarbons [25].

Given that the reactivity of reduced O2 species and ground state O2 is not suf�cient to
explain the observed parasitic chemistry in metal-O2 cells, our group investigated 1O2 as a
source of side reactivity. Relatively stable organic electrolytes, such as glymes, still result in a
typical pattern of side products such as Li2CO3, Li formate, and Li acetate over cycling [26].
To investigate whether 1O2 presence would induce the same decompostion products, a
typical lithium-air electrolyte, 0.1 M LiClO4 in DME, was exposed to singlet oxygen during
30 minutes [27]. CO2 evolution could not be detected by mass spectrometry during the
experiment. However, a subsequent addition of H3PO4, to decompose possibly formed
Li2CO3

[28], led to a signi�cant CO2 release as shown in Fig. 2.3(a). Singlet oxygen is thus able
to decompose the electrolyte and to produce Li2CO3. In addition, 1H-NMR spectrum of the
electrolyte dissolved in D2O after 1O2 exposure, presented in Fig. 2.3b, reveals the production
of lithium carboxylates such as lithium formate and acetate. Thus, metal-air electrolytes
can react with singlet oxygen to produce common side products found in these chemistries
and could therefore explain their formations. Singlet oxygen reactions involve commonly
formation of peroxide as discussed in the previous paragraph; it was then hypothesised that
singlet oxygen generates ROOH, ROO· and R· species that initiate degradation at higher rates,
as suggested in previous studies [29,30]. In contrast to triplet oxygen, singlet oxygen is capable
to react by Diels–Alder [4+2] cycloaddition with the electrode carbon surface which leads to
the formation of quinone moeties at the surface [31]. The formation of quinone at the surface
could serve as the onset of further side reactions [31] and change the hydrophilicity of the
carbon surface, reducing further the electrode stability as discussed in 1.2.2.1. Singlet oxygen
can also react with common organic additives in metal-air batteries containing double bonds
such as redox mediators [32].
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2.2 Detecting singlet oxygen

2.2.1 Production of singlet oxygen

As singlet oxygen appears to be a possible source of metal-air side reactivity, it is necessary
to detect and quantify it. To conceive and calibrate singlet oxygen analytical methods, con-
trolled production must be achieved. Singlet oxygen cannot be produced chemically from
its ground state, due to the spin forbidden transition. Singlet oxygen can, yet, be chemically
produced from superoxide and peroxide [5–7]; such methods involve reactive species that
could interfere with the detection of 1O2 induced side reactivity alone. A more "soft" 1O2

production is possible through photosensitizers. This production method is based on a
sensitizer excitation by photons at a speci�c wavelength [15,16]. The excited sensitizer transfers
the excess of energy to the ground state oxygen, forming its singlet state. Photosensitiza-
tion of oxygen is especially ef�cient since oxygen transition form triplet to singlet state is
lower in energy than most organic molecules that could quench the excited sensitizer and
oxygen diffuses quickly in most media, increasing energy transfer chance [15]. Hence, the
photosensitization main mechanism is quenching of the excited triplet state of the sensitizer
by O2

[15,16]. Initially, the sensitizer is excited by photons to its singlet excited states, through
a one photon transition. According to Kasha’s rule, molecules in states above the lower
excited state will deactivate through vibration until reaching the �rst excited singlet state
(S1) [16,33]. Intersystem crossing leads to the production of the �rst triplet state (T1) of the
sensitizer despite its spin forbidden nature [15,16,33]. Once formed, the T1 state lifetime is long
enough to allow for collision of the sensitizer with a ground state oxygen molecule, due to
unfavoured decay by spin forbidden transition [16]. Upon collision, the sensitizer can transfer
its energy excess to the oxygen as they are both in the triplet state, generating a singlet oxygen
molecule and regenerating the ground state of the sensitizer. The photosensitization process
is schematically shown in Fig. 2.4.

sensitizer oxygen

Absorption

S1

T0

S1

S0

ISC

Energy 
transfer

Vibrational relaxation
T1

Figure 2.4: Schematized electronic state transitions for photosensitized singlet oxygen pro-
duction, adapted form [34].

To allow for ef�cient photosensitization, a sensitizer must have high absorption at a
speci�c wavelength, a T1 state higher in energy than the transition of ground state oxygen
to its singlet state, a good quantum yield of the triplet state with a long lifetime, and a good
stability [16]. Several chemical groups were identi�ed as good oxygen photosensitizers, such
as organic dyes, porphyrins, phthalocyanines, tetrapyrroles, or transition metal complexes [16].
Palladium (II) meso-tetra(4-�uorophenyl-9-tetrabenzoporphyrin) (Pd4F) has been used in
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metal-air battery environments to produce singlet oxygen and is relatively stable towards
photobleaching and singlet oxygen [27,35].

2.2.2 Phosphorescence

Deexcitation of the singlet to the triplet state through photoemission is called phospho-
rescence. Singlet oxygen phosphorescence emits photons at the speci�c wavelength of
∼1275 nm in the near-infrared that does not vary strongly with the solvent used [14,15,36]. De-
tection of photons at this speci�c wavelength allows to characterise the singlet oxygen
presence as other species would usually release photons at shorter wavelengths [14]. The
characteristic phosphorescence signal is nevertheless weak due to its low quantum yield
and spin-forbidden nature [14,15,36]; its detection sensitivity is also strongly dependent on the
solvent as singlet oxygen might be deactivated through other pathways. The spontaneous
phosphorescence during the 1O2 decay can be detected in operando in a Li-O2 cell using a
speci�cally designed cell based on a quartz cuvette [27]. The low sensibility of this method
highlight, yet, the need for a more sensitive method as described in the following part to
conclusively af�rm the 1O2 presence.

2.2.3 Use of a chemical trap

Singlet oxygen quanti�cation can be improved using �uorescent probes. These probes are
usually composed of a highly �uorescent chromophore, such as �uorescein, and a singlet
oxygen trap, such as 9,10-diphenylanthracene (DPA) [14,37,38]. The chemical traps are most
typically based on anthracenes which react selectively with 1O2 to form their endoperoxides
at high rates (2·107 – 9·108 mol·L−1·s−1 for 9,10-dimethylanthracene (DMA) [38]), as shown
in Fig. 2.5(a). The anthracene endoperoxide formation via [4+2] cycloaddition results in a
�uorescence change which can be sensitively detected. However, used �uorophores are
not electrochemically stable in the required potential range for metal-air cells [27]. The actual
singlet oxygen production can moreover be higher than the trap consumption as other decay
routes are still present.

Anthracenes are themselves �uorescents albeit with a lower sensitivity than dedicated
�uorophores. The detection is then based on decreasing absorbance, the endoperoxide
being non-�uorescent as presented in Fig. 2.5(b) [27,37,38]. DMA and DPA reaction kinetics
were compared in a Li-air electrolyte in presence of photogenerated 1O2 to determined
their usability as 1O2 probes in the metal-O2 environment [27]. DMA demonstrates a higher
reaction rate, most likely arising from steric hindrance effect [27]. DMA and its endoperox-
ide are, moreover, stable in contact with triplet oxygen, superoxide, peroxide as well as
lithium carbonate and electrochemically up to ∼4 VLi/Li+ on glassy carbon [27,39]. The DMA
endoperoxide (DMA-O2) production is hence speci�c to singlet oxygen in the metal-air
chemistry and DMA a selective 1O2 probe. DMA use as �uorescent probe requires, yet, a
low starting concentration to achieve high sensitivity [27]. The DMA light emission decline,
indicating 1O2 production, is indeed more noticeable with a low probe starting amount; as
the �uorescence intensity depends on the probe concentration, a higher proportion of DMA
decay will results in a more sensitive measurement. A low probe concentration, however,
increases the measurement noise and degrades the detection limits.
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Figure 2.5: Use of a chemical trap for singlet oxygen detection. (a) DMA reaction to form
its endoperoxide in presence of 1O2 and the elution times in HPLC for DMA and DMA-O2

compared to a HPLC measurement of a cell extract after cycling. (b) UV vis absorption spectra
of DMA upon exposure to 1O2 for different times, adapted from [27].

To improve 1O2 detection sensitivity, ex-situ DMA/DMA-O2 conversion measured by
high-performance liquid chromatography (HPLC) permits the use of a near saturated elec-
trolyte in DMA[27]. Using a speci�c procedure described more precisely in Appendix A.4,
DMA and its endoperoxide present different elution times. Their respective amounts are
quanti�ed by the peak surface area compared to a control sample with known concentration,
as illustrated in Fig. 2.5(a). This involves DMA and DMA-O2 extraction from the electrolyte
after electrochemical cycling by a more volatile solvent, such as DME, thanks to a Swagelock
cell design shown in Appendix A.1. The extraction is followed by the evaporation of the
volatile solvent and a subsequent dilution to reach a DMA/DMA-O2 concentration of ∼1
mg·mL−1 which is suitable for HPLC analysis.

2.2.4 Characterising side reaction

Side reactivity can be partly attributed to singlet oxygen if formed in metal-air batteries. As
discussed in part 1.3.1, quantitative measurements of the species involved are necessary to
conclude about the reversibility of a cell. Taking into consideration the gaseous nature of
O2, two speci�c methods have been developed to measure its consumption/release over
time. The �rst one is operando electrochemical mass spectrometry (OEMS) [40–43]. In this
case, the cell headspace is �ushed to a mass spectrometer which allows for gas analysis.
Quanti�cation of the O2 consumption requires the use of an invariable inert gas �ow such
as Ar together with a known proportion of O2. Upon O2 consumption, the Ar proportion
will rise which permits to determine the relative �uxes. During charge, a pure Ar gas �ow
can be used to quantify of the gases produced. OEMS measurements give access to both
O2 consumption/formation rate as well as integral amounts of the different gases evolved.
As another possibility to quantify gas production and consumption, the pressure in the
closed headspace of a cell can be measured during charge/discharge; pressure change can
be related to the gas evolution and in turn to the electron �ux using the Faraday law (Eq. 1.9)
and the ideal gas law (Eq. 2.1) [44,45], as shown in Fig. 2.6(a) and described more precisely in
Appendix A.2. The nature of the gas is, however, unknown and CO2 evolution on charge
cannot be distinguished from O2.
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P ·V = n ·R ·T (2.1)

with P , the pressure (Pa); V , the volume (m3); n , the number of mole in the system; R , the
ideal gas constant (8.314 m3·Pa·K−1·mol−1); and T , the temperature (K).

The discharge product being a solid attached to a conductive matrix, only destructive ex-
situ methods can be used to quantify the total amount in an electrode. Iodometric titration
(Eq. 2.2) or [Ti(O 2–

2 )]2+ complex spectrophotometry (Eq. 2.3) are, for example, destructive but
quantitative measurements of the (su)peroxide quantity [46,47]. The amount of parasitic reac-
tions can be evaluated by the carbonaceous products formed. These common side products
in metal-O2 cells can act be taken as a proxy for the total side reaction amounts [28,40,48–50].
Both organic and inorganic carbonaceous species are quanti�able through an ex-situ de-
structive method [28]. The addition of acid on a washed electrode provoke a CO2 release from
inorganic carbonate such as Li2CO3 (Eq. 2.4) and the addition of a Fenton’s reagent evolve
CO2 from organic carbonates (Eq. 2.5), stable to the acid used at the right concentration. Mass
spectrometry quanti�es the CO2 evolution for the two steps. We present a re�ned procedure,
which combines both Li2O2 and carbonate quanti�cation that is described in Appendices
A.5 and A.6; in only one measurement both the amounts of Li2O2 and carbonaceous side
reaction products are quanti�ed [2], as illustrated in Fig. 2.6(b). The Fenton’s reagent use
requires washing electrodes to prevent reaction with the organic electrolyte. Analysing
unwashed electrodes avoids possible removal of poorly attached Li2O2 and captures also
dissolved species in the electrolyte. Two electrodes are then required for full characteri-
sation. If more precise speciation of the carbonate products is necessary, their separate
quanti�cation can be obtained by 1H-NMR of a D2O solution after electrode immersion [46,51].
Altogether, these methods can capture the reversibility of a cell in its entirety. Despite the
methods being explained here more thourougly for Li-O2 chemistries, they can be applied
for other non-aqueous metal-air batteries or the quanti�cation of SEI components with
simple adjustments [2,52].
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Figure 2.6: Quantitative characterisations of (su)peroxide, carbonaceous compounds and
O2 evolution. (a) Gas evolution during a Li-O2 cell charge obtained by pressure monitoring in
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of the Li2O2 and inorganic/organic carbonate quanti�cations by mass spectroscopy and
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Iodometric titration of Li2O2.

Li2O2 + 2 H2O 2 LiOH + H2O2

H2O2 + 2 KI + H2SO4 I2 + K2SO4 + 2 H2O

I2 + 2 Na2S2O3 Na2S4O6 + 2 NaI

(2.2)

Photometric detection of Li2O2.

Li2O2 + 2 H2O 2 LiOH + H2O2

TiOSO4 + H2O2 [Ti(O 2–
2 )]2+ complex

(2.3)

CO2 evolution from inorganic carbonates by acidi�cation.

CO 2–
3 HCO –

3 CO2 (2.4)

The equilibrium highly favours CO2 formation at high pH.

Fenton’s regeant formation.

Fe2+ + H2O Fe3+ + OH · + OH– (2.5)

Carboxylate radical decompositions by the Fenton’s regeant give rise to CO2 evolution.

Qualitative measurements, despite the loss of quantitative information, have the ad-
vantages to permit direct visualization of the charge/discharge processes or characterise
speci�c products. Recent efforts address in-situ characterisation to understand the occuring
reactions; TEM [53,54], X-ray and neutron tomography [55], XRD [56–58], XPS [59], Raman [60], IR
spectroscopy [61] or AFM [62] are a few example of available techniques.
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2.3 Formation mechanisms of singlet oxygen

2.3.1 Presence of singlet oxygen in metal-air batteries

The previously described analytical methods to detect singlet oxygen and side reactions are
adapted to metal-air batteries, where singlet oxygen formation was suggested in an early
stage of research [63]. In-situ measurements of singlet oxygen phosphorescence con�rmed
1O2 formation in Li-air chemistry at all stages of charge [27], as shown in Fig. 2.7. The absence
of a detectable signal during discharge does not allow for a clear statement about 1O2 ab-
sence because of the low sensitivity of the method. Similarly, EPR measurements showed
production of singlet oxygen above 3.55 VLi/Li+

[64].
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Figure 2.7: In-situ detection of singlet oxygen during Li-O2 cell cycling by phosphores-
cence, adapted from [27]. In black, the voltage pro�le during galvanostatic cycling of a Au-grid
electrode in O2 saturated 0.1 M LiClO4 deuterated acetonitrile electrolyte with 1000 ppm D2O.
In light grey, the power of the optical emission at 1270 nm, related to 1O2 phosphorescence.
In orange, the moving average of the phosphorescence output.

DMA in-situ �uorescence monitoring during Li-air cell cycling shows clear consumption
of the trap by singlet oxygen from the charge onset with improved sensitivity in a classi-
cal electrolyte (0.1 mol.L−1 LiClO4 in TEGDME). The 1O2 production rate increases with the
overpotential during the charge, yet, no clear singlet oxygen production appears during
discharge [27]. The addition of 1000 ppm of water as additive, known to increases the solution
pathway and solvated superoxide [65], changes drastically the results as presented in Fig. 2.8(a).
A slight DMA consumption can be seen also through the discharge in this case, indicating
singlet oxygen formation at all stages of cycling [27]. The presence of water appears to enhance
1O2 production, especially during discharge. Using a similar method in Na-O2 cells showed
production of singlet oxygen during NaO2 oxidation in a similar fashion [52], as depicted in Fig.
2.8(b). The production of singlet oxygen does therefore not only occur in Li-O2 chemistry
but concerns metal-air batteries in general.
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Figure 2.8: In-situ detection of singlet oxygen by DMA �uorescence. (a) 1O2 detection by
�uorescence spectroscopy in a Li-air cell, adapted from [27]. In black, the voltage pro�le of the
Li-O2 cell during galvanostatic cycling in O2 saturated electrolyte containing 16 µM DMA, 0.1
M LiClO4 and 1000 ppm H2O in TEGDME at 25 mA·cm−2. In orange, the DMA concentration
evolution. (b) 1O2 detection by �uoresence spectroscopy in a Na-air cell, adapted from [52]. In
orange, the DMA concentration evolution during potentiostatic charge of a NaO2 containing
electrode. Prior to charge, the cathode was �rst discharged to 75 mA·h·cm−2 in a O2 saturated
electrolyte containing 0.5 M NaOTf and 40 ppm H2O in diglyme and was transferred to the
in-situ �uorescence setup containing the same electrolyte and 16 µM DMA as additive.

To clarify the singlet oxygen production during discharge even without H2O additive in
Li-air cells, HPLC characterisation of the DMA to DMA-O2 conversion has been performed at
different stages of discharge and recharge [27]. The results, shown in Fig. 2.9(a)-(b), present 1O2

production during discharge, in accord with the in-situ measurements. Similarly, DMA-O2 is
produced during charge as well as discharge at smaller rate in Na-O2 cells [52], as represented
in Fig. 2.9(c)-(d).
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Figure 2.9: Ex-situ detection of singlet oxygen by HPLC. (a-b) 1O2 detection by DMA-O2

formation in Li-air cells, adapted from [27]. (a) The voltage pro�le of a porous carbon black
electrode during cycling in a O2 saturated 30 mM DMA, 0.1 M LiClO4 TEGDME electrolyte
at 70 mA·gc

−1. The orange squares show the states of discharge/charge where samples for
HPLC were taken. (b) DMA-O2 yield indicating 1O2 amount. (c-d) 1O2 detection by DMA-O2

formation in Na-air cells, adapted from [52]. (c) The voltage pro�le of a carbon paper electrode
during cycling in a O2 saturated 30 mM DMA, 0.5 M NaOTf and 40 ppm H2O diglyme
electrolyte at 90 mA·cm−2. The numbered circles show the states of discharge/charge where
samples for HPLC were taken. (d) HPLC runs corresponding to the numbered circles in (c)
indicating in orange the DMA to DMA-O2 conversion.

The 1O2 formation rate displays striking similarity with the rate of side reactions illustrated
in Fig. 1.19, namely a smaller rate during discharge and an increased rate as the charge
progresses. DMA addition to the electrolyte reduces the production of carbonates through
most of the cycling [27]. DMA effectiveness will be, however, reduced during cycling as it is
consumed over time by 1O2 trapping. To further con�rm singlet oxygen in�uence on parasitic
chemistry, OEMS measurements monitored the O2 and CO2 release during recharge of Li-air
cells with or without DMA as additive, respectively from Li2O2 and Li2CO3 oxidation [27]. The
DMA addition resulted in lower overpotentials through out charge which was attributed to a
lower production of carbonates during discharge; carbonate accumulation and oxidation
provoke in part the overpotential rise as described in part 1.2.1.3. The O2 evolution follows
more closely the theoretical yield with the DMA containing electrolyte which is accompanied
by a greatly reduced CO2 release. This indicates reduced parasitic reactivity both in discharge
and charge via 1O2 trapping. Given the reduction of side reactions in presence of a high DMA
concentration and their augmentation once the DMA is consumed, 1O2 can be ascribed as
an important parasitic chemistry source in metal-air batteries.
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2.3.2 Alkali oxide oxidation

As singlet oxygen is partially responsible for metal-air parasitic chemistry, the biggest hin-
drance to their cyclability, understanding its formation mechanisms is of prime importance.
Chemical oxidation of alkali peroxides is a known production pathway for 1O2

[7]. The most
direct formation mechanism in metal-air chemistries is then alkali oxide oxidation. De-
spite being unfavoured thermodynamically, singlet oxygen can be produced if the applied
overpotential is high enough to overcome the energy barrier. The required energy to pass
oxygen from its ground state to its singlet state is ∼94 kJ·moL−1 or 0.97 eV[18]. Assuming this
energy as a �rst estimate of the Gibbs free energy difference between the singlet and triplet
state [27,64], a singlet oxygen potential threshold estimation is possible from the triplet state
release according to the Eq. 2.6. The 1O2 formation overpotential is then approximate as
0.97 V for the alkali superoxide (considering a 1 e− process) and 0.49 V for the alkali peroxide
(2 e− process) above the potential for 3O2 release. A direct two-electron reaction appears
unlikely from the mechanism described in part 1.2.1.2. However, the hypothetical case of a
direct two-electron oxidation is still useful to be discussed as an extreme case. The different
potential thresholds for 1O2 formation obtained from the thermodynamical potentials of the
different alkali oxides are compiled in Tab. 2.1 and illustrated in Fig. 2.10. Potassium peroxide
being unstable, its value is given only for completeness. The exact potential of the O2/LiO2

couple is not known since lithium superoxide is unstable [66]. The O2/LiO2 potential was
nevertheless estimated around 2.57 VLi/Li+

[66,67].

∆r G = n · F ·E in charge

E1O2
= E3O2

+
∆r G (3O2

1O2)
n · F

(2.6)

with ∆r G , the Gibbs energy per mole of reaction (J·mol−1); n , the number of e− transferred
(mol); F , the Faraday constant (96485 C·mol−1); and E , the reaction potential (V).

Table 2.1: Potential of the O2/MO2 and O2/M2O2 redox couples (with M = Li, Na, K) and the
thresholds for 1O2 production (3O2/1O2)

Oxide Li-O2 (VLi/Li+) Na-O2 (VNa/Na+) K-O2 (VK/K+)

superoxide 2.46/3.43 [66], 2.61/3.58 [67], 2.68/3.65 [67] 2.28/3.25 [68] 2.48/3.45 [69]

peroxide 2.96/3.45 [70] 2.33/2.82 [68] 2.20/2.69 [69]



70 2.3. Formation mechanisms of singlet oxygen

4

3.5

3

2.5

2

Po
te

nt
ia

l v
s 

M
/M

+
 (V

)

Li/Li+ Na/Na+ K/K+

2

2.5

3

3.5

2

2.5

1O2

1O2

1O23

3

LiO2

NaO2 KO2

Li2O2

Na2O2

K2O2

Figure 2.10: Potential threshold of 1O2 production by alkali oxide oxidation. The orange ar-
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The potential are given in Tab. 2.1.

These potential thresholds correspond to the onset of increased 1O2 formation rate
during charge both for Na-O2 and Li-O2 seen by in-situ �uorescence, presented in Fig. 2.8,
as well as the detection start from in operando EPR[27,52,64]. Electrochemical oxidation of
alkali oxides appears to be responsible for the 1O2 formation at high overpotantials; this
process is moreover not limited to lithium peroxide and continues with the oxidation of
superoxide-like species formed during Li-O2 cell charge, as discussed in part 1.2.1.2.

2.3.3 Disproportionation as source of singlet oxygen

Singlet oxygen was shown to form at all stages of cycling in Li-air and Na-air batteries, phe-
nomenon that cannot be explained by direct alkali oxide oxidation alone [27,52]. Another
reaction releasing oxygen while cycling Li-O2 and Na-O2 cells is the superoxide dispropor-
tionation towards peroxide, thermodynamically favoured as shown in Fig. 2.10. In agreement
with Pearson’s hard-soft acid-base concept, harder Lewis acidic cations such as Li+ or Na+

rather form peroxide, albeit with a lower driving force for the latter [49,71,72]. On the other
hand, softer acidic Lewis cations such as K+, TBA+, or imidazolium are known to favour su-
peroxide formation [69,73–78]. The relative Lewis acidity of these cations has been determined
in literature by 13C-NMR[79].

NaO2 might appear kinetically stable due to the low disproportionation driving force
(-12.2 kJ·mol−1 [66]), especially considering its enhanced stability during nucleation [80]; the
discharge product in Na-O2 chemistry is then often characterised as superoxide [47,81,82]. Rest-
ing of Na-O2 cells after discharge, yet, showed severe superoxide degradation accompanied
by the formation of peroxide and decomposition products such as carbonates, which is
illustrated in Fig. 2.11(a)-(b) [49,50,71,72,83,84]. After discharge, resting of a Na-O2 cathode in the
same electrolyte containing in addition 30 mM of DMA exhibited DMA-O2 formation over
time, accompanied by Na2CO3 production. 1O2 oxygen appears to be released during cell
resting coinciding with degradation products formation as shown in Fig. 2.11(c) [52].
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Figure 2.11: NaO2 degradation at rest. (a) SEM image of Na-O2 discharge products analysed
directly after discharge. (b) SEM images of Na-O2 discharge products analysed after 30 hours
resting showing clear surface degradation. (c) DMA-O2 (orange squares) and NaCO3 (brown
circles) production overtime during resting in a Na-O2 cell. The cells were �rst discharged in
a 0.5 M NaOTf and 40 ppm H2O diglyme electrolyte. the washed cathodes were immersed in
the same electrolyte containing additionally 30 mM DMA for a given amount of time before
analysis.

KO2 put in contact with water was shown to result in singlet oxygen production [85]. If KO2

by itself is stable, the addition of protic species to superoxide could induce water assisted
disproportionation with H2O2 as intermediate product despite contradictory results [27,52,86].
Poor NaO2 chemical stability and parasitic chemistry at rest might arise partly from the super-
oxide disproportionation; NaO2 can disporportionate via solvated superoxide despite lower
solubility than LiO2

[71,72]. A parallel can be drawn between Li-air and Na-air chemistries with
the formation of lithium superoxide or superoxide-like species at all stages of cycling.

To verify the production of 1O2 via superoxide disproportionation, we have investigated
more in-depth this reaction. Using KO2 as stable superoxide, we modeled the disproportion-
ation reaction in presence of different cations, as presented in Fig. 2.12 and further described
in Appendix A.5 [3]. We followed the reaction by mass spectrometry in a closed reactor with a
headspace continuously purged. Disproportionation was initiated by injecting an electrolyte
containing different cations, chosen for their different Lewis acidity (0.03 M DMA and 0.1 M
Li+, Na+, K+, or TBA+ in TEGMDE) on a KO2 powder. The electrolyte was further analysed by
HPLC after reaction to quantify the 1O2 production, as shown in the insert of Fig. 2.12 and
detailed in Appendix A.4. As expected, disproportionation induced by Li+ cations, the harder
Lewis acid, quickly releases oxygen and the reaction reaches completion within 2 hours.
Na+ electrolyte addition to KO2 powder also produces oxygen albeit at a slower rate and is
still in progress after 2 hours. Slower rate is expected considering the lower driving force
compare to Li+. As for K+ and TBA+ cations, only negligible oxygen amounts evolve since
peroxide formation is unfavoured. Li+ induced disproportionation resulted in 93% 3O2 and
2% 1O2 of the theoretical amount obtain from Eq. 2.7, i.e., 1 mol O2 per 2 mol KO2. The Na+
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disproportionation reaches value further from the expected amount, as the reaction did not
�nish; Only 8% of the KO2 have reacted of which 12% resulted in 1O2, a higher amount than for
Li+. We found that disproportionation in presence of alkali cations yields signi�cant fractions
of 1O2 with its fraction increasing for Na+ compared to Li+. K-O2 cells show improved stability
compare to Na-O2 and Li-O2, as discussed in part 1.3.2; increased side reactivity correlates
hence with the presence of disproportionation and the evolution of 1O2.

2O –
2 O 2–

2 + x 3O2 + (1 − x) 1O2 (2.7)
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Figure 2.12: Disproportionation as a source of singlet oxygen. O2 evolution induced by
disproportionation overtime upon mixing KO2 with TEGDME electrolytes containing 0.1 M
of the indicated cations and 30 mM DMA. The insert shows the amount of evolved 3O2 (as
measured by MS) and 1O2 (as measured by HPLC) after a reaction time of 2 hours.

2.3.4 More general importance of singlet oxygen for non-aqueous batteries

Li2CO3 is a common by-products in Li-air batteries but also in every organic lithium-based
batteries [28,40,46,87,88]. Carbonate oxidation can proceed at potentials observed in Li-air batter-
ies (E 0 = 3.82 VLi/Li+ for Li2CO3

[89,90]) and are held responsible for the increased overpotential
during charge, as discussed in part 1.2.1.3 [28,46,48,51,89,91,92]. If Li2CO3 oxidation could proceed
via Eq. 2.8, only CO2 release can be detected during Li2CO3 decompostion [89–91,93–95]; oxygen
release is lacking and has been attributed to superoxide formation [90,93].

2Li2CO3 4 Li+ + 4 e– + 2 CO2 + O2 (2.8)

To explain the lack of oxygen release, 1O2 formation instead of the ground state oxygen
has been proposed [39]. The absence of oxygen detection could be explained by the singlet
oxygen reactivity with cell components. Charging a pre�lled electrode with chemical Li2CO3

in an electrolyte containing DMA (30 mM DMA and 0.1 M LiTFSI in DME) gave rise to DMA-O2

formation, indicating 1O2 production, above 3.8 VLi/li+ as shown in Fig. 2.13 [39]. The singlet
oxygen release corresponds to more than 50% of the theoritical production, from Eq. 2.8, at
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all stages of charge above 3.8 VLi/li+; this value represents the low bound since part of the 1O2

might react by other decay routes. As DMA-O2 is only stable up to approximately 4 VLi/li+,
the reduced 1O2 production observed above 4.05 VLi/li+ can rather be ascribed to DMA-O2

oxidation [39].

2 31 4 5

DMA-O2

DMA

3.8 V

3.95 V

4.0 V

4.05 V

4.15 V

4.2 V

Elution time (min)

Figure 2.13: Lithium carbonate oxidation as a source of singlet oxygen, adapted from [39].
The cells composed of a pre�lled Li2CO3 carbon electrode were charged at a �xed potential
to reach 0.64 mA·h in a DME electrolyte containing 0.03 M DMA and 0.1 M LiTFSI. HPLC runs
of the electrolyte at different charge potentials show the production of singlet oxygen upon
Li2CO3 oxidation.

Concurrently to alkali oxide oxidation, 1O2 production at high overpotentials can proceed
via carbonate oxidation; more precisely, Li2CO3 releases singlet oxygen during its oxidation [39].
As Li2CO3 is a common passivation agent, notably formed during the synthesis of transition
metal oxides [95], singlet oxygen parasitic chemistry is not con�ned to metal-air batteries [96,97].
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Conclusion

Singlet oxygen, owing to its chemical nature, is a highly reactive species able to degrade the
battery components. 1O2 formation is unquestionable in metal-air batteries and has serious
mechanistic consequences. By means of adapted analytical methods, our group showed 1O2

presence through all stages of cycling and corroborated the in�uence of 1O2 on the metal-air
cell degradation mechanisms. 1O2 chemical traps stable in metal-air conditions, such as
DMA, were shown to quantify the presence of singlet oxygen both in- or ex-situ. The reaction
yields can be further determined by pressure monitoring, as the principal reagent/product
is a gas (O2). The missing O2 evolution can hence at least partially be ascribed to the 1O2

formation that will not be detected in the gas phase due to its reactivity. Finally we show
that the reaction products can be quanti�ed with one electrode alone using a combination
of UV-vis spectroscopy and mass spectrometry. As the presence of 1O2 can be related to
the formation of side products, their characterisations are relevant indicators of its formation.

Using the aforementioned methods, singlet oxygen formation appears as intimately
linked to the current discharge and charge mechanisms in metal-air batteries. It can form
either directly by (su)peroxide or carbonate oxidation above a given potential threshold or, as
proven through the course of this thesis, by superoxide disproportionation. The importance
of singlet oxygen goes further than metal-air batteries. Formation of 1O2 by Li2CO3 oxidation
widens the necessity of 1O2 mitigation means to most of the currently investigated Li-based
cathode materials reaching high potentials. The 1O2 formation mechanisms need to be better
understood to control its production and to permit realistic cyclability of metal-air redox
chemistries.

Reckoning the presence of 1O2 in non-aqueous batteries, the rest of this manuscript
will give in-depth mechanistic understanding of 1O2 formation and means to alleviate its
consequence which are both outcomes of this thesis. 1O2 formation by alkali oxide or Li2CO3

oxidation in metal-air batteries could be avoided for example through the use of adapted
catalyst or redox mediators, reducing the applied overpotential. The disproportionation
reaction, yet, is spontaneous in Li+ and Na+ electrolytes and its mechanistic should be unrav-
elled to understand 1O2 production in metal-air batteries and to possibly bypass it through
altered reaction mechanisms.
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Cation influence on 1O2 induced by disproportionation

For many centuries chemists labored to change lead into precious gold, and eventually
found that precious uranium turned to lead without any human effort at all.

Isaac Asimov

Chapter based on Mourad, Petit et al. [1]
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Introduction

Singlet oxygen presence in metal-air batteries has been established in the previous chap-
ter. Considering its high reactivity, 1O2 can be ascribed as a culprit for the severe parasitic
reactions encountered in metal-air technologies. While singlet oxygen can be produced by
direct oxidation of alkali oxide, it was also found during discharge in Li-O2 cells and upon
resting after discharge in Na-O2 cells. Superoxide disproportionation, directly related to the
formation of lithium and sodium peroxide as illustrated in Fig. 3.1, produce singlet oxygen.
Disproportionation occurrence at all stages of cycling correspond well to the side reaction
pattern observed. A sizeable part of the metal-air cell cyclability issue could hence be im-
puted to disproportionation. This reaction is indeed the only known mechanism capable of
producing 1O2 during discharge or at rest in Li/Na-O2 chemistry.

The relationship of superoxide disproportionation with side reactivity imposes a strive to
understand its underlying chemical mechanism. Disproportionation was already consider
as a crucial process in lithium-air batteries through the so-called solution mechanism which
is described in part 1.2.1.1. As (su)peroxides are insulating solids, they can quickly passivate
the electrode surface, reducing the achievable capacities. Disproportionation allows for
peroxide formation in solution resulting in higher capacities. A consequence is the search for
enhanced solution pathway by the choice of electrolyte or additives use. Yet, 1O2 production
by disproportionation imposes a certain plight to the technology and only unravelling more
in-depth mechanistic descriptors for this reaction will enable to unlock the full potential of
metal-air batteries.

Disproportionation, as a chemical process, is greatly in�uenced by the media. In part
1.2.1.1, it was shown that the solvent or additives in�uence superoxide disproportionation
by stabilizing its solvated state. Concerning 1O2 production, we observed a higher singlet
oxygen yield with Na+ than with Li+ in part 2.3.3, despite Na+ lower Lewis acidity. The cations
appear thus to have a strong in�uence on 1O2 production induced by disproportionation.

MO2 M2O2O2

1O2

e–

e–

e–

e–

Disproportionation

Figure 3.1: Illustration of the disproportionation process in Li/Na-O2 cells and the induced
1O2 production.

To decipher the cation in�uence on the disproportionation reaction, we put in place
mechanistic descriptors con�rmed both experimentally and by calculations. To do so, we
�rst studied the disproportionation reaction of chemically produced solvated superoxide in
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presence of different cations and their in�uences. As the cation’s Lewis acidity governs the
disproportionation driving force (formation of solid peroxide), the cations studied covers a
large range of Lewis acidity used in metal-air batteries such as alkali cations or typical ionic
liquid cations. The results con�rm that inversely to the driving force, the 1O2 production
increases with the presence of soft Lewis acid. While weakly Lewis acidic cations themselves
would not drive superoxide disproportionation, their presences together with the strongly
Lewis acidic Li+ and Na+ markedly increase 1O2 formation.

Density functional theory (DFT) calculations were conducted in collaboration with Sapienza
University to understand the reaction pathways in presence of different cations. As dis-
proportionation evolves through LiO2 clusters formation, here strictly modelled by dimers,
these clusters can be formed in the singlet state with a certain energy cost. The presence of
soft Lewis acidic cations appears to reduce the activation energy to the singlet state routes,
enhancing the proportion of 1O2 compared to 3O2.

Li-O2 cells were analysed further during discharge and charge to verify the presence of
the disproportionation process as well as the in�uence of cations during actual cell cycling.
The consumption/production of O2 clearly showed presence of disproportionation and
its in�uence on side product formation. The presence of weak Lewis acids increased the
formation of carbonates on discharge where 1O2 is produced by disproportionation in higher
proportion. Presence of disporoportionation in metal-air cells has serious consequences,
notably on electrolyte, additives and aimed discharge products that will be discussed more
in-depth.
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3.1 Disproportionation of chemically produced solvated superox-
ide

As disproportionation is a spontaneous chemical reaction, it can be studied outside a cell
by means of the stable potassium superoxide as a chemical superoxide source. To charac-
terise disproportionation chemistry, solvated superoxide occurs as a better proxy than KO2

powder to avoid possible surface chemistry effects. KO2 can be solvated by crown ether
(such as 18-crown-6 or 1,4,7,10,13,16-hexaoxacyclooctadecane) in TEGDME [2]. In a similar
fashion than discussed in part 2.3.3, disproportionation reactions could be characterised by
the amount of 3O2/1O2 release as well as Li2O2/Na2O2 yield and carbonate production. The
disproportionation was driven by injecting TEGDME based electrolytes containing different
cations into solvated KO2. The reaction yield and carbonate amount were determined by
coupling mass spectrometry and UV-vis spectroscopy after complete reaction according to
the oxygen release, as described in Appendices A.5 and A.6.

The O2, 1O2, peroxide and carbonate productions via dissolved superoxide dispropor-
tionation in presence of different cations are given in Fig. 3.2. With the addition of a Li+

electrolyte, the reaction yields similar amount of 3O2 and 1O2 than with solid KO2 shown
in part 2.3.3, i.e. ∼93%3O2, ∼2% 1O2 and a correspondant ∼93% peroxide. A Na+ electrolyte
addition gives in turn similar results than on solid KO2, i.e., ∼83%3O2, ∼13% 1O2 and a ∼85%
peroxide yield as the reaction reached completeness. Simulating proton sources by adding
0.1 M tri�uoroacetic acid (F3CCOOH) as additive to the lithium electrolyte, singlet oxygen
production presents a slight increase with ∼91% 3O2/peroxide yields and ∼3% 1O2. Albeit
shallow, this 1O2 increase might indicate water assisted disproportionation and partly explain
the increased 1O2 production in Li-air cell with the addition of water [3].
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Figure 3.2: O2, 1O2, peroxide, and carbonate productions via solvated superoxide dispro-
portionation. Solvated peroxide in TEGDME is obtained by mixing KO2 powder in presence
of an 18-crown-6 ether equimolar ratio in solution. To drive disproportionation and quantify
singlet oxygen, a TEGDME electrolyte composed of 30 mM DMA, 0.5 M Li+/Na+ and either no
additives, 0.1 M TBA+, EMIm+, EM2Im+ or F3CCOOH is added to the dissolved O –

2 . The scale
represent the theoretical yield of 1 mol O2 and peroxide per 2 mol of KO2 according to Eq.
2.7. The errors of the obtained values can be found in Appendix B.2.1

Rather than only testing pure Li+ or Na+ electrolytes, salt combinations to drive superoxide
disproportionation in presence of soft Lewis acids were also tested. The chosen organic
cations cover a different range of Lewis acidity, namely in descending Lewis acidity EMIm+,
EM2Im+, and TBA+ [4]. As described in parts 1.3.2 and 2.1.2, superoxide and singlet oxygen
are prone to react with organic species and their stability was assessed beforehand. TBA+
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is known to be stable in contact with superoxide [5,6]. Imidazolium salt stabilities towards
superoxide were tested by 1H-NMR before and after 1 hour contact either with KO2 powder or
photochemically produced singlet oxygen according to Appendix A.3. On the one hand, the
cations showed good stability towards singlet oxygen, as illustrated in Fig. 3.3(b)-(d). Singlet
oxygen, being electrophile, appears mainly active towards electron-rich species [7]. On the
other hand, imidazoliums are unstable with KO2 with the appearance of decomposition
products in the 1H-NMR spectra as shown in Fig. 3.3(a)-(c). These results are in agreement
with previous reports of instability [8].
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Chemical shift (ppm)

EMIm+ NN
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(b)

(d)

123456789
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NNEMIm+
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(c)

Figure 3.3: The stability of imidazoliums in presence of KO2 and 1O2 by 1H-NMR. The spec-
tra were recorded in CDCl3. The �rst line characterises EMIm+ and the second line EM2Im+.
(a) and (c) show 1H-NMR spectra of imidazoliums before and after 1 hour contact with KO2

dissolved in TEGDME, in blue and red respectively. (b) and (d) show 1H-NMR spectra of
imidazoliums before and after 1 hour contact with 1O2 in O2 saturated TEGDME, in blue and
orange respectively. 1O2 was produced photochemically, according to a previously described
method [3] and further described in Appendix A.3, by means of 1 µM Pd4F and illumination at
643 nm.

Tertiary amines are known as 1O2 quenchers that physically deactivate (quench) 1O2 to
3O2

[9]. By their chemical nature, imidazoliums could partially quench singlet oxygen and
reduce the detected amount by DMA-O2 formation. At low imidazolium concentrations,
the quenching effect is not expected to be signi�cant as the amine quenching ef�ciency
decreases with the oxidation potential of the species [9–11]; at high concentration, imida-
zolium salt showed an appreciable quenching effect. As a token of quenching ef�ciency, the
consumption of DMA was measured by UV-vis spectroscopy in presence of photochemi-
cally produced 1O2 with or without quencher addition. Competing reactions between the
quencher and DMA with 1O2 leads to a slower DMA consumption rate which indicates a good
quenching ef�ciency compared to DMA reactivity. More details of this method are given in
Appendix A.7. As shown in Fig. 3.4, 0.1 M EMIm+ in TEGDME results in a much slower DMA
decay than without additives. Hence, the amount of 1O2 quenched during the experiment
cannot be neglected. Imidazolium experiments were still conducted, keeping in mind that
the 1O2 yields presented are underestimated and a part of the side reactions induced by their
instability with superoxide.
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Figure 3.4: 1O2 quenching effect of imidazolium cation. In orange, DMA concentration
decay over time in presence of photochemically produced 1O2 according to Appendix A.7. In
purple, DMA concentration decay over time in presence of photochemically produced 1O2

and 0.1 M EmIm+. The decrease of the DMA reaction rate indicates other 1O2 decay pathways
such as quenching by EMIm+. The electrolytes used were based on 60 µM DMA and 1 µM
Pd4F in TEGDME illuminated at 643 nm.

Disproportionation in presence of weak Lewis acidic cations enhanced noticeably the
production of 1O2 in Fig. 3.2. For Li+ electrolyte, the value decreased to reaction yields close to
the pure Na+ electrolyte with ∼80–85% yields for 3O2 and Li2O2 accompanied by a growth of
1O2 and carbonate yields (∼10–20%). Mixture of Na+ and TBA+ results in a similar trends; 3O2

and Na2O2 yields decreases to ∼70% while 1O2 reached ∼16%. This similar trend with TBA+

suggests that the presence of weaker Lewis acidic cations during disproportionation drives
1O2. In any case, the increase of 1O2 is always accompanied by an increase in carbonates,
hence side product formation, as well as a decrease in 3O2 and peroxide yields; these yields
are moreover similar. The missing peroxide and the side-product formation appears well
connected to the formation of 1O2 as suggested before [3,12].

Disproportionation characterisations in presence of the different counter anions used
in this study (TFSI– and ClO –

4 ) show a similar trend for the same cations, as depicted in Fig.
3.5. The in�uence of the anions is then disregarded in the rest of this chapter since they
possess rather similar acceptor numbers and should not affect the result conclusions [13,14],
as discussed in part 1.2.1.1.
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Figure 3.5: In�uence of the anions used during this study of disproportionation. O2, 1O2,
peroxide and carbonate productions via dissolved superoxide disproportionation using
electrolytes with different counter anions. Dissolved peroxide in TEGDME is obtained by
mixing KO2 powder in presence of an 18-crown-6 ether equimolar ratio in solution. The
electrolyte injected to drive disproportionation is either 0.5 M LiTFSI, or 0.2 M Li+/TBA+ (5:1
ratio) with TFSI– or ClO –

4 as counter ions. Despite the slight variance of the detected amounts,
the same conclusion can be drawn upon cation in�uence.
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3.2 Thermodynamic aspects of the cation in�uence

Weak Lewis acidic cations drive 1O2 production; the reaction mechanism must thus be
in�uenced by the cations present. To understand the relative disproportionation energies
and their underlying reaction pathways, DFT calculations were performed. The different
routes to 3O2 and 1O2 were scrutinized in presence of LiO2 and NaO2 as starting materials in
presence of H+, TBA+, K+ or Li+/Na+ respectively.

Energies were calculated for solvated species using the continuous C-PCM solvation
model with a mean dielectric constant of ε = 7.28 (resembling that of glyme as previously
done [15]) and using the hybrid GGA DFT M06-2X functional. More details on the calculation
method can be found in Appendix B.1. As disproportionation passes via at least formation
of dimers over superoxide monomers [6,16,17], different pathways might arise through the
formation of different superoxide dimer M(O2)2M’ (M being Li+ or Na+, and M’ being Li+, Na+,
K+, H+ or TBA+). The dimers consequently release a O2 molecule and a peroxide. After ion
exchanges, which enegies can be found in Tab. B.1, M2O2 is obtained and precipitates as
solid peroxide. The overall driving force is, in this case, the formation of solid M2O2(s) as
previously shown in the case of Li chemistry both in gas and liquid phase [6,16] and illustrated
in Fig. 3.6. As a side note, the calculations presented here presuppose that only superoxide
dimers will be formed as a �rst approximation. The formation and disproportionation of
more complex superoxide clusters might be favoured at longer terms and change the energy
difference but the energy tendencies were hypothesised to be similar [17].
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Figure 3.6: Literature reported reaction free energy pro�les for 3O2 release from LiO2 dis-
proportionation in the gas phase [16] or solution phase [6]. The reaction pathways are adapted
from the two previously cited publications. If unspeci�ed (either solvated or solid state), the
species are in the gas phase. As indicated by the energy pro�les, the overall reaction driving
force is the largely favoured peroxide precipitation.

As superoxide dimers can have different con�gurations [16], only the most stable struc-
tures collected after calculation will be considered in the following chapter. The considered
dimer con�gurations are given in Fig. 3.7 and Tab. B.2. The reaction energies are presented
taking the more favoured pure solvated alkali superoxide as reference (2 LiO2 or 2 NaO2).
The energetic in�uence of cation additions and the new reaction pathways are more easily
comparable with such scales. As discussed in part 1.3.2, activation energies beyond 1 eV
(100 kJ.mol−1) are considered to be suf�ciently high to ensure low reaction kinetic at room
temperature.
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Superoxide dimers M(O2)2M’ (M,M’) = H, Li, Na, K

Bi-pyramid (D2th) Cage (C2v)

Chain (C2v) Chair (Ci)

Superoxide dimer anions [M(O2)2]– (M,M’) = H, Li, Na, K

Distorted Tetrahedron (D4) Distorted Tetrahedron (D4)

Figure 3.7: Computed structures of neutral and negatively charge superoxide dimers
(M(O2)2M’ and M(O2) –

2 ) with M and M’ being H, Li, Na or K.

The present model rests on superoxide dimer formations either in a triplet state or a
singlet state, releasing 3O2 and 1O2 respectively, during disproportionation. The most simple
pathway is the one of a pure Li+ or Na+ electrolyte presented in Fig. 3.8 and Fig. 3.9, in yellow
and green respectively. The dimerization free energies are given in Tab. B.3 for the different
cations. The pathway resulting in triplet oxygen with LiO2 is similar to the one already ac-
cepted from literature and showed in Fig. 3.6(b) [6]. First, a 3Li(O2)2Li dimer is form due to a
slight stabilization compared to two LiO2 monomers. The dimer then disproportionate in
Li2O2 and 3O2 in a second step despite being weakly endergonic by means of a strong driving
force to precipitate and form the stabilized solid Li2O2 as a �nal product, as given in Tab. 3.1.
Now considering the singlet oxygen pathway for pure Li+ electrolyte, the consecutive steps
are similar but the energy pro�le differently distributed. The most unfavourable step is the
1Li(O2)2Li dimer formation with a∼1 eV thermodynamic barrier, the reaction being favourable
for the rest of the reaction up to the formation Li2O2. The ∼1 eV activation energy leads to a
small formation occurrence despite the strongly favoured overall disproportionation.
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triplet state (full line). More details about the calculations can be found in Appendix B.1.
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Table 3.1: Precipitation free energy of solid alkali peroxides from solution phase at 298 K.

Peroxide ∆r G0
298 K (eV)

Li2O2(solvated) Li2O2(solid) −1.71
Na2O2(solvated) Na2O2(solid) −1.40

K2O2(solvated) K2O2(solid) −2.31
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Considering NaO2, the overall disproportionation process results also in product stabi-
lizations although less than for LiO2. The dimer formation is, yet, energy costly for NaO2 in
both triplet and singlet states. Nevertheless, the singlet dimer is less endergonic than the
triplet state with 0.83 eV compared to a 1.2 eV barrier. The 1O2 disproportionation step is,
however, unfavoured by 0.5 eV while 3O2 release is exergonic by −0.5 eV. The total energy
needed for Na+ disproportionation towards 1O2 is then more exergonic by ∼0.1 eV compared
to 3O2. NaO2 disproportionation is highly depend on the solvent use [18]. Solvated NaO2

appears almost kinetically stable in high DN solvents while it disproportionates relatively fast
in low DN solvents. A low DN solvent stabilize less the superoxide in solution as described in
part 1.2.1.1 and might rise the solvated NaO2 energy, decreasing at the same time the energy
difference with the dimer formation. The endergonicity of the dimer formations for NaO2

could partly explain its relative stability in Na-O2 cells [19].

The experimental differences observed between LiO2 and NaO2 are in accord with the
calculated single step barriers and overall driving forces. The low activation energy for LiO2

results in fast disproportionation kinetic and low amount of 1O2 due to the strong energy
barrier difference between the singlet and triplet pathways. While NaO2 singlet and triplet
have more similar energy barriers, causing larger 1O2 release, the comparably high exergonic
character of sodium superoxide disproportionation imposes a slower reaction rate. The
high driving force due to solid peroxide formation allows relatively high energy barrier to be
overcome and form singlet oxygen by disproportionation.

The addition of protons opens new highly favoured disproportionation pathways in Li+

electrolyte, as shown in Fig. 3.8. The HO2 formation is by itself favoured and leads to the
mixed HLiO2 peroxide accompanied by a release of 3O2 without forming an intermediate
dimer; the reaction results in the more stable H2O2. Even though one might consider 2 HO2

as a preferable state compared to mixed superoxides, H+ is considered here as a contaminant
in presence of a large Li+ excess. The singlet reaction path still requires the 1Li(O2)2H dimer
formation via a 0.46 eV barrier, which releases HLiO2 and 1O2 in a−0.52 eV exergonic step that
continue downhill to reach H2O2. Analogous results were obtained for the NaO2–HO2 pairing
as illustrated in Fig. 3.9. As singlet path is exergonic, albeit less than for Li+/Na+ alone, and
the triplet path highly favourable, only minor yields of 1O2 can be expected by water induced
disproportionation. This is in accord with experimental �ndings in Fig. 3.2, which shows
very light additional 1O2 production with proton traces compared to pure Li+ electrolyte.

Disproportionation induces more 1O2 production in presence of the weak Lewis acid
TBA+ as shown in Fig. 3.2 and Fig. 3.5. The main developed hypothesis is based on the
weaker O –

2 –TBA+ interaction than O –
2 –M+ (M = Li+ or Na+) [5,20,21]; the asymmetric pairing of

superoxide would destabilize intermediates, reduce the energy barriers, and hence make
1O2 production more favourable. Computing the asymmetric Li(O2)2TBA would be extremely
dif�cult because of the large number of electrons. Considering the weak association of
the O –

2 –TBA+ ion pair even in low dielectric constant solvents like DME (∆d i s s G 0 = 0.44 eV),
TBAO2 may be at �rst approximated by the free solvated O –

2 anion. O2/LiO2 and O2/TBAO2

standard potentials in DME differs by 1.24 V[21], which agrees well with the estimated 1.21 eV
for the dissociation energy of LiO2 to free O –

2 anions, as given in Tab. B.1. O –
2 does not have

to form via dissociation of LiO2 which would not result in appreciable O –
2 concentration;

O –
2 may form as a transient species upon O –

2 generation before the initially formed O –
2 binds

with Li+ [5,22]. O –
2 exist in Li+/TBA+ mixtures even in low DN solvent as MeCN, where LiO2

dissociates particularly poorly [5]. In more strongly solvating electrolytes such as DMSO,
O –

2 lifetime is long enough in 0.1 M Li+, TBA+ free, electrolyte to allow for some reversiblility
to the O2/O –

2 couple. Glyme used in this study lies between MeCN and DMSO in terms of
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LiO2 solvation strength. The Fig. 3.2 shows well that TBA+ strongly impact disproportionation
in mixtures with Na+ or Li+ and must hence in�uence the O –

2 binding states.

The DFT calculations shown in Fig. 3.8 and Fig. 3.9 con�rm the suggested destabilizing
mechanism, in presence of Li+ and Na+. The �rst step for Li+ proceeds via formation of
3Li(O2)−2 or 1Li(O2)−2 dimers that are stabilized to a close value versus LiO2 + O –

2 , -0.52 eV and
-0.49 eV, respectively. Ongoing disproportionation pathways to the charged LiO –

2 peroxide
species would face prohibitively high energy barriers in either states because of the large
Li2O2 dissociation energy to LiO –

2 + Li+. Yet, a more facile pathway is possible, as a Li(O2)−2
dimer can easily proceed to an ion exchange to form a Li(O2)2Li dimer. The disproportiona-
tion can then continue through the pure lithium disproportionation mechanism described
previously. If the reaction route is then similar to that of a pure Li+ electrolyte, the presence
of TBA+ decreases the barrier towards 1O2; in any case, the most endergonic step is 1Li(O2)2Li
formation which pass from ∼1 eV to a mere 0.27 eV in the case of the charged dimer. The
proportion to each pathway is not given by the energy difference between 1Li(O2)2Li and
3Li(O2)2Li, but the largest barrier in the respective free energy pro�les; the smaller 1Li(O2)2Li
formation energy result in an acceleration of the singlet path. Analogously, the asymmetric
NaO2 + O –

2 pairing passes via Na(O2)−2 and Na(O2)2Na dimers and the barrier towards 1O2

decreases from 1.2 eV to 0.4 eV. The weak Lewis acid TBA+ opens paths that facilitate the most
unfavourable reaction steps and hence strongly enhance 1O2 production.

Several recent works have proposed mixed alkali cation electrolytes for metal-O2 cells to
in�uence solution equilibria and possibly improve cell characteristics [23–27]. For complete-
ness, LiO2 with KO2 as well as NaO2 with KO2 or LiO2 disproportionation pathways have been
calculated and are respectively illustrated in Fig. 3.10, Fig. 3.11 and Fig. 3.12. The asymmetric
intermediates and peroxide products (LiO2Na, NaO2K, and LiO2K) are not likely compared to
the symmetric pathways. Disproportionation of mixed dimers is less favourable since more
exergonic; Li2O2 or Na2O2 production will hence more likely involves ion exchange towards
the stronger Lewis acid and further proceed via the symmetric cases described earlier.
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Figure 3.10: Calculated free energy pro�les for superoxide disproportionation in the pres-
ence of Li+ and K+. The reaction forms peroxide and O2, either in singlet (dashed line) or
triplet state (full line). More details about the calculations can be found in Appendix B.1.
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Figure 3.11: Calculated free energy pro�les for superoxide disproportionation in the pres-
ence of Na+ and K+. The reaction forms peroxide and O2, either in singlet (dashed line) or
triplet state (full line). More details about the calculations can be found in Appendix B.1.
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3.3 Disproportionation during Li-O2 cell cycling

Both chemical studies and DFT calculations show that 1O2 production can be induced by
superoxide disproportionation and is strongly enhance in the presence of weakly Lewis
acidic cations. This phenomenon remains to be proven during cell operations. The reaction
yield and 1O2 as well as carbonate production have hence been characterised during Li-O2

cell cycling with either pure Li+ electrolyte or Li+/TBA+ mixtures. Li-O2 chemistry was chosen
since disproportionation is most signi�cantly driven by thermodynamics in this case, as
shown in �g. 2.12. The cells are composed of carbon black cathodes and TEGDME electrolytes
containing 30 mM DMA with either only 0.1 M Li+ or a total of 1 M salt with a Li+/TBA+ ratio
of 1:9 or 1:99. The emphasis is put on TBA+ as weak Lewis acid since it avoids the further
complications of imidazolium instability with O –

2 .

3.3.1 Discharge

Considering �rst discharge, the cells were run at constant current and the gas consumption
followed using a pressure transducer as shown in Fig. 3.13(a)-(b). The method is further
described in Appendix A.2, assuming that the only gas varying is oxygen [28]. 1O2, Li2O2, and
carbonates were quanti�ed after electrolyte and cathode extraction by a HPLC, MS and
UV-vis spectroscopy combination as described in Appendices A.4, A.5 and A.6. The values
are expressed in mol per 2 mol e– passed in �g 3.13(c); An ideal reaction yields/consumes 1
mol Li2O2/O2 per 2 mol e– according to Eq. 2.7.

Discharge in pure Li+ electrolyte resulted in a ratio of 1.98 e–/O2 in Fig. 3.13(a), close to
the ideal ratio of 2 e–/O2, and a Li2O2 yield of 94%, both in accord with previous reports
for similar cells [29] [28] [30] [31]. The 1O2 yield is ∼ 3% and hence similar to the one found by
chemical disproportionation with a similar electrolyte, illustrated in Fig. 3.2. Using a mixed
electrolyte with Li+:TBA+ ratio of 1:9 (1:99), the reaction yield remarkably decreases in Fig.
3.13(a)-(b); The e–/O2 ratio and Li2O2 yield dropped to 1.74 (1.70) and 85% (81%), respectively.
As the Li2O2 yield decreases, the amount of 1O2 and carbonate follow an inverse trend which
correlate well with the presence of 1O2 and side reactions. Increasing 1O2 yield together with
decreasing Li2O2 yield as the electrolyte is changed from Li+ to a Li+/TBA+ mixture mirrors the
results obtain with dissolved superoxide in Fig. 3.2. The increase presence of TBA+ results in
a higher TBAO2 occurrence and so 1O2 production due to facilitate formation mechanism.
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Figure 3.13: Disproportionation and the in�uence of the cations during Li-O2 cell dis-
charges. (a)-(b) Gas evolution during a Li-O2 cell discharge with a carbon black cathode
and LFP counter electrode at 100 mA·gc

−1. The O2 saturated TEGDME elecrolytes used are
composed of 30 mM DMA and the studied cations. The dashed line represent the theoretical
2 e−/O2. (a) 0.1 Li+ or a combined 1 M salt of Li+/TBA+, Li+/EMIm+, Li+/EM2Im+ (1:9 ratio) and (b)
Li+/TBA+ (1:99 ratio). (c) O2, 1O2, peroxide and carbonate productions during discharge of the
aforementioned cells. The discharge curves associated can be found in Fig. B.2.

Deviation of the e–/3O2 ratio from 2 does not necessarily arise from 1O2; side reactions
with the cations can also act as a O –

2 sink, preventing alkali peroxide formation. Discharge
with imidazolium cations instead of TBA+ (1:9 ratio) further corroborates their instability with
lower e–/O2 ratios, 1.42 and 1.2 for EM2Im+ and EMIm+, respectively. A part of the stronger de-
viation compared to TBA+ can be attributed to the O –

2 reaction with the imidazolium cations,
even though the 1O2 still increase compare to pure Li+ electrolyte. Given the known stability
of TBA+ with O –

2 , as discussed earlier, a direct reaction can be excluded as the sink causing
the decrease to 1.74 (1.70) e–/O2. Instead, the lower ratio is in accord with TBA+ enhancing
the 1O2 fraction from O –

2 disproportionation. The 1O2 cannot be detected by the pressure
transducer as it will react before.

The results during discharge are in good agreement with the chemical experiments
presented in Fig. 3.2, which have shown that O –

2 disproportionation partly releases 1O2 and
that the 1O2 fraction increases with the presence of weakly Lewis acidic cations such as TBA+.
Overall, the results indicate O –

2 disproportionation as the source of 1O2 on discharge in Li-O2

cells and at rest in Na-O2 cells.
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3.3.2 Charge

Intermediate Li2−x O2 or soluble superoxide species are produced during charge in Li-O2

cells, as discussed in part 1.2.1.2 [32–34]. They might undergo disproportionation to form Li2O2

and O2. Through the same mechanism than during discharge, disproportionation induced
1O2 could be formed and in�uenced by the cations present. To avoid in�uence of side prod-
ucts that would be formed at different rate during discharge depending on the electrolyte
used, working electrodes �lled with chemically produced Li2O2 were produced according to
Appendix A.1. Similarly to discharge, the cells build with pre�lled electrode were charged at
constant current with TEGDME electrolytes that contained 30 mM DMA and either only Li+

(0.1 M) or a Li+/TBA+ mixture (0.1:0.9 M). The 3O2 and 1O2 yields were measured by pressure
monitoring and DMA conversion by HPLC after extraction as in part 3.3.1, assuming that the
large majority of released gas is oxygen [28,30,35]. An ideal reaction yields 1 mol O2 per 2 mol
e– according to Eq. 2.7 and as for discharge the value are expressed consequently in Fig.
3.14(e)-(f).

The charge voltage was �rst limited to 3.95 VLi/Li+ since this voltage was reported to
be the upper limit for quasi-equilibrium decomposition in TEGDME for similarly pre�lled
working electrodes [33]. Charge in pure Li+ electrolyte shows high side reactivity with a 2.40
e–/O2 yield in Fig. 3.14(a), corresponding to ∼83% of the expected O2 evolution based on the
charge passed, in good agreement with previous study [29–31]. This 3O2 loss is accompanied
by 1O2 detection which can partially be accounted for side reactions. Changing for a Li+/TBA+

electrolyte in Fig. 3.14(c), Li2O2 oxidation drift even more from the theoritical yield with a 2.95
e–/gas ratio and hence only∼68% of the expected O2. Roughly doubled missing 3O2 evolution
goes along with the 1O2 amount being more than doubled. Cells restricted to 3.45 VLi/Li+ were
also charged to exclude the possibility of 1O2 evolution from a direct Li2O2 oxidation above
∼3.5 VLi/Li+, as described in part 2.3.2. Albeit reduced sensitivity due to the lower capacity
passed, similar trends are observed for both 3O2 and 1O2, as shown in Fig. 3.14(b)-(d).
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Figure 3.14: Disproportionation and the in�uence of the cations during Li-O2 cell charges.
(a)-(d) Gas evolution during a Li-O2 cell charge. The O2 saturated TEGDME elecrolytes used
are composed of 30 mM DMA and 0.1 M Li+ on the �rst row ((a)-(b)) or a combined 1 M salt
of Li+/TBA+ (1:9 ratio) on the second row ((c)-(d)). The pre�lled carbon black cathodes with
chemically produced Li2O2 are charged at 10 mA·gc

−1 until reaching a cut off voltage of either
3.95 VLi/Li+ ((a) and (c)) or 3.45 VLi/Li+ ((b) and (d)). After charge, the cells were kept at open
circuit voltage until pressure stabilization. The blue dashed lines represent the theoretical
2 e−/O2 and the orange ones 4 e−/O2. (e)-(f) O2, 1O2, peroxide and carbonate productions
during discharge of the aforementioned cells either up to 3.95 VLi/Li+ (e) or 3.45 VLi/Li+ (f). The
charge curves associated can be found in Fig. B.2.

3.3.3 Mechanistic consequences of disproportionation

Altogether, the DFT calculations, as well as chemical and electrochemical experiments show
that superoxide disproportionation, driven by the higher stability of the peroxide with strong
Lewis acids, generates in part 1O2. Additional presence of weakly Lewis acidic cations in-
creases the 1O2 yield. As 1O2 cannot be produced by direct oxidation below∼3.5 VLi/Li+ in Li-O2



100 3.3. Disproportionation during Li-O2 cell cycling

cells, 1O2 production below this potential threshold indicates disproportionation reaction,
especially when in�uenced by the presence of weak Lewis acid such as TBA+. Taken as an
indicator for disproportionation, the presence of 1O2 at all stages of cycling have sizeable
consequences on the reaction mechanism in metal-air batteries, particularly on the second
step pathways.

The correlation between missing 3O2 evolution and the 1O2 yield in�uenced by weakly
Lewis acidic cations during discharge shows that a substantial part of the Li2O2 formation pro-
ceeds via disproportionation. As discussed in part 1.2.1.1, the disproportionation is favoured
by solvents with high DN number and strongly coordinating Li+ counter ions [36–38]. Dispro-
portionation is, yet, occurring even with weakly coordinating anions or medium DN solvent,
e.g, TFSI– and TEGDME. It is hence a crucial mechanism during discharge, especially at low
overpotentials [5,39]. On Au(111) in DMSO, the calculated free energy of absorbed superoxide
shows disproportionation to dominate direct reduction of superoxide to peroxide above 2
VLi/Li+

[6].

As TBA+ addition results in a continuous deviation from the 2e–/O2 ratio in discharge, it
could indicate that solvated superoxide is present at non negligeable concentration even at
relatively high overpotentials as ion exchange with TBA+ is unlikely according to Tab. B.1. At
high overpotentials, absorbed superoxide could be formed by supersaturation at the vicinity
of the electrode, especially in relatively low DN number solvent. Solid superoxide facilitated
formation by supersaturation was already proposed for the formation of the less soluble
NaO2 and hinted as in�uence at high overpotentials in Li-O2 chemistry [39–41]. The supersatu-
ration effect could explain absence or low detection of solvated superoxide independently of
the solvent used [5,39] and the TBAO2 formation through all the discharge. A consequence of
supersaturation would be an enhanced disproportionation rate at high overpotentials in the
electrode vicinity, reducing solvated superoxide concentration far away from the electrode
and its detection in solution.

Concerning the charge, the presence of 1O2 below 3.5 VLi/Li+ implies disproportionation
to take place during charge in TEGDME. Formation of soluble superoxide and subsequent
disproportionate was shown during charge in high DN number [33]. Soluble superoxide
was yet not detected in lower DN solvent as TEGDME. As Li2O2 oxidation proceeds �rst
via progressive delithiation as presented in part 1.2.1.2, the superoxide-like species formed
were hypothesised to disproportionate [42]. Since PITT showed a quasi-equilibrium potential
around 3.5 - 3.96 VLi/Li+ in glymes [33,42], oxygen evolution must proceed via disproportion-
ation at least for early stages of charge. The in�uence of TBA+ on the 1O2 yield seems to
indicate at least partially soluble superoxide in vicinity of the electrode during charge even
in TEGDME despite the absence of superoxide detection afar from the electrode.

Superoxide disproportionation is then a source for 1O2 and parasitic chemistry during all
steps of cell cycling in Li-O2 cells. NaO2 is also susceptible to disproportionate albeit at slower
rate due to its lower driving force and solubility [41]. NaO2 is yet subject to severe degradation
and peroxide formation at rest which was correlated with 1O2 release as discussed in part
2.3.3. Singlet oxygen at rest can arises by NaO2 disproportionation, which also induces side
reactions in Na-O2 cells. Only KO2 does not undergo disproportionation. The disproportion-
ation reaction at least partially explains the higher stability of K-O2 chemistry, especially in
complete absence of protons [43], compared to lithium and sodium cells as discussed in part
1.3.2. Disproportionation is therefore an important process to understand side reactivity in
metal-air batteries.
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3.4 Direct consequences of singlet oxygen induced by dispropor-
tionation

Since 1O2 formation is deeply rooted in the way current metal–O2 cells operate, it has serious
consequences on cell design, notably on the electrolyte. Weak Lewis acids are proposed
as additives to enhance the solution mechanism, resulting in higher capacity as described
in part 1.2.1.1 [44,45]. Caution must be exercised with such additives as they could likewise
drive 1O2 production. The selected quaternary ammonium and imidazolium cations are
prototypical motifs for the cations used so far in ionic liquid electrolytes for metal–O2 cells,
as discussed in part 1.2.3 [8]. Imidazoliums can be ruled out as metal-O2 electrolytes since
they readily decompose with superoxide. As ionic liquid cations suitable for electrolytes
are most typically weak Lewis acids, the effect can likely be generalized considering that
the organic cations would boost 1O2 production [8]. Favoured 1O2 formation explains why
quantitative studies of metal–O2 chemistry with a broad variety of ionic liquids have shown
worse parasitic chemistry on discharge and charge than molecular electrolytes, as described
in part 1.2.3 [30,46,47]. Protic additives drive 1O2 formation insigni�cantly but may drive parasitic
chemistry in other ways as by reacting with intermediate decomposition products. This is in
accord with reports that found increased side reactions when water or other Brønsted acids
were added [29,48,49].

Considering the discharge products itself, superoxide presence should be avoided as
it favoures disproportionation in presence of Li+ and Na+ which leads to cell degradations
through 1O2 release. Cells based on metastable LiO2 or NaO2 have been proposed to re-
duce the cell overpotential [19,50]. Their practical feasibility faces high disproportionation
rate during either low rate cycling or at rest since superoxides gradually convert to peroxide
and side products over time. [18,41,51–54]. Lithium and sodium peroxide which are the ther-
modynamically stable products, as illustrated in Fig. 2.10 and Tab. 2.1, should be preferred.
Peroxide based chemistry does not, however, prevent disproportionation during cycling;
reaction pathways by-passing the superoxide formation step need to be developed. Solution
to the disproportionation issue could be provided by catalyst on charge which stabilize
superoxide-like cluster [55].
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Conclusion

To conclude, we described a 1O2 formation route at all stages of cycling and consequently a
substantial reason for parasitic chemistry in non-aqueous metal–O2 cells. We have shown
that alkali superoxide disproportionation forms 1O2 and detailed the underlying mechanis-
tic pathways and its repercussions on metal-O2 chemistries. The different side reactivity
propensity of K-, Na- and Li-O2 at least partly originates from the disproportionation sus-
ceptibility of the superoxide. As disproportionation is driven by the peroxide formation for
hard Lewis acid as Li+, Na+ or H+, KO2 remains stable in absence of additives or pollutants.

If hard Lewis acids drive disproportionation, soft Lewis acids on the contrary facilitate
the production of singlet oxygen. Superoxide disproportionation evolves oxygen via the
formation of a superoxide cluster either in the triplet or singlet state. The presence of a weak
Lewis acid, even if not driving disproportionation itself, results in a lower energy barrier to a
singlet state superoxide dimer and causes experimentally higher 1O2 production. Since H+

as additives results in minor augmentation of the 1O2 release, the previous 1O2 formation
mechanism based on water induced disproportionation can be revised to alkali oxide dispro-
portionation. Furthermore, the promising ionic liquid based electrolytes are not necessarily
indicated in the case of metal-air batteries. Ionic liquids are based on soft Lewis acidic
cations that would enhance 1O2 formation and suffer greatly from degradations. In the same
vein, weakly Lewis acid additives should be used with caution.

From our results, disproportionation is active and superoxide is at least partly present in
solvated state during every reaction steps. This results in a signi�cant degradation route in
metal–O2 cells, especially in Li+/Na+ containing electrolytes. The formation of metastable
NaO2 as discharge products is hence synonymous with signi�cant degradation during rest
due to low disproportionation rate. Similarly, advocating the solution pathway in Li-O2 cell
owing to solvated superoxide for increased capacity is a double edged sword since it favours
1O2 formation. As 1O2 production is inevitable in the current understanding of Na/Li-O2

chemistries, its consequences must be mitigated. Singlet oxygen quenchers appear therefore
well indicated to deactivate 1O2 before the occurrence of parasitic reactions with the cell
components.
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Introduction

Oxides are a prominent research subject as new cathode materials for non-aqueous alkali
battery technologies, either as intercalation materials based on transition metal oxides or
as direct alkali oxides in metal–O2 batteries [2–7]. Beside their promises for higher energy
storage, oxide based cathodes suffer from side reactions and understanding their reactivities
is the key for increased battery lifetime. Metal-O2 technologies are particularly inhibited by a
quick and crippling fade in capacity, which is discussed in 1.3.2. To allow these technologies
to reach their full potentials, side reaction origins must be understood and subdued.

The side reactions plaguing metal–O2 cells have been solely ascribed to superoxide re-
activity for an enduring time but superoxide’s reactivity is not suf�cient to explain such
extended degradations, as explained in part 1.3.2. In the ch. 2 and 3, we have shown that
singlet oxygen is currently an inevitable source of side reactions at all stages of cycling in Na
and Li cells. Singlet oxygen’s high reactivity was shown to correlate with the amount of side
products in metal-air batteries whose accumulation increases the overpotential and reduces
cell cyclability. Singlet oxygen reactivity is moreover not con�ned to metal-air chemistry as
it forms from parasitic products, as discussed in ch. 2. Finding countermeasures against 1O2

is thus of major importance to achieve long term cycling with non-aqueous alkali batteries.

O2 quenchers can bring the answer to the 1O2 mitigation question. Chemical traps such
as DMA, described in the previous chapters, react preferentially with 1O2 and prevent further
side reactions by forming their endoperoxides [8]. To sustain the extend lifetime required for
a battery, very high concentration of chemical traps would have to be used which would
consequently form a high amount of inactive species in the electrolytes. Since the use of
chemical traps is unrealistic in batteries, physical quenchers that deactivate 1O2 to 3O2 with-
out being consumed, as schemed in Fig. 4.1, appears well indicated. Ef�cient quenchers
need, yet, to sustain the aggressive conditions found in metal-O2 batteries and particularly
the charging potentials.

1O2

NN
TFSI–

O2

Figure 4.1: Illustration of the quenching process by PeDTFSI in electrochemical cells.

We present here PeDTFSI, a ionic liquid formed by monoalkylating the known quencher
DABCO [8–10], as an ef�cient quencher in metal-O2 batteries. PeDTFSI has a suf�ciently re-
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duced electron density at the remaining lone pair to raise its oxidative stability beyond the
DABCO one. We show that the higher solubility of PeDTFSI in glymes, a common solvent in
metal-O2 batteries, counterbalances its reduced molar ef�ciency arising from its increased
oxidation potential [9,11]. To do so, we followed the consumption of DMA in the presence of
1O2 by UV-vis spectroscopy. The DMA consumption rate will be decreased by competitive 1O2

deactivation pathways, e.g. physical quenching. Quenchers as additives in Li-O2 electrolytes
result in reduced parasitic products and increased reaction yield during both discharge
and charge. Besides providing a means to mitigate 1O2 in batteries, this study established
clearly 1O2 as a main degradation source in metal-O2 cells considering the in�uence of 1O2

quenchers on parasitic reactions.
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4.1 Physically quenching singlet oxygen

Processes in the living nature suggest substantial answers to the 1O2 mitigation issue in
electrochemical devices. Singlet oxygen is found in biological systems that use O2 redox
chamistry for energy storage [11,12]. Natural systems evolved to counteract negative effects
of this harmful chemical. Amongst possible solutions, the most commons are chemical
trapping and physical quenching agents, such as tocopheroles and carotenes [11,12]. Chemist
have synthesized molecules with similar effect, e.g. the previously discussed DMA that traps
1O2 by forming its endoperoxide [13,14]. These traps, yet, directly react at high rates with 1O2 to
form innocuous species. Their consumptions render chemical traps inadequate in battery
technologies where a high number of cycles needs to be sustained.

Physically deactivating 1O2 to its ground state is preferred since the quencher is not con-
sumed and no new inactive products accumulate. Several physical quenching mechanisms
can convert 1O2 excess energy into heat [11,13]. They are namely, in increasing reaction kinetics
order, electronic-to-vibrational energy transfer (e.g. 1O2 quenching by solvents), charge
transfer induced quenching (e.g. tertiary aliphatic amines), and electronic energy transfer
(unsuitable for electrochemical systems, e.g. carotenes in biologic systems) [11]. The fastest
quenching mechanism suitable for electrochemical systems proceeds, hence, via a charge
transfer (CT) mechanism. In the CT mechanism, the quencher (Q) and 1O2 form a singlet
encounter complex (1(Q1O2)EC), followed by the formation of a singlet charge transfer complex
(1(Q1O2)CT), in which the electronic charge is partially transferred to the oxygen. Energy is then
released during the intersystem crossing (isc) to the triplet ground state complex (3(Q3O2)CT),
which dissociates to Q and 3O2

[11,15], as described in Eq. 4.1.

Q + 1O2
1(Q1O2)EC

1(Q1O2)CT isc
3(Q3O2)CT Q + 3O2 (4.1)

Charge transfer quenching is favoured in the case of electron-rich quenchers, such
as amines. 1,4-diazabicyclo [2.2.2]octane (DABCO, Fig. 4.2(a)) has been suggested for 1O2

quenching as early as 1968 and was shown to be effective in aprotic media [8–10]. Amines
have been widely investigated and it was found that the partial charge transfer causes the
quenching ef�ciency to correlate logarithmically with the ionization potential and hence the
oxidation potential [11,15]. The quenching ef�ciency by the CT mechanism drops by a factor
of ∼104 per volt of increased oxidation potentials for amines. The well known quenchers
DABCO and LiN3 are oxidized at ∼3.6 VLi/Li+

[9–11,16], whereas ∼4.2 VLi/Li+ are typically required
to recharge Li–O2 cells [17–19]. The other non-aqueous metal-air batteries present a lower
overpotential during charge and so the oxidative stability of the quencher should be settled
for Li-O2 chemistry [7,20–22]. Another challenge in batteries is the reduced quenching activity
due to cation interactions with strongly Lewis basic amines [11]. To be suitable under metal-air
battery conditions, an amine quencher should then have low Lewis basicity, raised oxidation
stability (to around 4.2 VLi/Li+), be chemically stable, counterbalance the inevitably lower molar
quenching ef�ciency by high solubility in the solvent media and ultimately be compatible
with a lithium metal anode. Herein, we show that monoalkylating the diamine DABCO to its
onium salt (here 1-pentyl-1,4-diazabicyclo[2.2.2]octan-1-ium TFSI or PeDTFSI, presented in
Fig. 4.2b) achieves all these goals.
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NN
TFSI–

NN

(a) (b)

Figure 4.2: Structure of the used 1O2 quenchers. (a) DABCO (1,4-diazabicyclo[2.2.2]octane),
(b) PeDTFSI (1-pentyl-1,4-diazabicyclo[2.2.2]octan-1-ium TFSI).
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4.2 A quencher adapted for lithium-air batteries

According to a literature procedure detailed in Appendix C.2, a pentyl DABCOnium (PeDTFSI)
species counterbalanced by a bis(tri�uoromethanesulfonyl)imide (TFSI–) anion was synthe-
sized [23]. PeDTFSI is an ionic liquid with a melting point of 43 ◦C (PeDTFSI characterisations
are detailed in Fig. C.3) and is widely miscible with glymes, a common metal-air battery
electrolyte, ful�lling the high solubility requirement. Concerning the low Lewis basicity
criterion, its donor number (DN) was determined to be 12.5 by 23Na-NMR shift as depicted in
Fig. C.4. The commonly used TEGDME has a similar Lewis basicity with a DN of 12, which is
much lower than other common solvents such as DMSO (DN=30) or tertiary amines such as
triethylamine (DN=61) and 1,2-diaminoethane (DN=55), as expressed in Tab. C.1 [24]. We veri-
�ed the chemical stability of DABCO and PeDTFSI in presence of superoxide, peroxide and
1O2 by 1H-NMR spectroscopy to assess their usability in metal-air batteries. The procedure is
further described in Appendix A.10 and the resulting 1H-NMR spectra are illustrated in Fig.
4.3 for PeDTFSI and Fig. C.6 for DABCO.
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Figure 4.3: Stability of PeDTFSI in contact with 1O2, KO2, and Li2O2 by 1H-NMR. The spectra
were recorded in CDCl3. The 1H-NMR spectra characterise PeDTFSI (in purple), PeDTFSI after
3h contact with 1O2 (in orange), PeDTFSI after 24h contact with KO2 (in red), and PeDTFSI after
24h contact with Li2O2 (in yellow). The * denotes a residue from DME evaporation, which
amounts to a content of 1 ppm in the DME; the ° denotes H from grease. 1O2 was produced
photochemically, according to a previously described method [8] and further described in
Appendix A.3, by means of 1 µM Pd4F and illumination at 643 nm.

Cyclic voltammetry was used to determine the electrochemical stability window of the
quenchers, as shown in Fig. 4.4. Monoalkylating DABCO diminishes the electronegativity of
the tertiary amine and raises its oxidation onset by approximately 0.6 V. The oxidation stability
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increase from ∼3.6 VLi/Li+ for DABCO to ∼4.2 VLi/Li+ for PeDTFSI and hence is suf�ciently high
for Li-O2 cells. Onset of reduction is in either case around 0.5 VLi/Li+ permitting its use for
every O2 cathodes [7,20–22,25]. Regarding the lithium metal anode, a symmetrical Li/Li cells
with a TEGDME electrolyte composed of 1 M LiTFSI and 380 mM PeDTFSI could sustain 5
hours plating/deplating at |131| µA with low overpotentials upon cycling, as pictured in Fig.
C.5. Since recent researches advocate for additives unstable with lithium metal as mediators,
the use of additives might require anyway the use of solid sate separators [26].
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Figure 4.4: Cyclic voltammetry of DABCO (in light purple) and PeDTFSI (in dark purple).
The cyclic voltammetries were performed at a glassy carbon disk electrode in a TEGDME
electrolyte containing 0.1 M LiTFSI and 2 mM of the quenchers at a scan rate of 50 mV·s−1.

To verify the quenching ef�ciency of PeDTFSI despite its higher oxidation potential, we
monitored the disappearance rate of the 1O2 trap DMA by UV-vis spectroscopy in presence
of quenchers during continuous photochemical 1O2 generation [13,27]: This protocol is further
detailed in Appendix A.7 and the results depicted in Fig. 4.5. Like in part 3.1, a slower DMA
decay rate in presence of quenchers, due to competitive reactions, is taken as a token of the
quencher activity. 1O2 was generated photochemically at a constant rate by illuminating O2

saturated TEGDME containing 1 µM Pd4F photosensitizer [8] [27] [28], 80 µM DMA and either the
tested quencher or no additives. In order to compare the different rates, the 1O2 production
should be constant. The quencher should hence not deactivate the excited triplet state of the
sensitizer itself, responsible for the conversion of 3O2 into 1O2, effect described in part 2.2.1.
By measuring the excited sensitizer lifetime, described in Appendix C.3.4, we veri�ed the
negligible in�uence of the studied quenchers compared to quenching by molecular oxygen
and thus on the 1O2 generation rate.
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Figure 4.5: DMA decay over time in presence of photochemically produced 1O2 with or
without DABCO. (a) DMA consumption without quencher (in orange) and the �rst-order
kinetic �t (in black) (b) DMA in presence of 40 µM DABCO (in purple), the �rst-order kinetic
�t (in dashed black) and the DMA without quencher �tted (in orange). The electrolytes used
are based one 40 µM DMA and 1 µM Pd4F in O2 saturated TEGDME illuminated at 643 nm, as
described more lengthy in Appendix A.7. The dashed lines are the exponential �t of DMA
consumption.
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Figure 4.6: Comparison of the quenching ef�ciency and the in�uence of the quencher
concentration. (a) DMA concentration evolution over time in presence of photochemically
produced 1O2 with or without PeDTFSI at various concentrations to determine the quenching
ef�ciency. The electrolytes used are based on 80 µM DMA, the noted concentration of
PeDTFSI and 1 µM Pd4F in O2 saturated TEGDME illuminated at 643 nm, as described more
lengthy in Appendix A.7. The lines are the exponential �t of DMA consumption. (b) Quenching
ef�ciency expressed as DMA decay rates and 1O2 fraction quenched for 40 µM DABCO and
various PeDTFSI concentrations.

The obtained DMA concentration decays show a clear correlation with the PeDTFSI
concentration used in Fig. 4.6(a), verifying that higher concentrations allow to circumvent the
lower molar activity of PeDTFSI. The DMA decay can be �tted by a pseudo �rst-order reaction
kinetic according to Eq. A.8, considering the 1O2 concentration as constantly replenished
to the same level [13]; Examples of �tted decays can be found in Fig. 4.5. The obtained rate
at t0 can then be compared to characterise the quenching ef�ciency and the 1O2 fraction
quenched as given by the ratio between the rate of DMA alone and in quencher presence at
a given concentration, presented in Fig. 4.6(b). As expected from their respective oxidation
potentials, DABCO presents a higher molar quenching ef�ciency with roughly halved the
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DMA decay rate at only 40 µM; On the other hand, PeDTFSI concentration had to be increased
to the mM range for a comparable effect. With 0.01, 0.05, 0.1, and 0.38 mM, the quenched
1O2 fractions were 9, 23, 56, and 86 %, respectively. Owing to its high solubility, PeDTFSI can
thus compensate its lower ef�ciency to achieve quenching of the vast majority of 1O2.
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4.3 Quencher in�uence on side reactivity

Ultimately, a suitable quencher needs to effectively decrease the amount of 1O2 related para-
sitic chemistry in metal-air batteries. We chose the Li–O2 cell to demonstrate the impact of
PeDTFSI since amongst Li–, Na–, and K–O2 cells, Li–O2 present the highest 1O2 production rate
and shows the most severe side reactions as depicted in part 1.3.2 and ch. 2. The deviation
from the theoretical yield was measured by pressure monitoring assuming that the large
majority of the released gases is oxygen [17] [29] [30]. Reaction products (Li2O2 and carbonates)
were characterised by a combination of UV-Vis spectroscopy and MS whereas the 1O2 pro-
duction was obtained by the ratio of DMA/DMA-O2 thanks to HPLC measurements after
the electrolyte extraction. The methods are further described in Appendices A.4, A.6, and
A.5. Li–O2 cells were constructed with activated carbon cathodes and TEGDME electrolytes
containing 1 M LiTFSI, 30 mM DMA and either no quencher, 60 mM DABCO, or 60, 120, and
380 mM PeDTFSI according to Appendix A.1.

4.3.1 Discharge

Considering �rst the 3O2 consumption, cells discharged at 100 mA·g−1
c up to 1000 mA·h·g−1

c
present a light deviation within 2% of the ideal value of 2 e–/O2 with a slight improvement
in presence of a quencher in Fig. 4.7(a), in accord with other reports [17,20,27,29,31]. In a similar
fashion, Li2O2 yields, shown in Fig. 4.7(b), stay unchanged by the presence of quenchers at
∼95%. The presence of quenchers is not expected to change signi�cantly the reaction mech-
anism of the cell and hence to strongly in�uence the Li2O2 or e–/O2 yield during discharge.
Deactivating already formed 1O2 should solely in�uence the side product amount and 1O2

trapped by DMA in solution. Consequently, the amount of unquenched 1O2 directly corre-
lates with the quantity of carbonaceous side products formed in Fig. 4.7(b). The presence
of 60 mM DABCO additive cuts down both the singlet oxygen trapped in solution and the
side products by roughly a factor of 4. The same concentration of PeDTFSI reduces the side
products only by half, as a result of its lower molar quenching ef�ciency. With 380 mM
PeDTFSI, however, the side products were cut to 14% of the value without quencher whether
a smaller amount than for 60 mM DABCO. PeDTFSI hence effectively reduces 1O2 related
parasitic chemistry on discharge owing to its high solubility.
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Figure 4.7: Quencher in�uence on Li-O2 cell discharges. (a) Gas consumption during a
Li-O2 cell discharge with a carbon black cathode and LFP counter electrode discharged
at 100 mA·gc

−1 to 1000 mA·h·gc
−1 in a TEGDME electrolyte containing 1 M LiTFSI, 30 mM

DMA and either no quencher (blue) or 0.38 M PeDTFSI (purple). The dashed line represents
the theoretical consumption of 2 e−/O2. The method is detailed in Appendix A.2. (b) O2,
1O2, peroxide and carbonate productions during discharge of Li-O2 cells with or without
quenchers. The cells are composed of a carbon black cathode and LFP counter electrode in
a TEGDME electrolyte containing 1 M LiTFSI and the mentioned quencher concentration
and discharged at 100 mA·gc

−1 to 1000 mA·h·gc
−1.

4.3.2 Charge

Turning to cell recharge, we assessed the effect of a quencher on the gas evolution rate
measured using the pressure in the cell headspace. As DABCO has already been shown to
reduce 1O2 related parasitic chemistry on charge within the limited oxidative stability of 3.6
VLi/Li+

[8], focus was given to a quencher-free cell and a 380 mm PeDTFSI containing cell. Cells
were �rst discharged in the same conditions than the discharge study and then recharged at
100 mA·g−1

c to a cut-off voltage of 4.6 VLi/Li+ and depicted in Fig. 4.8(a)-(b).
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Figure 4.8: Quencher in�uence on Li-O2 cell charges. The O2 saturated TEGDME electrolytes
used are composed of 1 M LiTFSI on the �rst column ((a)-(c)) and an additional 0.38 M PeDTFSI
on the second column ((b)-(d)). (a)-(b) Voltage pro�les during recharge of cells with a carbon
black cathode and LFP counter electrode at 100 mA·gc

−1 to a cut-off voltage of 4.6 VLi/Li+

after a discharge to 1000 mA·h·gc
−1. (c)-(d) Gas evolution during a Li-O2 cell charge of the

aforementioned cells (in black without quencher and in purple with 0.38 M PeDTSFI). The
blue dashed lines represent the theoretical 2 e−/O2 and the orange areas represent the
parasitic reactions. The method is detailed in Appendix A.2.

For the quencher-free cell in Fig. 4.8(a)-(c), the voltage rises within a few percents of the
recharge capacity towards to a plateau at ∼4.2 VLi/Li+ before it further rises steeply close to
the end of recharge. The gas evolution remains, from the onset of charge, signi�cantly below
the theoretical value of 2 e–/O2, as previously observed in literature [17,20,29]. This deviation
indicate e– extraction from side products, i.e. Li2CO3

[10], and possible reaction of released O2

species with cell components rather than evolving as O2. In contrast, the cell with PeDTFSI
evolves O2 at the ideal rate of 2 e–/O2 up to approximately 4.2 VLi/Li+, namely the PeDTFSI
oxidation stability threshold; From this voltage onwards, part of the e– exchanged are due to
PeDTFSI oxidation. A 2 e–/O2 reaction yield establishes that all the electrons are extracted
from Li2O2 rather than partly from side products and any 1O2 formed is quenched to 3O2 in
order to be detected in the headspace. 1O2 being evolved from the onset of charge in Li-O2

cells from disproportionation [8,27], 1O2 suppression can only arise via PeDTFSI quenching
since the quencher is not expected to change the charging mechanism. It should be noted
that the capacity at the cut-off with the electrolyte containing 380 mM PeDTFSI corresponds
to only 23% of the formed Li2O2 during discharges, which balances with the 77% left in the
electrode after recharge measured by Li2O2 titration.
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4.3.3 Consequences

The addition of quenchers as additive results in a substantial decrease in side product forma-
tion both on discharge and charge. The quencher effectiveness to reduce parasitic reactions
established clearly 1O2 as one of the major degradation pathway in metal-air batteries. A
reduction to 14% of the original carbonate formation on Li-O2 cell discharge with high
quencher concentration shows that disproportionation might arise as a culprit for 86% of the
cell degradation during discharge, accentuating the importance of the disproportionation
mechanism elucidated in the ch. 3. Quenching 1O2 from the disproportionation reaction
can explain the slightly improved e–/O2 yield since the 1O2 released by disproportionation
is recovered in the headspace as 3O2 instead of reacting with cell components. As the 1O2

formation rate is accelerated with the charge overpotential [8], quencher use is evermore
important during Li-O2 charge.

During Li-O2 cell charge without quencher, the quickly increasing voltage is partly re-
lated to increasingly dif�cult electron transfer, as the Li2O2 content decreases, and mainly
to the accumulation of side products with higher oxidation potentials [32–35]. Considering
the case with quenchers, the near theoretical yield through most of the recharge indicates
that rising voltage is not caused by side-product formation. Together with the much lower
amounts of side products at the end of discharge, the continued 1O2 elimination on charge
also avoids more side products to be formed during recharge. This is re�ected in the slower
overpotential rise compared to the quencher-free cell. Accounting for the 77% Li2O2 left
in at the electrode vicinity at the charge end with PeDTFSI, rising voltage can be related
to increasingly dif�cult electron transport from the electrode surface to remote Li2O2 and
subsequent loss of contact as charging proceeds. PeDTFSI is amphoteric, Lewis basic at the
tertiary N atom and Lewis acidic at the quaternary N atom, which could possibly solubilize
the LiO2 intermediate and favour the solution discharge pathway. Dif�culties in recharging
cells with additives favouring the solution mechanism are already recognized [5,36–38].

The advantages of quencher additives are not limited to Li-O2 batteries but to all battery
chemistries where 1O2 formation occurs. NaO2 disproportionation at rest, accompanied by
1O2 release, is responsible for high degradations in Na-O2 cells, as demonstrated in part 2.3.3
and ch. 3. Quencher additives should be able to reduce this effect. The PeDTFSI quencher
presented here is only a �rst attempt to adapt singlet oxygen quenchers to battery chemistries.
Singlet oxygen evolution from layered transition metal oxides at high potential would re-
quire an even more improved oxidative stability [39,40]. Nevertheless, our study assesses the
importance of singlet oxygen reactivity in non-aqueous batteries and its mitigation through
quencher additives.
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Conclusion

In conclusion, 1O2 is partly responsible for side reactions and requires adequate mitigation
strategies in non-aqueous alkali batteries. Physically quenching 1O2 appears as a good solu-
tion to counter its production in batteries, permitting deactivation to its ground state before
side reaction occurrences. We show that PeDTFSI, the monoalkylated form of the diamine
1,4-diazabicyclo[2.2.2]octane (DABCO), is an ef�cient 1O2 quencher with suf�cient voltage
and chemical stability. Quaternizing one of the nitrogen atoms raises the oxidation stability
of the remaining tertiary nitrogen from 3.6 VLi/Li+ to approximately 4.2 VLi/Li+. Despite the
lower molar ef�ciency of PeDTFSI, its high miscibility with glymes permits an effective 1O2

quenching at high concentrations.

We have demonstrated the ef�ciency of PeDTFSI with Li–O2 cathodes, where the quencher
greatly reduces the parasitic chemistry. PeDTFSI’s in�uence on parasitic chemistries settles
the importance of 1O2 in metal-O2 batteries and the in�uence of side products on the Li-O2

cell overpotential during charge. On a wider perspective, partly quaternized diamines are
suitable to tune the oxidation potential of 1O2 quenchers. 1O2 is also known to evolve from
layered transition metal cathodes and upon oxidizing Li2CO3, a common impurity of cathode
materials. Quenchers stable under high voltages are, hence, relevant to control 1O2 related
reactivity and long-term cyclability of many currently studied cathodes. As transition metal
cathodes can produced singlet oxygen at higher potentials than 4.2 VLi/Li+

[39], alternative
quenchers might arise in the future. Nevertheless, this study presents a �rst de�nition of
quencher potential in oxide based cathodes and their design.

Enhanced solution pathway mechanism in Li-O2 increases the discharge capacity but also
leads to dif�culties to reach full recharge. Complete oxidation of the Li2O2 formed during
discharge could not be achieved with PeDTFSI addition. Such cells are now recognized to
require oxidation mediators for full charge [5]. As mediators change the mechanism of the
reaction, singlet oxygen production via mediators ought to be studied in more details.
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Oxidation mediators for metal-air battery recharge

Each problem that I solved became a rule, which served afterwards to solve other
problems.

René Descartes
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Introduction

Owing to their high capacity per mass and volume, alkali oxides provide an attractive energy
storage. Unfortunately, alkali oxides are also wide-bandgap insulators, preventing ef�cient
charge transport as described in part 1.2.1.3; the oxide’s high resistivity hampers pores �lling,
limits discharge capacity and causes high charging voltages even at low rates [4–11]. Deeply
discharged Li-O2 cathodes through the solution pathway are �lled with large Li2O2 particles
with several 100 nm in size [5,8,10–13]. Oxidizing them on charge is relatively easy at the charge
onset for Li2O2 directly in contact with the porous electrode [14–16]. Li2O2 more remote from
the electrode surface, however, loses contact as charging proceeds, an effect seen with
additives such as PeDTFSI in part 4.3.2, causing rising voltage and incomplete charge. The
problems caused by the insulating nature of oxide, e.g Li2O2, particles being disconnected
and parasitic chemistry are interrelated and particularly severe on charge [4–8,10,17–26]. Parasitic
reactions on discharge form side products such as carbonates, which are hard to oxidize
and may release 1O2 as explain previouly. More of these side products form on charge with
increasing rate as the charge voltage rises, self-amplifying the processes [19,20,27,28].

Since growth/dissolution of Li2O2 occurs at its surface, Li+ and e– transport into/out of
the bulk particle are not required. The restriction of Li2O2’s role to charge storage could be
enabled by diffusion of available Li+ and e– at its surface through the electrolyte. Relocating
the charge transport away from the peroxide circumvents, moreover, the issue of detached
peroxide formed during discharge. The reactions could proceed away from the electrode and
no discharge products would be lost. Bypassing alkali oxide for ion and electron transport
may, in turn, enable high-power metal-O2 cells. The main problem is the e– transfer thought
the electrolyte. During discharge, the charge transport can be assured by superoxide through
the disproportionation process which correlates with higher discharge capacities as seen in
part 1.2.1.1 and ch. 3. Disproportionation, yet, does not permit recharge of particles formed
away from the electrode and is slow or not favoured for Na-O2 and K-O2 cells.

Redox mediators address the charge transport between the e– conductor and O2 or oxide
distant from the electrode in a more controlled fashion [5,7,9,18,22,23,27,29–33]. Mediators act by
being reduced/oxidized at the e– conductor, diffusing through the electrolyte and reducing
O2 or oxidizing alkali oxide at low overpotentials, thereby being regenerated themselves.
By switching electrode reactions to mediators reduction/oxidation, the peroxide becomes
a convenient way to store charge which enables higher power batteries; the only require-
ments are faster reaction kinetic and mediators diffusion than the reaction through the
highly resistive alkali oxides. Oxidation mediators allow, in principle, charging at nearly
zero overpotential and a wide variety of mediators have been studied based on their redox
potentials as well as O2 evolution ef�ciency in Li-O2 cells. First attempts were also done for
Na-O2 cells [5,9,18,22,23,29–34]. As the main concern is the formation of side products during
charge and disconnect alkali oxides, this thesis will only focus on oxidation mediators. While
numerous mediators are known in literature, little is known on the actual mediated oxidation
mechanisms and their relations with parasitic chemistry. Oxidation mediators may also
induce side reactions, if for example the oxidized mediators can oxidized the electrolyte
solvent [9,27,29,35]. Since chemical oxidation of peroxides and superoxides in non-aqueous
media by, e.g., chlorine or ferrocenium has been found to generate 1O2, mediators may them-
selves contribute to its production [36–40]. The elementary steps during the mediated Li2O2

oxidation pathways and governing factors leading to 3O2 or 1O2 are yet to be described. Only
knowing them in detail may allow designing mediators for 1O2-free Li-O2 battery recharge.

Using the methods previously described in this thesis, we decipher in this chapter the
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mechanism of mediated alkali peroxide/superoxide oxidation and identify pathways that lead
to 1O2. In a �rst step, one-electron mediated oxidation generates a superoxide intermediate
from peroxide. The second step can either proceed via superoxide disproportionation or
superoxide oxidation by mediators as depicted in Fig. 5.1. 1O2 is hence not suppressed by
oxidation mediators as it can form by disproportionation or oxidation at potentials higher
than the thermodynamic threshold discussed in ch. 2. For low redox potential mediators,
the 1O2 amount is determined by the relative kinetics of the two pathways. We found
that disproportionation cannot be neglected with commonly used mediators and, thus, 1O2

production. Once the 1O2 presence is established, the stability of oxidation mediators towards
1O2 needs to be assessed. By using UV-vis spectroscopy, we found mediator degradations at
signi�cant rates when in contact with 1O2. Mediators with quenching moieties, e.g. tertiary
amines presented in ch. 4, display increased robustness most likely by deactivating singlet
oxygen to its triple state and such moieties are consequently desirable for oxidation mediators.
Chemical stability of mediators is also an essential parameter to ensure ef�ciency through
long term cycling. We show that commonly used mediators, e.g. TEMPO or Fc, do not reform
their reduced forms in contact with alkali oxide despite some O2 release. Even low voltage
mediators can spontaneously form highly oxidizing species in the case of mediators with
multiples oxidation degrees, e.g. TDPA, resulting in 1O2 evolution by mediated alkali oxide
oxidation. The results establish the main characteristic desirable for oxidation mediators
to avoid degradation and achieve good cyclability, i.e chemical stability, fast superoxide
oxidation kinetic, and good 1O2 quenching ef�ciency.
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5.1 Oxidation mediators in metal-air batteries

Oxidation mediators are meant to be oxidized at the electrode and to oxidize in turn the
alkali oxides, giving back the reduced mediator. The oxidation mediator being solvated any
peroxide surface in contact with the solution can be subject to the reaction. Irrespective
of the alkali oxide thickness or deposition geometry, the reaction potential is �xed by the
mediator itself, if suf�cient pristine carbon surface is present. By choosing appropriate medi-
ators with a redox potential just above the O2/MO2 potential (M= Li2, Na or K), e.g. 2.96 VLi/Li+

for lithium based cells, nearly zero overpotential during charge is in principle possible. The
promises of these soluble mediators on charge are tremendous for the �eld and numerous
studied searched for appropriate mediators amongst either organic, organometallic or halide
molecules [22,29,30,41]. Common given criteria are the molecule redox potential, a fast reaction
kinetic to achieve a fast charging rate, to reduce the production of side products as well as
stability in the Li-O2 environment. Unless an impermeable separator is used, it also needs
to be compatible with the lithium metal anode. Organic mediators have most widely been
investigated owing to their variability [9,29].

While the exact mechanism was unknown, the reaction kinetic has been in �rst approxi-
mation decomposed into two steps. These are a heterogeneous oxidation of the mediators at
the electrode surface (k0) followed by the heterogeneous oxidation of Li2O2 by the oxidized
mediators according to the overall reaction given in Eq. 5.1. Due to the lack of more precise
mechanistic knowledge, divergent views have emerged in the literature. On the one hand,
apparent rate constants (kapp) of the overall reactions at Li2O2 surface were determined using
scanning electrochemical microscopy and compared to the k0 obtained by cyclic voltamme-
try on glassy carbon for a wide range of mediators with potential ranging from ∼3.1 to 3.85
VLi/Li+

[31]. Since no clear dependence between k0 and kapp appeared, it was concluded that
the reaction between mediators and Li2O2 is an inner-sphere process and mostly governed
by the sterics of the redox molecules. From the obtained kapp, it was calculated that, even for
the slowest mediator, the apparent kinetic appears fast enough to sustain with a porous Li2O2

�lled electrode a current density as high as ∼100 mA·cm−2 [31]. On the other hand, differential
electrochemical mass spectrometry (DEMS) experiment showed a clear correlation between
the onset potential for O2 evolution and the mediator oxidation potential, a behaviour in-
terpreted through an outer-sphere mechanism using Marcus theory and Nernst law [42]. O2

evolution was moreover found to start at low mediator concentration (e.g. 10−5 M for TTF).

Li2O2 + 2 Medox 2 Li+ + 2 Medred + O2 (5.1)

As the apparent rate constants seem relatively high even for the slowest mediators and
taking into account the wide range of potentials covered by organic molecules, the main
criterion emerges as the in�uence on parasitic chemistry. Literature shows, yet again, discrep-
ancies. Using mediators, online electrochemical mass spectrometry and pressure monitoring
experiments showed an improved e–/O2 ratio [18] [23]. Other studies showed mediated oxida-
tion of chemical Li2O2 that deviates from the theoretical 2 e–/O2 ratio, instability of some
mediators in presence O2, or presence of CO2 production by action of mediators below the
Li2CO3 oxidation potential. All these phenomena indicate the presence of side reactions [22,42].

The reactivity of some mediators could be explained by oxidation of the solvent rather
than Li2O2, resulting in irreversibility [9] [27,29,35]. A mechanistic study rationalized this effect
by comparing the position of the singly occupied molecular orbital of the oxidized mediators
to the highest occupied molecular orbital of the solvent [9]. The stability of the mediators is
especially problematic due to their often organic nature, and thus easily degradable at the
contact with the lithium metal anode and potentially with singlet oxygen.
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5.2 Mediated oxidation mechanism and singlet oxygen formation

The mediated alkali peroxide oxidation is commonly described by the overall reaction (Eq.
5.2) [5,7,9,18,23,29–34]. The exact mechanism of mediated alkali peroxide oxidation and pathways
to 1O2 have to be elucidate before designing mediators that allow for 1O2-free metal-O2

battery recharge. A previous study, yet, hinted the decomposition of the oxidation reaction
in two individual steps based on DEMS experiment [42]. To decipher the mechanism, we
hence hypothesized that mediated oxidation may follow two possible pathways. In the �rst
case, oxidation could proceed via a direct two-electron oxidation as described in Eq. 5.1
with M+ representing the alkali ions. In the second case, the overall oxidation could �rst
proceed by the formation of superoxide species (noted MO2 or superoxide through the rest
of this chapter) through a mediated one-electron step according to Eq. 5.3. Once superoxide
species are formed, the reaction can either continue with a second one-electron mediated
oxidation described in Eq. 5.4 or by disproportionation as described in Eq. 5.5.

M2O2 + 2 Medox
kapp

2 M+ + 2 Medred + O2 (5.2)

M2O2 + Medox
k1

M+ + Medred + MO2 (5.3)

MO2 + Medox
k2

M+ + Medred + O2 (5.4)

MO2 + MO2 kdisp
M2O2 + x 3O2 + (1− x ) 1O2 (5.5)

5.2.1 Mediated oxidation pathways

Two 1O2 production pathways emerge from the hypothetized elementary steps, either via
disproportionation, as described in ch. 3, or via alkali oxide oxidation above a potential
threshold (e.g. 3.45 VLi/Li+ for Li2O2 and ∼3.55 VLi/Li+ for MO2 with M = Li, Na, K), as described
in part 2.3.2. Mediated alkali oxide oxidation could produce 1O2 in accord with previous
works. Its production was report from the reaction between O2– and oxidized mediator
with suf�ciently high redox potentials such as Fc+ (3.56 VLi/Li+, measured by CV in Fig. D.1 and
Tab. D.1) [38–40]. Using a mediator with a potential below the 1O2 potential threshold (MBT2, 3.1
VLi/Li+ measured by CV in Fig. D.1 and Tab. D.1) and a mediator above (TEMPO+, 3.76 VLi/Li+

measured by CV in Fig. D.1 and Tab. D.1), we performed characterisation of the 3O2 and
1O2 released upon oxidation of Li2O2 and KO2 powders. The oxygen yield determinations
are based on a combination of MS, UV-vis spectroscopy and HPLC, similarly to part 3.1 and
further described in Appendices A.4, A.5, and A.6. KO2 was used as stable substitute to LiO2

due to its stability and similar redox potential. The mediators were chemically oxidized
beforehand to avoid the presence of lithium ions in the superoxide case according to the
procedure described in Appendix D.1. The results are illustrated in Fig. 5.2 and expressed in
O2 mol per 2 Medox for Li2O2 and O2 mol per Medox for KO2 corresponding to the theoritical
yields given in Eq. 5.2 and Eq. 5.4.
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Figure 5.2: 3O2 and 1O2 yields upon mediated peroxide and superoxide oxidations by MBT2

and TEMPO+. 3O2 and 1O2 evolutions obtained by addition of 10 mM (a) MBT2 or (b) TEMPO+

in TEGDME to an excess of Li2O2 or KO2.

1O2 formation from KO2 and Li2O2 oxidation with TEMPO+ indicates well that singlet oxy-
gen can be produced via mediated alkali oxide oxidation. As KO2 does not disproportionate in
absence of more Lewis acidic cations, the important presence of 1O2 can be safely associated
with the superoxide oxidation. Singlet oxygen, yet, cannot be produced directly by mediators
below ∼3.5 VLi/Li+ and its presence can then be used as a proxy for disproportionation as in
part 3.3.3. Li2O2 oxidation with MBT2 is accompanied by a clear release of singlet oxygen and
a negligible one with KO2, indicating LiO2 disproportionation even in presence of mediators.
If Li2O2 were oxidized by a direct two-electron process, no 1O2 would be expected with
Li2O2 and if singlet oxygen were produced by direct oxidation then it should also be formed
with KO2. The presence of disproportionation indicates hence a reaction in two steps as for
non-mediated charge. Direct two-electron oxidation appears additionally unlikely since
a trimolecular process with two mediators hitting the same surface spot at the same time
would be required. Similarly, Na2O2 mediated oxidation occurs in two steps with superoxide
as intermediate; The results are shown in Appendix E.3.4.

5.2.2 Mediated oxidation kinetics

The use of low potential oxidation mediators hence does not prevent disproportionation
and subsequent 1O2 formation. Oxidation mediators could reduce the disproportionation
importance, and hence the 1O2 yield, since there is competing kinetics between MO2 dispro-
portionation and mediated oxidation. To separate the in�uence of each kinetic, we measured
the rate of the overall reaction between the mediators and Li2O2 (Eq. 5.2, kapp), the rate of the
superoxide oxidation (Eq. 5.4, k2) and the disproportionation rate (Eq. 5.5, kdisp) for a wide
range of mediators (TDPA+, MBT2, TMPD+, DMPZ+, Fc+, I2

[9,31,33,35]) covering potential from
3.09 to 3.63 VLi/Li+ which are determined in Fig. D.1 and Tab. D.1.

Mediators were found to be all UV-vis active and their reaction rates were measured
using their absorbance change starting at a known initial concentration. The oxidized me-
diator solutions were brought in contact with an excess of Li2O2 (kapp) or KO2 (k2) in pellet
shapes with known surface area under agitation, exempli�ed by DMPZ in Fig. 5.3 and given
in Fig. D.2 for the other mediators. The concentration decays overtime were then �tted
and the rate at the initial time used to calculate the reaction kinetics according to a pseudo
�rst-order reaction in �rst approximation. The initial rate was used to neglected side re-
action in�uences as the reaction proceeds (e.g. by 1O2 action or disproportionation as Li+
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will be released upon Li2O2 oxidation). The mediators were oxidized chemically to avoid the
presence of Li+ and parallel disproportionation of KO2, as described in ch. 3. The methods
are detailed in A.8. Measurements via UV-vis spectroscopy are also bene�cial over scanning
electrochemical microscopy to measure kinetics. They allow to detect possible side reactions
not reforming the reduced mediators and probe the reactions on the surface as a whole [31].
The disproportionation rate (kdisp) was measured by pressure monitoring in a closed vessel
after injection of 0.5 M a LiTFSI TEGDME electrolyte onto KO2 pellets under similar condi-
tion according to Appendix A.9. The pressure evolution was then �tted by a second-order
reaction kinetic represented by the Eq. 5.5, Eq. A.9, Eq. A.10 and Eq. A.11 and illustrated in Fig.
5.4. It can be noted that the obtained rates are minimal rates as the production of 1O2 could
not be detected by means of pressure measurements. We showed previously in ch. 3 that
weak Lewis acids highly in�uences the disproportionation reaction and increased the 1O2

production. Oxidized mediators are weakly Lewis acidic and their possible in�uences on
disproportionation were modelled by measuring disproportionation in presence of a 0.5 M
LiTFSI/0.5 M TBATFSI mixture in TEGDME. The presence of TBA+ results in a more than 2.5
fold disproportionation rate increase.
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Figure 5.3: Mediated oxidation rate with DMPZ+ obtained by UV-vis spectroscopy. (a) UV-
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The overall reaction rate between the oxidized mediator and Li2O2 is composed of several
elementary step which have been elucidated in the previous part. First, the reaction proceeds
via a one-electron oxidation according to Eq. 5.3 (k1), followed by either a second one electron
oxidation or disproportionation. Areal mediated oxidation rates must be recalculated by
assuming a mediator concentration (ν = k ·Cmediator), here 10 mM, to be compared to the areal
disproportionation rate (νdisp) at the solid superoxide surface. The initial disproportionation
rate could then be compared to the mediator kinetics in Fig. 5.5; The range of νdisp values
between pure Li+ and Li+/TBA+ allows to determine the dominant kinetics and hence the
major O2 evolution pathway from superoxide in presence of a speci�c mediator. The kapp

kinetics values obtained appears moreover similar to the ones obtained by SECM in the
literature as shown in Fig. D.2.3 [31].
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Figure 5.5: Kinetics of mediated (su)peroxide oxidation and superoxide disproportiona-
tion. Kinetic constants k (left axis) and reaction rates ν assuming a 10 mM concentration
(right axis) in TEGDME for the reaction between oxidized mediators and the Li2O2 surface (a)
and the KO2 surface (b) obtained by UV-vis spectroscopy. Superoxide disproportionation
rates in presence of 0.5 M LiTFSI or 0.5 M LiTFSI and 0.5 M TBATFSI are indicated by dashed
line in (b).

O2 evolution is clearly dominated by disproportionation for mediators with redox poten-
tial above 3.5 VLi/Li+. For high potential oxidation mediators, the disproportionation rate in
pure Li+ electrolyte appears more than 3 times faster than mediated superoxide oxidation
for a 10 mM concentration. The results are more nuanced for lower redox potential with
mediated superoxide oxidation rates similar or slightly higher to disproportionation in pure
Li+ electrolyte. The disproportionation in the presence of TBA+ as a model for soft Lewis acids,
yet, stays faster than the mediated oxidation at a 10 mM concentration. Disproportionation
is, similarly than for non-mediated cell, at least one of the main pathways to1O2 formation,
especially in presence of weak Lewis acids such as oxidized mediators. The kinetics of the
second step, be it oxidation or disproportionation, appears much faster than the overall
reaction rate on Li2O2. The rate limiting reaction step is thus the �rst electron oxidation to
form superoxide from peroxide.

5.2.3 Consequences

The presence of singlet oxygen permits to reveal the oxidation reaction mechanism which
is summarized in Fig. 5.1. 1O2 formation below 3.4 VLi/Li+ from Li2O2 oxidation indicates the
presence of disproportionation and hence of superoxide. Direct two-electron oxidation of
Li2O2 or Na2O2, as described in more details in part 5.2.1 and Appendix E.3.4, may thus be
excluded. The superoxide production is moreover the rate limiting step of the reaction and
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should be optimized to allow for fast reaction kinetic. By superoxide, we do not imply any
particular species as it may, for example, be a Li-de�cient solid solution Li2–xO2 phase or
dissolved LiO2(sol) which have been proposed for non-mediated peroxide oxidation [4,6,12,24,25].

After superoxide formation, O2 can subsequently evolve through two competing path-
way, a second mediated oxidation or disproportionation. 1O2 presence has been shown to
result in important degradations in metal-air batteries in previous chapters (ch. 2 and 4).
Mediated metal-air cells are no stranger to 1O2 existence. Singlet oxygen can be formed by
superoxide oxidation above ∼3.55 VLi/Li+ irrespective of direct or mediated electron transfer.
High potential mediators show signi�cant de�ciencies in 3O2 release, especially in contact
with KO2. In this case, the absence of strong Lewis cations inhibits the disproportionation
reaction and 1O2 must arise from the direct oxidation pathway.

Disproportionation yields 1O2, especially in presence of weak Lewis acids as discussed
in ch. 3. Widely 1O2-free cells by mediated recharge are theoretically possible with low
redox potential mediators since mediated superoxide oxidation would not results in 1O2

release. The mediators should, yet, present suf�ciently high superoxide oxidation kinetics
to outpace and prevent parallel disproportionation. For the wide range of mediators tested
here, 1O2 induced by disproportionation is inevitable as its kinetic is at least comparable
to the mediator ones at a 10 mM concentration. Efforts should hence be direct towards
designing mediators with a fast superoxide oxidation kinetic and a low redox potential to
reduce the 1O2 yield during charge.
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5.3 Reactivity of oxidation mediators with singlet oxygen

Among possible oxidation mediators, organic molecules have received special attention
due to their variety and tunable oxidation potential via synthesis within the same chemical
class [23]. Their organic natures, yet, make them susceptible to degradation by singlet oxygen,
formed at all stages of cycling as discussed in ch. 2. Singlet oxygen is known for being
dienophile and mediators possessing double bonds should be particularly sensitive to its
presence, e.g. DMPZ, TTF, MPT or TMPD [9,22,31]. The presence of oxidation mediators does not
necessarily prevent 1O2 formation as explained in part 5.2. Since Li2O2 oxidation proceeds
via superoxide formation, singlet oxygen can be formed by disproportionation even with
low redox potential mediators. The reactivity of organic oxidation mediators towards 1O2

needs to be assessed to ensure ef�cient effect during extended cycling and understand
mechanisms favouring their stability.

Redox mediators may be reactive not only with 1O2 but potentially to other oxygenated
species present in metal-air battery chemistry, i.e., O2, O –

2 and peroxide. We thus investi-
gated the stability of some redox mediators towards these species. Among possibly reactive
mediators, tetrathiafulvalene (TTF) and dimethylphenazine (DMPZ) were selected and shown
in Fig. 5.6. Both TTF and DMPZ present good oxidative stability towards TEGDME, a common
solvent in metal-air batteries [9]. TTF was also chosen for historical reason, being one of the
�rst mediators proposed [22], and DMPZ due to its low redox potential [9]. TTF and DMPZ also
contain heteroatoms that may in�uence their stability, sulfur or nitrogen respectively. As sin-
glet oxygen is a known electrophile [43], we investigated the stability of both the reduced and
oxidized states of the mediators to examine the impact of oxidation state on their reactivity [43].
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Figure 5.6: Structure of the studied mediators. (a) DMPZ (b) TTF.

5.3.1 Oxidation mediators in the reduced state

To determine the mediator stability, 1H-NMR spectra in DMSO-d6 were recorded for each
mediator after 24 hours in presence of the oxygen species as described in A.10. By comparing
with the pure substance 1H-NMR spectrum in Fig. 5.7, neither dissolved O2, dissolved O –

2 or
Li2O2 reacts perceptibly with the studied mediators as previously reported in the case of
DMPZ and O2

[9].
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Figure 5.7: Stability of DMPZ and TTF in contact with O2, KO2 and Li2O2 by 1H-NMR. The
spectra were recorded in DMSO-d6. 1H-NMR spectra for (a) DMPZ and (b) TTF. The DMSO
peak is taken as internal reference for quantitative comparison of spectra. The * denotes a
residue from DME evaporation, which amounts to a content of 1 ppm in the DME.

As other oxygen species do not appears to react with the mediators, we investigate their
stability against photochemically produced 1O2 by means of Pd4F and illumination at 643 nm,
as described in part 2.2.1 and more in details in Appendix A.3. 1H-NMR analys of the solutions
were conducted after 3 hours illumination and show the mediator disappearances in Fig. 5.8.
In the TTF case, the reactivity is clearly represented by the apparition of new peaks in the
NMR spectrum; these new peaks indicate the formation of 1,3-dithiol-2-one, shown in insert
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of Fig. 5.8, in accord with a similar mechanism proposed in the literature [44]. Concerning
the DMPZ, the NMR peak intensities decreased by ∼40% according to the calculated inte-
grals. The absence of new peaks may indicate that DMPZ decomposition ultimately forms
inorganic products or evolves as gases. Nevertheless, the 1H-NMR spectra unequivocally
show organic mediators to react with 1O2 despite their stability with other oxygenated species.
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Figure 5.8: Stability of DMPZ and TTF in contact with 1O2 by 1H-NMR. The spectra were
recorded in DMSO-d6. 1H-NMR spectra for (a) DMPZ after 3 hours exposure to 1O2 and (b)
TTF after 5 minutes exposure. The 1,3-dithiol-2-one 1H-NMR spectrum is given in insert of
(b) for comparison to the TTF 1H-NMR spectrum after contact with 1O2. The integrals are
given for the peaks in (a). The DMSO peak is taken as internal reference for quantitative
comparison of spectra. The * denotes a residue from DME evaporation, which amounts to a
content of 1 ppm in the DME.

The concentration changes of DMPZ and TTF were monitored in-situ by UV-vis spec-
troscopy in presence of photochemically generated 1O2. A mediator concentration of 60
µM in TEGDME has been determined as a suitable concentration for UV-vis spectroscopy
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beforehand and was used through out the rest of this study if not mentioned otherwise. The
main absorbance peaks of each mediator were found to decrease over time accompanied
by the appearance of new peaks, indicating side products formation with 1O2, as illustrated
in Fig. 5.9(a)-(c). TTF is much more reactive than DMPZ with a noticeable reaction in a few
seconds where DMPZ necessitate a few hours. To illustrate clearly the different reaction
rates, the change of the main absorbance peaks denoting either the disappearance of the
mediators or the appearance of side products are given over 1O2 exposure time in Fig. 5.9(b)-
(d). TTF shows high reaction rate and fully decompose over approximately 30 s, revealed
by the peaks evolution end. DMPZ is more robust and presents a decay of approximately
one-thirds after 3 hours; the peak indicating side products stays stable after a bit more than
30 minutes, indicating formation of UV-vis inactive or gaseous species in accord with the
1H-NMR spectra. Although reactivity with O2, O –

2 , or Li2O2 over extended time cannot be
completely dismissed, the mediators’ reactivity with 1O2 seems much more problematic,
especially considering the possible presence of singlet oxygen at all stages of cycling.
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Figure 5.9: Evolution of DMPZ and TTF concentrations in contact with 1O2 over time by
UV-vis spectroscopy. (a)-(c) UV-Vis spectra of DMPZ (a) and TTF (c) in 0.1 M LiTFSI/TEGDME
electrolyte upon 1O2 exposure after substraction of the sensitizer signal. (b)-(d) Absorbance
changes over time normalized to the initial value upon exposure to 1O2 for (b) DMPZ and (d)
TTF at the mentioned wavelength.

5.3.2 Oxidation mediators in the oxidized state

Since 1O2 reactivity is associated to "ene" or "diene" reaction [45–48], the lower electronegativity
of the oxidized mediators might results in increased stability. To verify this assumption, the
oxidized form of the mediators at a concentration of ∼250 µM were exposed to 1O2 similarly
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to the previous paragraph and their evolutions followed by UV-vis spectroscopy, as depicted
in Fig. 5.10(a)-(c). The details about the electrochemical oxidation procedure can be found in
Appendix D.1. Both oxidized mediators present degradation albeit at slower rates than their
reduced forms.
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Figure 5.10: Evolution of DMPZ+ and TTF+ concentrations in contact with 1O2 over time by
UV-vis spectroscopy. (a)-(c) UV-Vis spectra of DMPZ+ (a) and TTF+ (c) in 0.1 M LiTFSI/TEGDME
electrolyte upon 1O2 exposure after substraction of the sensitizer signal. (b)-(d) Absorbance
change over time normalized to the initial value upon exposure to 1O2 for (b) DMPZ+ and (d)
TTF+ at the mentioned wavelength.

DMPZ+ shows a decrease of the 450 nm peak and increasing absorbance between 400
and 500 nm, which indicates the formation of degradation products over 1O2 exposure time.
Comparing now the rates of the reduced and oxidized forms from Fig. 5.9(b) and Fig. 5.10(b)
respectively, after more than 3 hours illumination DMPZ+ exhibits less than 5% degradation
whereas the DMPZ only remains at 65% of its initial concentration. Likewise, TTF+ is more
stable than its reduced form but is still more reactive than DMPZ+. TTF+, yet, does not display
clear degradation products peaks but rather a quick absorbance decrease in the 300 nm
range and more gradual decrease through the rest of the spectrum. The spectrum change
can nevertheless be attributed to mediator deactivation reactions. The TTF+ reaction rate is
more complicated to extract in light of the absence of clear peak trends. By taking the main
absorbance peak at 445 nm, TTF+ has reacted up to approximately one-third of its initial
concentration within 10 minutes; for comparison, TTF was fully decomposed after ∼30 s
and is in other words roughly 150 times more reactive.
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5.3.3 Consequences

Singlet oxygen is the main danger to organic mediators in metal-air batteries. Mediator
reactivity with O2, O –

2 and O 2–
2 is comparatively smaller, if present at all. This high reactivity

arises from the presence of double bond and oxidable heteroatoms such as sulfur [45–49]. The
electrophilic nature of 1O2 protects the oxidized state of the mediators compared to their
reduced state. Even though oxidized mediators are more robust towards 1O2, oxidation medi-
ators are designed to be in their reduced forms during most of the cycling and the mediators
as a whole would still be subject to severe deactivation in presence of 1O2. As presented in ch.
4, singlet oxygen is one of the main sources of side reactivity in metal-air batteries and this is,
hence, also applicable to organic additives. Design of new mediators should aim to reduce 1O2

driven reactivity and present increased stability. We can draw conclusions from the different
reaction rates between the TTF/TTF+ and the DMPZ/DMPZ+ couples. TTF/TTF+ react much
faster than their respective DMPZ counterparts. Mediators, as DMPZ or TDPA, may quench
1O2 similarly to DABCO by dint of tertiary amines moieties and low oxidation potential [9,22,31];
The quenching mechanism of tertiary amines by charge transfer is described in part 4.1.
Singlet oxygen quenching might explain the different reactivity between DMPZ and TTF
and its effect will be described more in-depth in the following chapter. Quenching ability is
nonetheless desirable for mediators since it would enhance their stability towards 1O2. By tun-
ing the quenching ef�ciency, even more robust mediators could be theoretically synthesized.

Despite its higher stability, DMPZ still reacts at non-negligible rate with 1O2 and might not
be suf�ciently stable for long term cycling in Li-O2 batteries. The necessity of 1O2 mitigation is,
thus, still required even for mediated metal-air cells. A combination of oxidation mediators
with adapted physical quenchers, such as PeDTFSI described in ch. 4, can still be required to
achieve long-time cycling and avoid 1O2 related degradations. Even if mediators decrease the
required oxidation potential threshold for effective quenchers, increases in potential were
still observed after cycling in mediated cells due to the inevitable formation of carbonates
after some cycles. Using quenchers that are stable through all the electrochemical window
used in metal-air cells allows, thus, to prevent possible quencher degradation upon extensive
cycling.
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5.4 Oxidation mediators’ chemical stability

The instability of organic mediators towards the highly reactive 1O2 has been assessed in the
previous part. The chemical stability of mediators is, yet, another important criterion for
concrete usability in metal-O2 cells. Fc+ is for example known to be unstable in presence
of 3O2

[50]. If mediators are chemically unstable, cell deterioration could be accelerated by
inactive species build-up and possible further side reactions. The change in UV-vis signal
of the oxidized mediator allows to verify the reformation of its reduced form once brought
in contact with peroxide or superoxide as described in part 5.2.1. The mediator chemical
instability towards oxygenated species can hence be easily veri�ed and assesses ef�cient
metal-O2 mediator design.

5.4.1 Stability toward alkali oxides

Among the tested mediators, Fc+ and TEMPO+ showed non-exponential consumption over
time accompanied by the absence of reduced mediators peaks appearing which hint the
presence of side reactions. To verify their stability, the mentioned oxidized mediators were
exposed to an excess of KO2 or Li2O2 powders over 12 hours under agitation in Ar atmosphere
and analysed by UV-vis spectroscopy. The resultant spectra are showed in Fig. 5.11. Both
mediators do not reform their reduced state upon prolonged contact but new peaks emerge,
indicating side products formation. Consumption of the Fc+ mediators and oxygen release
can be shown by UV-vis spectroscopy and mass spectrometry as described in part 5.2.1 and
illustrated in Fig. D.2 and Fig. 5.11. Side products are, yet, formed during the alkali oxide oxi-
dation rather than the reduced form of the mediator despite apparent reactivity. The spectral
features of TEMPO and TEMPO+ in conjunction with the formation of side products upon
exposing TEMPO+ to Li2O2 and KO2 did not allow for reliable kinetic measurements using
UV-Vis spectroscopy. Mass spectrometry measurements in Fig. 5.11(c)-(d) shows, however,
clear O2 production upon reaction with TEMPO+ despite absence of TEMPO reformation in
Fig. 5.11(b). The chemical stability of the mediator ought hence to be tested beforehand as they
could appear active but are actually consumed during the reaction; Their use would result
in accumulation of degradation products and the impossibility to sustain a high number of
cycles.
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Figure 5.11: Fc+ and TEMPO+ reactivity towards Li2O2 and KO2. UV-Vis spectra in 0.1 M LiTFSI
TEGDME of 1 mM Fc, 1 mM Fc+BF –

4 or 1 mM Fc+BF –
4 after stirring for 12 h under Ar with an

excess of Li2O2 or KO2 powder, respectively, followed by �ltering. (b) UV-Vis spectra in 0.1 M
LiTFSI TEGDME of 5 mM TEMPO, 5 mM TEMPO+BF –

4 before or after stirring for 12 h under
Ar with an excess of Li2O2 or KO2 powder, respectively, followed by �ltering. (c)-(d) 3O2

evolution over time by MS upon mixing an excess of (c) Li2O2 or (d) KO2 powder with 1 mM
of the indicated oxidized mediators in TEGDME. For Li2O2 the electrolyte contained 0.1 M
LiTFSI.

5.4.2 Oxidation state stability

TDPA presents also peculiar characteristics. TDPA induced O2 evolution characterised by
MS, UV-vis spectroscopy and HPLC, as described in part 5.2.1 and Appendices A.4, A.5, and
A.6 shows signi�cant 3O2 de�ciency and non-negligible 1O2 production for both Li2O2 and
KO2 oxidation which is illustrated in Fig. 5.12. Considering the TDPA’s low redox potential of
3.09 VLi/Li+ and presence of potentially quenching amine moieties, only a small proportion
of singlet oxygen should be formed with peroxide and none with superoxide in absence of
disproportionation.
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Figure 5.12: 3O2 and 1O2 yield upon mediated peroxide and superoxide oxidation by TDPA+.
3O2 and 1O2 evolution obtained by the addition of 10 mM TDPA+ in TEGDME to an excess of
Li2O2 or KO2 powder.

We hence hypothesized spontaneous formation of TDPA2+. The TDPA+/TDPA2+ couple
has a redox potential of ∼3.5 VLi/Li+ and could yield 1O2 by alkali oxide oxidation as it is similar
to the potential threshold of 1O2 given in part 2.3.2 [33]. To demonstrate this assumption, TDPA+

was produced electrochemically at a potential just suf�cient for TDPA oxidation (3.15 VLi/Li+

or E0
TDPA/TDPA+ + 60 mV), but well below the TDPA+ oxidation potential. The oxidation was

conducted to reach half conversion of the TDPA present on a glassy carbon electrode in a 0.1
M LiTFSI DME electrolyte. The resulting solution was separated by thin-layer chromatography
(TLC) on an Al2O3 plate with ethyl acetate/ethanol (1/1) as eluent. The TLC plate, shown in Fig.
5.13(a), exhibits three different species after separation. The three differently coloured spots
were separately analysed by UV-Vis spectroscopy and compared with simulated spectra of
TDPA, TDPA+ and TDPA2+ in Fig. 5.13(b)-(c). The DFT calculation details are given in Appendix
D.2.4. One of the species shows the characteristic absorbance peaks associated with the
modelled TDPA2+ whereas the others correspond to TDPA and TDPA+. The UV-vis spectra
hence con�rm the spontaneous formation of TDPA2+ from a mixture of TDPA, TDPA+ and
LiTFSI in glyme in O2 atmosphere. The results highlight that mediators with a redox couple
below 3.5 VLi/Li+ can still produce singlet oxygen by alkali oxide oxidation if highly oxidizing
further oxidation steps exist and form spontaneously. Newly designed mediators should
hence be carefully tested to verify their chemical stabilities, e.g. by testing for presence of
1O2 after KO2 oxidation in absence of disproportionation.



Chapter 5. Oxidation mediators for metal-air battery recharge 143

TDPA

TDPA+

TDPA2+

400 600 800 1000
Wavelength (nm)

A
bs

or
ba

nc
e 

(n
or

m
.)

0

0.2

0.4

0.6

0.8

1
TDPA TDPA+TDPA2+

O
sc

ill
at

or
 s

tr
en

gt
h 

(a
.u

.)

0

0.2

0.4

0.6

0.8

1

400 600 800 1000

Wavelength (nm)

TDPA TDPA+TDPA2+

(a) (b) (c)

Figure 5.13: TDPA+ stability and spontaneous formation of highly oxidizing TDPA2+ (a) Thin-
layer chromatogram (TLC) of a partially oxidized TDPA solution under O2, showing sponta-
neous occurrence of TDPA2+ in a TDPA/TDPA+ solution. (b) Respective UV-Vis spectra of the
framed spots in (a) after dissolving them in methanol and normalized to the most intense
peak. (c) Simulated UV-Vis spectra of TDPA, TDPA+, and TDPA2+ in methanol according to
Appendix D.2.4. The stems show non-normalized oscillator strengths whereas the envelopes
are normalized to the most intense peaks.
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Conclusion

In conclusion, oxidation mediators hold the colossal promise of low overpotential recharge
at fast rates and have been intensely studied on their own right. Disconnecting the electronic
and ionic transports from the insulting alkali oxide allows to remove one of the reasons for
high overpotentials during charge. Oxidation mediators pin, indeed, the charge potential to
their own redox potential. Given that low potentials may be attained, oxidation mediators
were suggested to avoid side reactions although data did not consistently show a clear re-
duction of side product formation. Despite the wide range of mediators tested in metal-O2

cells, mechanistic descriptors of the reaction were lacking to provide ef�cient design rules
and to achieve truly ef�cient mediation. While there were previous attempts to describe
the mediated oxidation mechanism, kinetic in�uence, or stability, we could show clearly
the presence of competing reaction steps within the mediated oxidation process and the
importance of the mediator stability, especially towards singlet oxygen which is already
identi�ed as a main sources of degradation in non-mediated cells.

Using 1O2 presence as a marker for disproportionation below the thermodynamic thresh-
old for 1O2 induced by alkali oxide oxidation, we showed that the mediated oxidation proceeds
in different elementary steps. The �rst one is a one-electron extraction forming superoxide
species. Once formed, the superoxide can either be oxidized via another one-electron step
or disproportionate as described for non-mediated cells. This result is of high importance
considering 1O2. We have established before that disproportionation yields 1O2, especially
in presence of weak Lewis acids such as oxidized mediators. Cells using mediators with a
redox potential below the 1O2 threshold are hence not immune to 1O2 production during
charge. The relative importance of the two pathways is dictated by the competition of their
respective kinetic. A high rate of mediated superoxide oxidation could allow to bypass the
disproportionation reaction and hence 1O2 by using mediators with low redox potential. Our
results show, however, that current mediators do not present suf�ciently high kinetics to
suf�ciently suppress disproportionation. The second electron extraction or disproportiona-
tion are, yet, not the overall rate limiting steps. With high reaction rates in mind, mediators
should also have high reaction kinetic with peroxide. The mediation kinetics are hence of
prime importance, not only for high power batteries, but also for the parasitic chemistry.

Since oxidation mediators do not necessarily prevent the presence of 1O2, we assessed
their reactivity with this very aggressive species. The majority of the proposed mediators are
organic molecules owing to their wide variety and adaptability through adapted synthesis.
1O2 is, however, a known electrophile and can react with double bonds. DMPZ and TTF, taken
as typical examples of mediators, showed clear reactivity with 1O2 at signi�cant rates. The
oxidized forms of the mediators present increased stability due to their reduced electron
density but still noticeably react albeit at slower rates. DMPZ is markedly more resistant
to 1O2 contact than TTF. This robustness can in part be ascribed to the presence of tertiary
amines moieties that are known to physically quench 1O2 to its ground state. The low redox
potential of the mediators should allow for relatively high molar ef�ciency as described in ch.
4. The presence of quenching moieties is hence desirable in oxidation mediators to increase
their stability in long term cycling since the presence of singlet oxygen appears currently
inevitable. The addition of an external quencher, e.g. PeDTFSI, can act as a safeguard and
prevent deactivation of the mediators and unwanted accumulation of side products in the
cell.

The chemical stability of oxidation mediators should moreover not be overlooked. Fc+

and TEMPO+ showed substantial degradations in contact with alkali oxides. Despite irre-
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versibly, the aforementioned mediators react with alkali oxides, release O2 and could appear
as ef�cient mediators. Their action would nevertheless be constrained to a few cycles as they
would be consumed over time. The chemical stability of mediators with several oxidation
states can also be questioned. TDPA+ in a Li+ electrolyte was shown to form spontaneously
the high redox potential TDPA2+. TDPA2+ can then induce 1O2 formation from alkali oxide
oxidation as its potential is close to the thermodynamic threshold. Determination of the
mediator’s chemical stability is then a prerequisite before its use in a metal-O2 cell. The
conclusions drawn here from the reaction mechanisms could be further used to provide
design rules for future oxidation mediators.
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Introduction

The oxidation mediator is a promising approach to reduce metal-air cells overpotential and
to permit fast reaction rates during charge [2–5]. Oxidation mediators, yet, do not prevent
the highly reactive 1O2 presence. We show in the previous chapter that mediated alkali
peroxide oxidation proceeds via two consecutive steps. The �rst and rate limiting step is a
one-electron oxidation to produce superoxide species that can either disproportionate or
be further oxidized. 1O2 can hence either be produced via disproportionation or by oxida-
tion at high overpotential (e.g. ∼3.55 VLi/Li+ for O –

2 ). 1O2 was shown previously to be a main
degradation pathway in metal-air batteries. Its presence is especially problematic since the
widely studied organic mediators quickly react with 1O2, leading to their deactivation and
accumulation of side products. The chemical stability of the mediators might furthermore
be problematic as its reduced state is not necessarily reformed after reaction with peroxide
or superoxide.

Oxidation mediator optimization is hence of main interest to achieve ef�cient and sus-
tained mediation. Re�ned mediators still forecast reduced side reactions and fast charge
rates. To do so, a mediator should have fast reaction rate on both peroxide and superoxide.
The former one allowing fast reaction rate, being the slowest step, whereas the latter could
reduce the superoxide portion undergoing disproportionation. The disproportionation and
superoxide oxidation rates are competing for O2 release; a fast enough oxidation would result
in suppressed disproportionation and 1O2 yield. Oxidation mediators with 1O2 quenching
moieties showed moreover increase stability and could guarantee low cell degradation in
presence of a small disproportionation proportion. In addition, chemical stability against
peroxide, superoxide and 3O2 of newly proposed mediators should be insured before any
further long term cyclability claims.

Considering the aforementioned observations, design rules can be drawn for ef�cient
mediators, i.e. a high chemical stability, a high quenching ef�ciency, a redox potential lower
than the 1O2 thermodynamic threshold and high oxidation rates on peroxide and superoxide.
We study in this chapter more in-depth the in�uence and underlying mechanism of these
parameters using a wide range of mediators as well as a newly proposed class of mediators
represented in Fig. 6.1, organic hydrazines, i.e., N-N bridged pyrrolidines and piperidines
(BP). Organic hydrazines present the advantages to have an easily tunable redox potential,
which we will show the kinetic to depend on, and quenching moieties [6]. The reasons and
mechanisms of ef�cient mediation will hence be deciphered, allowing oxidation mediators
to progress further and possibly unlock 1O2-free fast charge in metal-O2 technologies.

N N N N N N

(a) (b) (c)

Figure 6.1: Structure of the organic hydrazines proposed as oxidation mediators. (a) 1,1’-
bipyrrolidine (BP55), (b) 1-(pyrrolidin-1-yl)piperidine (BP56) and (c) 1,1’-bipiperidine (BP66).
The quenching moieties are highlighted in purple.

To do so, we �rst determined the redox potential of several members of the organic
hydrazine class proposed as mediators as well as their chemical stability after prolonged
contact with KO2, Li2O2 and 3O2. After ensuring suf�cient stability, the BP mediator reaction
rates with O –

2 and O 2–
2 were measured by UV-vis spectroscopy as described in the previous

chapter. The 1,1’-bipyrrolidine (BP55) mediator was revealed to have an unusually high reac-
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tion kinetic and could greatly reduce disproportionation occurrence. To assess the ef�ciency
of organic hydrazine mediators and verify our design rules, we measured 3O2 and 1O2 yields
for a wide range of mediators by MS and HPLC. We were able to correlate the mediator redox
potential to the superoxide reaction kinetic using Marcus theory. Accordingly, the reaction
kinetics decrease for high potentials and hence possess a maximum that should be aimed by
future oxidation mediators. Maximizing the mediator reaction rate was shown to reduced
the 1O2 evolution. Organic hydrazines have moreover tertiary amine quenching groups [6];
Presence of quenching moieties reduces the presence of 1O2 during mediated oxidation and
we will show that the quenching ef�ciency depends on the redox potential of the mediators
and their chemical nature, as already discussed in part 5.3.3. Finally, the overall 1O2 and 3O2

yield tendencies can be best grasped through Sankey diagrams of relative rates, relating the
relative rates to the 3O2/1O2 evolution yields. BP55 demonstrates the feasibility and draws
the path to ef�cient oxidation mediators that could reduce 1O2 occurrence during metal-O2

cell charges at high rates.
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6.1 Organic hydrazines as oxidation mediators

Oxidation mediator reactivity described in the previous chapter requires to obey new criteria
to achieve long term cycling. We hence studied a new class of mediators, organic hydrazines,
to provide more in-depth a mechanism description of mediated oxidation for achieving
1O2-free charge. Organic hydrazines present the advantage to have quenching moieties
and easily tunable redox potentials in order to optimize the mediated oxidation kinetic.
The redox potential of the molecules is �xed by the substituents of the amines. Different
organic hydrazines were hence synthesized and selected for their redox potential. Before
further characterisations of the mediator in�uences, we assessed their chemical stability
and reaction kinetic to compare them to the previously studied mediators.

6.1.1 Electrochemical characteristics

To test organic hydrazines as mediators, synthesis methods were �rst developed and can
be found in Appendix E.2. As the cycle size can be easily tuned, organic hydrazines can
present a wide range of redox potential. Mediator redox potentials were determined by
cyclic voltammetry using a 2 mM mediator in 0.1 M LiTFSI TEGDME electrolyte at a scan rate
of 100 mV·s−1 on a glassy carbon electrode, which are depicted in Fig. 6.2. 1,1’-bipyrrolidine
(BP55), 1-(pyrrolidin-1-yl)piperidine (BP56) and 1,1’-bipiperidine (BP66) were selected with
potential of 3.2 VLi/Li+, 3.46 VLi/Li+, 3.76 VLi/Li+ respectively. These three mediators cover a
similar potential range as commonly proposed mediators presented in part 5.2.2. BP55 has a
potential below the 1O2 formation potential which is close to the one of TMPD (3.24 VLi/Li+)
and DMPZ (3.29 VLi/Li+). BP56 potential is situated close to the thermodynamic threshold
for 1O2 (∼3.55 VLi/Li+) and to mediators with lower kinetics such as Fc. Finally, BP66 has the
same potential as TEMPO and can be used to characterise mediators with high potentials
that would produce large 1O2 amount by mediated oxidation.
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Figure 6.2: Cyclic voltammetry of the organic hydrazines proposed as oxidation mediators.
The cyclic voltammetries were measured using 2 mM of (a) BP55 (b) BP56 or (c) BP66 in 0.1 M
LiTFSI in TEGDME as electrolyte at a scan rate of 100 mV·s−1 on a glassy carbon electrode.

Given their potential, the selected amines can be used to scrutinize the presence of a two
step mediation with sodium peroxide (2.87, 3.13, 3.43 VNa/Na+, respectively for BP55, BP56 and
BP66). As described in Appendix E.3.4, the 1O2 occurrence pattern advocates for superoxide
formation via two sequential one-electron transfers rather than direct two-electron reaction,
irrespective to the alkali peroxide nature. The design rules suggested in the main text are,
hence, applicable to both non-aqueous Na-O2 and Li-O2 chemistries.
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6.1.2 Chemical stability

Once organic hydrazines of signi�cance were chosen, their chemical stability in contact with
dissolved O2, O –

2 and O 2–
2 needed to be veri�ed. Chemical stability is necessary to provide

long term cyclability and we verify that the determined reaction rates are related to the
oxidation reactions. We recorded 1H-NMR spectra of BP55, BP56 and BP66 in CH3CN-d3 after
synthesis or after a 24 hour immersion in O2 saturated electrolyte. BP55+, BP56+ and BP66+

oxidized chemically, according to Appendix E.1, were bring in contact with an excess of KO2 or
Li2O2 for a 12 hours period and subsequently analysed by 1H-NMR to certify the reformation
of their reduced forms rather than producing side products. The spectra of the mediators
in similar concentrations can be found in Fig. 6.3. The mediators show suf�cient chemical
stability excepted BP55 in the presence of dissolved molecular oxygen. Although BP55 is,
thus, not compatible with an actual metal-O2 cell, it can still be used to discuss the mediator
mechanism as the performed measurements involve much shorter times than 24 hours, after
which BP55 is still detected albeit in a lower amount. This assumption was veri�ed by UV-vis
experiments where the oxidized organic hydrazine spectra were measured before and after
reactions with an excess of KO2 or Li2O2 during 12 hours and compared to the reduced form
spectra. The oxidized BP mediators produce back their reduced form after alkali oxide oxi-
dation in similar concentration as illustrated in Fig. 6.4. This indicates that, in the time range
studied, BP55 is stable enough. The other mediator UV-vis studies are given in Appendix E.3.3.
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Figure 6.3: Stability of the BP mediators in contact with O2, KO2 and Li2O2 by 1H-NMR. The
spectra were recorded in DMSO-d6. NMR spectra of the reduced mediators as synthesized
(labelled blank) or after contact with O2 for 24 hours and of oxidized mediators after contact
with Li2O2 or KO2. The mediators are (a) BP55, (b) BP56 and (c) BP66. Oxidized mediators
were dissolved in CH3CN-d3, the solution stirred with several mg KO2 or Li2O2 for 12 hours
and �ltered before the measurements.
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Figure 6.4: BP55+ conversion upon contact with Li2O2 or KO2. UV-vis spectra of BP55, BP55+

and BP55+ after contact with Li2O2 or KO2 for 12 hours.
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6.1.3 Oxidation kinetics

Owing to their suf�cient stabilities, BP mediators can be used to assess correlations between
mediator redox potentials and oxidation kinetics since they are based on similar chemical
motifs. Large mediator kinetic on superoxide is of prime importance to avoid 1O2 during
charge by competing with disproportionation. Fast reaction with peroxide is also desirable
to enable an overall fast charge rate. Determining the underlying parameters of mediated
charge kinetics may hence allow for 1O2-free and fast paced charging. The reactions rates on
both Li2O2 and KO2 have been determined by UV-vis spectroscopy according to the method
described in Appendix A.8. The concentrations used are in a similar range as during the
chemical stability UV-vis spectroscopy experiments assuring negligible side reactions. The
decays in oxidized mediator concentration were then �tted by a �rst-order reaction rate to
obtain the kinetic rate constant and compared to the previously obtained kinetics in ch. 5.
The rates for 10 mM of mediators and reaction rate constants measured are depicted in Fig.
6.5.
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Figure 6.5: Kinetics of mediated (su)peroxide oxidation including BP mediators and super-
oxide disproportionation. Kinetic constants k (left axis) and reaction rates ν assuming a 10
mM concentration (right axis) in TEGDME for the reaction between oxidized mediators and
the Li2O2 surface (a) and the KO2 surface (b) obtained by UV-vis spectroscopy. Superoxide
disproportionation rates in presence of 0.5 M LiTFSI or 0.5 M LiTFSI and 0.5 M TBATFSI are
indicated by dashed lines in (b).

The mediator kinetics show a clear dependence on the mediator redox potentials. As
previously observed, the kinetics of mediators with redox potentials above ∼3.2 VLi/Li+ decay
with growing potential. The kinetics of low redox potential mediators, yet, increase with the
potential; This results in a maximum rate at ∼3.2 VLi/Li+ for superoxide oxidation, represented
by BP55. The kinetic trend is, thus, rather surprisingly not proportional to the potential
and hence the driving force with respect to the O2/Li2O2 potential. The kinetics obtained
with BP55 present remarkable characteristics. The mediated oxidation kinetics on Li2O2

and KO2 are similar which indicates very fast overall reaction, roughly �ve times faster than
the second fastest (DMPZ). Maximized mediator kinetics should, hence, be able to increase
tremendously the charging rate in metal-O2 batteries. The superoxide reaction kinetic of
BP55 is moreover almost twice as fast as disproportionation in the presence of TBA+ ions. By
optimizing oxidation mediator designs, it is, thus, possible to outspeed the disproportionation
rate and reduce the 1O2 occurrence.
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6.2 Designing ef�cient oxidation mediators

Oxidation mediators have mostly been studied for their redox potential, stability with the
electrolyte or chemical nature [7–9]. In the ch. 5, we showed that an oxidation mediator must,
in addition to being chemically stable, present a high stability towards 1O2 and a high reaction
kinetic towards superoxide to allow for long term cyclability. The mediator oxidation kinetics
appears to be govern by their redox potential but not in a simple fashion with growing
kinetics as the driving force increases. The origin of this dependence needs to be understood
to design fast and ef�cient mediators for metal air-batteries. Mediator quenching abilities
seem to be correlated with the O2 robustness and must be rationalized. Only clarifying these
effects can provide ef�cient oxidation mediator design rules which are of prime interest for
future mediators and metal-air batteries development.

6.2.1 Kinetics and Marcus Theory

Finding a relationship of oxidation mediator kinetics with their redox potentials has been
attempted previously by scanning electrochemical microscopy but no clear correlation was
determined and the reaction was de�ned as only dependent on the chemical nature of the
mediators, in particular steric hindrance of the redox centre [9]. BP mediator kinetics which
are given in part 6.1.3, yet, present a clear potential dependence despite similar chemical
natures.

A differential electrochemical mass spectrometry study found, on the contrary, a de-
pendency of the potential for the oxygen evolution onset, and hence the kinetic, with the
mediator redox potentials. The trend was shown to follow an outer-sphere mechanism
according to Marcus theory [10]. As Marcus theory predicts a kinetic maximum, the physics
behind its parameters would provide a guideline to achieve fast mediated oxidation rate and
reduce disproportionation importance. Our UV-vis measured kinetics can be decomposed
in two speci�c zones. At �rst, there is an increasing kinetic with increasing potential. Beyond
a maximum at ∼3.2 VLi/Li+ for superoxide oxidation, the electron transfer rate decreases with
growing potential. Such counterintuitive behaviour is predicted for homogeneous electron
transfer by the Marcus theory and termed the "inverted region"[11,12]. Marcus theory based
kinetic exhibits an exponential character similar to an Arrehnius law but with a quadratic
dependence on the reaction driving force according to Eq. 6.1.

kE T = Ze l ·exp(
−∆G ‡

R ·T
) = Ze l ·exp(

−(λ+∆G 0)2

4 ·λ ·R ·T
) (6.1)

with kE T , the electron transfer rate constant (cm·s−1); Ze l , the collision factor (cm·s−1);
∆G ‡, the activation free energy (J·mol−1); ∆G 0, the Gibbs free energy (J·mol−1); λ, the total re-
organization energy (J·mol−1); R , the ideal gas constant (J·K−1·mol−1); and T , the temperature

(K). The activation free energy is hence given by∆G ‡ = (λ+∆G 0)2
4·λ where ∆G 0 is the reaction

driving force and λ represents the energy required to change the nuclear con�gurations of
the reactants and solvent to produce the product states [11,12].
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Figure 6.6: Mediated (su)peroxide oxidation kinetics relationship with Gibbs free energy.
(a) Dependency of k2 to ∆G 0 and associated �t according to Eq. 6.1 resulting in Zel = 9.5·10−3

cm·s−1 and λ = 0.58 eV. The dashed parabolas are obtained for λ ± 0.1 eV. (b) Dependency of
kapp to ∆G 0 and associated �t according to Eq. 6.1 resulting in Zel = 1.2·10−3 cm·s−1 and λ =
0.41 eV.

Marcus theory for electron transfer described in Eq. 6.1 is usually only valid for homo-
geneous reactions and does not apply to redox molecules reacting at metallic conductor
surfaces [11,13]. Alkali oxides are, however, wide band-gap insulators and may justify this
formalism. Considering Zel as a constant in our experiments as �rst approximation, we could
adequately �ts the measured superoxide oxidation kinetic (k2) as a function of the driving
force(−∆G 0 = (E 0

med−E 0
O2/Li2O2

) · F ) in Fig. 6.6(a).

Similarly, the overall reaction (kapp) also follows the same trend, albeit with larger devia-
tions in Fig. 6.6(b); these deviations originate from kapp being a compound rate of different
elementary steps. The use of Marcus theory formalism is thus justi�ed in this case. Marcus
theory implications give guidelines on the choice of the oxidation mediator. The electron
transfer ef�ciency maximum is achieved for λ = −∆G O according Eq. 6.1 which corresponds
to a barrier-less electron transfer (∆G ‡ = 0) as illustrated in Fig. 6.7. The other cases result
in lower kinetics and the appearance of the inverted region in case of −∆G O > lambda. Zel

and λ provide mechanistic tools to maximize the reaction kinetics and avoid 1O2 productions.

λ

∆G°

∆G‡ 2 Hab

q

Figure 6.7: Scheme of donor-acceptor orbitals and Marcus theory parameters. ∆G ‡, ∆G 0,
and λmeanings are given in Eq. 6.1. Hab represents the donor-acceptor coupling and q the
reaction coordinate.

The total reorganization energy can be decomposed between reorganisation in the solid
phase (λM2O2

/λMO2
) and reorganisation of the redox mediator (λmediator). Each reorganization
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energy depends itself on inner and outer parameters. The outer energy (λo) is attributed to
the reorganization of the solvent shell whereas the inner energy (λi) represents the energy
required to change the reactant oxidation state [11,12]. λ is hence composed of four contribu-
tions for mediated alkali oxide oxidation, according to Eq. 6.2 in the case of superoxide. The
reorganisation during mediated oxidation can be further broken down. Electron transfer
involves �rstly the oxide bond breaking λi,MO2

, followed by the solvation of M+ and O2 in the
liquid phase. The outer reorganization energy of the superoxide can then be described as
λo,MO2

= λM+,sol+λO2,sol.

λ=λi,MO2
+λo,MO2

+λi,mediator+λo,mediator (6.2)

A critical consequence of mediators obeying a Marcus behaviour is that all redox medi-
ators can be described by the same kinetic maximum corresponding to a λ of 0.58 eV for
superoxide (i.e. E0

med ∼3.2 VLi/Li+) irrespective to their chemical nature. λ is thus dominated
by the oxide reorganisation energy which outweighs the mediator contributions. From an
energetic point of view, the dominance of λMO2

results from a higher energy required to
break the oxide bond and to solvate M+ as well as O2 than for the mediator reduction per se.
Mediators with similar redox potential such as TDPA+ and MBT2 or Fc+ and I2 yield comparable
kinetics despite considerable chemical differences, supporting this assumption. As little as
mediator reorganization energies appear to be, they could account for small deviations that
we modelled by �tting with λ = λmaximum ±0.1 eV which enclose most of the obtained kinetics.

The mediator reorganization energy is not of prime importance at �rst but still in�uences
the kinetic albeit in smaller range. The mediated oxidation kinetics depend, thus, mostly on
the redox potential of the mediators rather than their chemical structure and their solvation
energy. The electrolyte should be choosen to in�uence the M+ and O2 solvation as described
in part 1.2.1.1. The solvent was shown to have an in�uence on the Li2O2 oxidation onset
potential and hypothetized to facilitate mediated oxidation [14,15]. Further deviations might
arise from Zel modulation between the different mediators. This is supported by BP55+ having
enhanced kinetics compared to the Marcus theory predictions with a constant collision
factor. Zel is in�uenced by complex physico-chemical properties such as the donor-acceptor
coupling, i.e. the diabatic character of the electron tranfer, and was deemed out of scope in
this study [12,16,17]. Overall, our �rst approximation of the Marcus theory to mediated alkali
superoxide oxidation predicts a maximum kinetic around 3.2 VLi/Li+ that should be aimed by
future oxidation mediators. This maximum may, however, depend on the solvent; an effect
that remains to be studied. The reaction kinetic could be even more maximized with proper
tuning of the overall reorganisation energy or the collision factor.

6.2.2 Importance of mediator quenching ef�ciency

The nature of the relationship between the reaction kinetic and the mediator redox potentials
being resolve, the remaining question is the in�uence of the mediator on 1O2 production. We
hence characterised 3O2 and 1O2 releases upon mediated peroxide and superoxide oxidation
for the same wide range of mediators used for kinetic determinations in part 6.1.3 by a
combination of MS, UV-vis spectroscopy and HPLC according to Appendices A.4, A.5, and
A.6. The results are depicted in Fig. 6.8, scaled to the theoretical O2 yield.
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Figure 6.8: 3O2 and 1O2 yields upon mediated peroxide and superoxide oxidations for a
wide selection of mediators. 3O2 and 1O2 evolutions obtained by the addition of 10 mM
oxidized mediators in TEGDME to an excess of (a) Li2O2 or (b) KO2. The bars are positioned
according to the redox potential of the respective mediators. The red dashed line indicates
the thermodynamic thresholds for 1O2 evolution from LiO2 oxidation.

Considering �rst the mediators with a potential above ∼3.5 VLi/Li+, a signi�cant lack of 3O2

evolution can be noticed accompanied with 1O2 for both peroxide and superoxide oxidations.
This con�rms 1O2 generation by mediated alkali oxide oxidation above the 1O2 potential
threshold in addition to disproportionation. Similarly, TDPA+ can form spontaneously TDPA2+

which has a redox potential around ∼3.5 VLi/Li+ as shown in part 5.4.2. TDPA2+ formation
results in 1O2 production from superoxide in absence of disproportionation. I2 shows, yet,
improved ef�ciency in absence of disproportionation during superoxide oxidation whereas
the others give lower yields. Both I2 and I– are molecules known for their 1O2 quenching
ef�ciency by means of heavy-atom colliders effect [18–20]. The quenching character of I–/I2

might explain the observed difference as 1O2 can only be formed in the vicinity of the iodide
by mediated oxidation followed by a potential 1O2 quenching whereas disproportionation
would dominate in presence of Li+ ions.

Using mediators below ∼3.5 VLi/Li+ can only lead to 1O2 evolution through disproportion-
ation. As described for MBT2 in part 5.2.1, only a negligible 1O2 amount is produced upon
KO2 oxidation, hence in absence of disproportionation. Li2O2 oxidation, yet, yields different
behaviour between MBT2 and BP55+, TMPD+, DMPZ+ or BP56+. The low 1O2 amount during
peroxide oxidation compared to MBT2 can be explained by a reduced disproportionation
proportion for the fast kinetic BP55+. The other mediators, however, possess similar or lower
kinetics than MBT2. We do not exclude possible undetected side reaction or in�uence of the
MBT–/MBT2 couples on disproportionation. The quenching proprieties of the mediators can
additionally be the origin of deviations as for the I –

3 /I2 couples.

To compare the 1O2 quenching ef�ciency of different mediators, the quenching rate
constants can be used. We either determined the quenching rates using the UV-vis spec-
troscopy protocol already discussed in ch. 4 and given in Appendix A.7 in the case of DMPZ
or TDPA or were obtained from literature [6,18,19,21]. To take into account the in�uence of the
electrolyte, the quenching rate of DABCO was used as a reference in �rst approximation,
being a well known and studied quencher. The rates were then converted to the theoritical
rates in acetonitrile using this reference quencher. The resulting quenching rate contants
are given as a function of the mediator redox potentials in Fig. 6.9. The line with a slope of
104/V is added as a guide since the quenching ef�ciency depends on the oxidation potential
of the molecule for the charge transfer mechanism, as discussed in part 4.1 and observed for
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the BP mediators. The quenching ef�ciency may nevertheless signi�cantly differ between
chemical classes [20,22].
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Figure 6.9: 1O2 quenching rate constants of mediators as a function of their redox potential
in acetonitrile.

I2 presents indeed a highly improved quenching rate constant compared to the other
high potential mediators which may partly be responsible for the higher 3O2 yield. DMPZ
has one of the best 1O2 quenching ef�ciencies which may also contribute to its improved
stability with 1O2, in addition to the relatively unfavoured decomposition reactions [23]. This
high quenching ability is accompanied by a negligible amount 1O2 release and high 3O2 yield
during alkali oxide oxidation. The search for improved mediator stability with 1O2 advocates
for low potential mediators and the occurrence of quenching moieties on the molecule such
as tertiary amines. The 1O2 quenching rates of future mediators ought thus to be determined
in addition to quantify the stability of the mediators in contact with 1O2.

6.2.3 Consequences for oxidation mediators

1O2 has crucial consequences on metal-air parasitic chemistry. To achieved 1O2-free me-
diated cells, the main parameters to optimize are the mediator kinetics and quenching
ef�ciencies. The oxidation kinetics are mostly governed by the mediator potentials with an
optimum at ∼3.2 VLi/Li+ and decreasing values below and above, according to the Marcus
theory. The maximum kinetic could be more re�ned through complex physico-chemical
parameters. Next to the the mediator redox potential in�uencing the quenching ability as
shown for the BP mediators, the chemical nature of the mediators is also of prime importance.
The chemical class of the mediator should hence be mostly selected to provide an ef�cient
1O2 quenching rather than for their alkali oxide oxidation ef�ciency. Sankey diagrams reveal
themselves as a helpful representation of these complex interactions, given for BP55, DMPZ
and BP66 in Fig. 6.10 as examples for low and high redox potential mediators. The diagrams
for the other studied mediators are given in Appendix E.3.5



Chapter 6. Designing oxidation mediators to suppress 1O2 formation 163

BP55+ BP55

Li2O2 LiO2

BP55

1

0

O2 / 2 BP55+ 

1O2

BP55+ BP55

k2k1

DISP

Q

3O2

DMPZ

DISP

Q

O2 / 2 DMPZ+ 
1

0

DMPZ+ DMPZ

Li2O2 LiO2
1O2

DMPZ+ DMPZ

k2k1

3O2

O2 / 2 BP66+ 
BP66

Q
DISP

Q

BP66+ BP66

Li2O2 LiO2
1O2

BP66+ BP66

k2k1

3O2

1

0

(a) (b) (c)

Figure 6.10: Sankey plots of relative reaction rates during mediated Li2O2 oxidation for
selected mediators. The width of the arrows is proportional to the rate assuming 10 mM of
(a) BP55+, (b) DMPZ+ and (c) BP66+. The vertical scale bar corresponds to 1×10−7 mol·cm−2·s−1.
1O2 quenching by the mediator is denoted by Q. The 3O2 and 1O2 yields per 2 equivalent of
oxidized mediators are given at the right of each panel.

In our Sankey diagrams, the width of the arrows are proportional to the rates of the
individual steps and the bar graph at the right shows the shares of 3O2 and 1O2 obtained. The
diagrams allow for easily comparing the different step rates for a mediator and between the
mediators. The quenching in�uence can be seen via the bar graph and lower 1O2 amount
than expected. To approximate the �rst one-electron transfer kinetic (k1) which cannot
directly be measured, the relationship between the different reaction steps must �rst be
discussed. A strongly dominant disproportionation rate leads to negligible second one-
electron transfer, as for high potential mediators (illustrated by the BP66 in Fig. 6.10(c)). In this
case, the overall mediator consumption observed by kapp is overwhelmingly due to the �rst
electron transfer and can be approximate as k1. As the second one-electron transfer rate is
getting closer to disproportionation rate for low potential mediators, e.g. DMPZ in Fig. 6.10(b),
the second one-electron reaction is non negligible any more and some mediators will be
consumed during the second one-electron transfer. We approximated k1 in this case by kapp

as disproportionation is still dominant and the overall reaction rate is much smaller than
k2. This indicates that k1 is largely slower than the other two process and so susceptible to a
smaller absolute error. BP55 is the exception with a faster second electron transfer rate than
the disproportionation in Fig. 6.10(a). The obtained k2 is moreover similar to the kapp of the
overall reaction. In the extreme case, disproportionation would be negligible as the second
electron transfer would be suf�ciently fast to consume every superoxide intermediates
formed in the �rst step. The overall consumption rate would hence be only be composed of
the two one-electron steps, as the second e– transfer will immediately follow the �rst one.
kapp can then be equally divided between k1 and k2 in this case. We chose to represent BP55
as this extreme case with k1 = kapp/2. In reality, as disproportionation is not negligible even
for this mediator, k1 might be larger to the one shown which is the lower range of the �rst
electron transfer kinetic. For all mediators, nevertheless, the combined disproportionation
and second electron transfer is faster than the �rst one which indicates that the �rst electron
extraction is the rate limiting step of mediated peroxide oxidation.

An estimated proportion of disproportionation compared to superoxide oxidation rate
can be visualized with Sankey diagrams and be related to the amount of singlet oxygen. It
arises from the BP55 diagram that fast second electron transfer may suppress, but cannot
fully eliminate 1O2 production. The absence of signi�cant 1O2 detection or lack of 3O2 for
BP55 or DMPZ on Li2O2 suggests that the mediators’ ability to quench 1O2 is a indeed a re-
quirement for future mediators. Sankey diagram could then be used to compare future
mediator kinetics and O2 yields. We propose, �nally, as criteria for an ef�cient mediator
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design, in addition to chemical stability, a maximized kinetic using the Marcus theory and a
maximized 1O2 quenching ef�ciency via the chemical nature of the mediators. As shown by
the BP55 results, only abiding by these rules may allow a fast reaction rate, minimized 1O2

occurrence and as �nality improved metal-O2 charge.
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Conclusion

To conclude, we deciphered in the previous chapter the mechanism of mediated alkali
peroxide and superoxide oxidation which explains 1O2 generation. Highly reactive 1O2 should
be avoided by all means to achieve long term cyclability. 1O2 can evolve form mediated
oxidation above a potential threshold of ∼3.5 VLi/Li+ and thus high redox potential mediators
are to be avoided. As the mediated oxidation is composed of a two step oxidation, the initially
formed superoxide is exposed to disproportionation and subsequent 1O2 production. Only
high mediated oxidation rates could decrease the proportion of disproportionation and
must be aimed for.

We could show that the oxidation rates go through a maximum at ∼3.2 VLi/Li+ for superox-
ide and decrease at lower and higher potential. Such behaviour is described by the Marcus
inverted region which predicts a quadratic dependency of the kinetics with the reaction
driving force. A kinetic trend following Marcus theory has serious consequences. We could
derive that the mediator chemical nature is of secondary importance next to its redox poten-
tial considering the reaction kinetic. The overall reorganisation energy is dominated by the
oxide reorganisation energy which should be studied more deeply to optimize the reaction
kinetic. Small deviations nevertheless can be ascribed to the chemical nature of the mediator
and complex physico-chemical parameters, such as the donor-acceptor coupling, that could
be further optimized in future oxidation mediators. The maximum kinetic obtained was
suf�ciently high to overcome the disproportionation rate and hence to ef�ciently reduce
the 1O2 production. The reaction rates on peroxide and superoxide were moreover similar
with BP55. This indicates that the overall reaction rate can also be optimized as the peroxide
rate is signi�cantly slower for the other mediators.

Using Sankey diagrams, disproportionation appears as an inevitable process which can
only be diminished by high superoxide reaction kinetics. The presence of quenching moieties
appears thus very desirable for oxidation mediators. The highest 3O2 yields were observed
with mediators incorporating a quenching moiety such as tertiary amines. The quenching
ef�ciency shows a rough dependence on the mediator potential and additionally depends
highly on the mediator chemical class. If the chemical nature of the mediator does not
in�uence greatly the reaction kinetic, this one should be chosen to provide an ef�cient 1O2

quenching. We showed in the previous chapter that quenching moieties furthermore confer
a higher resistivity to oxidation mediator deactivation induced by 1O2.

The design rules drawn from the uses of organic hydrazines as oxidation mediators can
be sum up in three parameters. First, a high chemical stability is needed towards peroxide,
superoxide and molecular oxygen. Second, the mediators should have optimized oxidation
kinetics. To this end, the Marcus theory and the physical meaning behind its parameters can
be used and have shown that a redox potential around 3.2 VLi/Li+ should be targeted. Finally,
the oxidation mediator chemical nature should be chosen to provide a high quenching
activity. Organic hydrazines provide a new class of oxidation mediators, easily tunable
through organic chemistry, that could be further optimized according to these design rules
to achieve truly ef�cient metal-O2 charge mediation.
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Conclusions

This thesis brings to light the importance of the often overlooked 1O2 in metal-air batteries.
1O2 presence and formation mechanisms described here engenders radical implications for
the future of metal-air technologies, notably concerning its mitigation.

Firstly, we presented the complex non-aqueous metal-air chemistry arising from its
"beyond-intercation" strategy. While many unknowns remain, the overall reaction pro-
cess has been re�ned during the last few years. The formation/consumption of peroxide
is known to proceed via two possible reaction pathways deeply intertwined with the cell
components and cycling parameters. Following the formation of superoxide-like structures
after a one-electron reduction/oxidation, the reaction can proceed via another one-electron
reduction/oxidation or superoxide disproportionation. The proportion of each pathways
governs the morphology and conductivity of the deposit which might form away from the
electrode leading to "dead" capacity. Cells components such as the electrodes and electrolyte
have also evolved to ensure better stability to the aggressive reduced oxygen species and
improve the oxide accommodation. Yet, chemical instability remains the main hurdle to
non-aqueous metal-air technologies democratisation, especially during charge.

We partly attribute the parasitic chemistry preventing the cyclability of metal-air batteries
to an oxygen singlet excited state (1∆g ), 1O2 or singlet oxygen for short. Singlet oxygen is
known for its reactivity towards organic molecules, including metal-air cell components.
Metal-air batteries involve species in three different states (liquid, solid and gas) and we
presented adapted in/ex-situ analytical methods to determine the reaction yield, parasitic
products and singlet oxygen production. We associated among others pressure measure-
ment, electrochemistry, UV-vis spectroscopy, mass spectrometry, and high-performance
liquid chromatography to in �ne provide mechanistic insights. Three formation routes for
1O2 could be identi�ed in metal-air batteries. First, direct alkali oxide oxidation could yield
1O2 above a potential suf�cient to overcome the activation energy barrier to its formation
which correlates with the increased side reactivity at high overpotentials. Second, we showed
that the disproportionation reaction can also produce 1O2 oxygen at all stages of cycling, elu-
cidating the 1O2 presence during discharge. Finally, side product oxidations, such as Li2CO3,
can result in its formation. Li2CO3 is a common passivation agent in lithium chemistry and
singlet oxygen is bound to be a harmful in�uence in non-aqueous alkali based batteries at
high potentials.

Disproportionation is the only 1O2 formation route at all stages of cycling and we have
deciphered the disproportionation mechanism that was found to be heavily dependent on
the cations present. Hard Lewis acidic cations will drive disproportionation; presence of soft
Lewis acid favoured, however, the formation of singlet oxygen, up to ∼20% of the total O2 re-
lease, and leads to depreciated reaction yields during both charge and discharge. The release
of singlet oxygen by disproportionation has severe consequences, notably concerning the
discharge product of Na-O2 which is often identi�ed as NaO2. Over time, disproportionation
will lead to irreversible cell damage and peroxide should be aimed as a reaction product. The
action of soft Lewis acid, often found as primary motifs in ionic liquids, could furthermore
prevent their uses in metal-air batteries.

The main aftermath of singlet oxygen production by disproportionation is its inevitability
with the current knowledge on Li-O2 and Na-O2 chemistries. Development of mitigation
means is thus a necessary step towards long cell lifetime. To this effect, we presented the
in�uence of an adapted physical 1O2 quencher, namely PeDTFSI. Through organic synthesis
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tools, the known quencher DABCO was tuned to increase its electrochemical stability and
solubility while retaining suf�cient quenching activity. PeDTFSI addition as an electrolyte
additive demonstrated dramatic improvement on the reaction yields both during charge and
discharge. Beside being a �rst building block for a new class of additives, our 1O2 quencher
study provides better insight into the role of singlet oxygen in the deterioration of metal-air
cells. Despite the small amount of 1O2 detected in similar conditions without a 1O2 quencher,
the carbonate productions were diminished by ∼86% in discharge with PeDTFSI addition in
high concentration. Hence, 1O2 presence should not be overlooked and is a signi�cant factor
to ensure promising reaction yields.

Among promising additives that were hypothesized to reduce parasitic chemistries, we
investigated oxidation mediators that would allow complete cell recharge at high rates and
low overpotentials. To do so, the mediators ensure the charge transport rather than the
insulating oxides and �x the reaction potential to their own redox potential. The exact
reaction mechanism was not fully understood to date and we unravelled it thanks to our
analytical methods and the 1O2 presence. The mediated reaction appears similar to the
classical reaction in terms of a two steps reaction leading to the formation of superoxide as
intermediate product. The formation of 1O2 is hence still possible through the same reaction
pathways (oxidation at high overpotentials, superoxide disproportionation and possibly
Li2CO3 oxidation). The occurrence of disproportionation could, however, be reduced if the
mediated reaction kinetic is suf�ciently high with superoxide. Oxidation mediators are often
organic molecules owing to their tunable potentials which present, however, compatibility
issues with 1O2 production. We could show that the chemical nature of the mediators is of
prime importance in this matter and should be chosen accordingly. Finally, we found that
chemical stability of proposed mediators with oxygenated species is often overlooked and
would lead to a quick accumulation of unwanted products in the cells.

Drawing conclusions from our mediators study, we have proposed design rules and
in-depth mechanical insights to achieve ef�cient 1O2-free mediated batteries. To exemplify
these rules, we used organic hydrazines as a new class of mediators with easily tunable
potential and 1O2 quenching moeties. The reaction kinetic was revealed to follow the Marcus
theory and hence present a maximum in function of the mediator potentials that was deter-
mined to be ∼3.2 VLi/Li+ for superoxide. Bipyrrolidine possesses moreover a faster reaction
rate than superoxide disproportionation resulting in a lower occurrence of 1O2 formation.
The reaction is dominated by the reorganisation energy in the solid phase and the kinetic
is, hence, largely unchanged by the chemical nature of the mediators. The chemical class,
however, is of prime importance for the stability towards 1O2 reactivity. The presence of
quenching moieties as tertiary amines resulted in higher mediated reaction yields arising
from the conversion of 1O2 to its ground state. This effect should protect the mediators on
long term cycling and is highly desirable. This thesis provides thus three major design rules
for ef�cient oxidation mediators with low 1O2 release: a good chemical stability towards
oxygenated species, a redox potential chosen according to the Marcus theory (∼3.2 VLi/Li+)
and a chemical nature resulting in ef�cient 1O2 physical quenching.

Singlet oxygen presence has signi�cant consequences in terms of cell component design
and should be mediated either via quenching effects or fast mediated reaction kinetics. This
thesis compiles our �rst attempt to reach long term cyclability in metal-air cells by means of
in depth mechanistic understandings of the reactions and their consequences regarding the
1O2 formation which were previously lacking. Following researches should aim to continue
to put emphasis on reaction mechanisms to provide realistic metal-air cell designs. Among
possible leads, study of the reduction mediators should be conducted to reduce dispro-



portionation proportion during discharge, as well as �ne tuning of the kinetic of oxidation
mediators using the Marcus theory parameters. If these studies focus on parasitic chemistry
sources, investigation of cathode deformations upon oxide formation/consumption should
be performed to ensure long lifetime of the electrodes. Metal-air chemistries keep an im-
mense potential for future high capacity storage devices that could be unlock in the future
as presented through this work.



Methods

Scienti�c method is concerned with ef�cient ways of generating knowledge.
George Box
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A.1 Swagelock cell design and electrode making

If not mentioned otherwise, electrochemical measurements were performed using a three
electrodes home-made swagelock cell which design is illustrated in Fig. A.1. The gas-tight
swaglock cells are designed to allow recovery of the electrodes and electrolyte. The working
electrodes used were made by mixing a slurry comprised of activated carbon (Ketjen black
EC600JD, Lion Specialty Chemicals Co. or Super C65, Imerys) and PTFE binder (suspension
of 60%w in H2O, Sigma Aldrich) in isopropanol at a 9:1 ratio (w/w). The slurry was then
coated on a stainless steel mesh current collector or pressed into a free standing electrode
after partial isopropanol evaporation. The electrodes were dried at 60◦C for 30 minutes,
washed in 1:1 acetone/water ratio (v/v) and subsequently dry over for 12 hours at 60◦C. After
weighing, the electrodes were vacuum dried for at 120◦C for 6 hours and stored in an Ar �lled
glovebox without exposure to air. The counter electrode had three-fold the expected capac-
ity of the working electrode and typical working electrodes had a carbon mass loading of 1 mg.

Reference electrode

Working electrodeCounter electrode

Figure A.1: Scheme of a home-made swagelock cell. The gas-tight cell is composed of a tee
tube �tting in per�uoroalkoxy polymer (Swagelock) and stainless steel plungers (grade SAE
316L).

In the case of Li2O2 pre�lled working electrodes, high purity lithium peroxide was �rst
synthesized from lithium metal as previously described [6]. 13 mL of distilled water, bubbled
with argon, were added to 0.5 g of lithium under argon atmosphere. After drying under
vacuum, the obtained LiOH was added to 18 mL H2O2 (30%w, Carl Roth GmbH), previously
bubbled with argon, under agitation for 30 minutes under argon atmosphere. Li2O2 can then
be recovered, after vacuum drying of the suspension, and was further dried at 60◦C overnight
under vacuum before being stored in Ar atmosphere. The Li2O2 purity was con�rmed by
ATR-FTIR, XRD and carbonate/carboxylate analysis. To form the electrodes, Li2O2 was �rst
ground with Super C65 carbon (1:9, w/w) for 1.5 hours in a planetary ball mill (Pulverisette 7,
Fritsch) at 200 rpm with ZrO2 grinding balls under Ar. A Super C65/PTFE mixture (1:1, w/w)
was produced as described earlier. Then, the Li2O2/C and C/PTFE powders were mixed to
form a Li2O2/C/PTFE (1:8:1, w/w) slurry which was coated onto steel grids.

Free standing counter electrodes were produced similarly from a slurry of activated
carbon, partially delithiated lithium iron phosphate (LFP, MTI Corporation) and PTFE at a
8:1:1 ratio (w/w). Delithiated LFP was obtained by stirring a LFP suspension in acetic acid
(200 µL, 99.5%, Sigma Aldrich), H2O2 (500 µL, 30%w) and distilled water (5 mL) for 2 hours.
The obtained delithiated LFP was recovered by multiple centrifugations and water washings
before drying at 60◦C overnight.

The reference electrode were either lithium metal or free standing LFP electrodes with
a known potential. The electrolyte were absorbed into glass �bre separators which were
washed with ethanol and dried 12 hours at 120 °C under vacuum before use.
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The cells were built by stacking the counter electrode, a glass �bre separator �lled with a
known amount of electrolyte (∼ 100 µL) and the working electrode inside the central cell
cavity and contacted by stainless cell pistons as indicated in Fig. A.1. The reference electrodes
were insert with a glass �ber separator on the side cavity and sealed with a stainless steel
piston. The cell includes a gas reservoir which was purged with high purity O2 (N5.0) prior
measurements.

A.2 In-situ cell pressure monitoring

Gas consumption/production were monitored by means of a three electrodes PAT-Cell-Press
(EL-Cell GmbH) with a built-in pressure transducer in a controlled temperature environ-
ment which was relied to a potentiostat/galvanostat (MPG-2, Bio-Logic Science Instruments).
The PAT-Cell-press is depicted in Fig. A.2 and can be used in a similar fashion than the
swagelock design described in the previous part, including recovering of the electrodes and
electrolyte for further analyses. The pressure is recorded over time by the pressure trans-
ducer and can be expressed in function of the electrochemical parameters as the current.
The pressure can then be converted to the gas production with the ideal gas law given in
Eq. A.1 and related to the theoretical gas evolution in function of the capacity by means of
the Faraday law expressed in Eq. A.2. An example of the resultant analysis is given in Fig. 2.6(a).

P ·V = n ·R ·T (A.1)

n =
I · t
F · z

(A.2)

with P , the pressure (Pa); V , the gas volume (m3); n , the number of moles (mol); R , the ideal
gas constant (8.314 J·K−1·mol−1); T , the temperature (K); I , the current (A); t, the time (s); F ,
the Faraday constant (96485 C·mol−1); and z , the valence number of the ions.

Figure A.2: Scheme of a PAT-Cell-Press cell. The gas-tight cell comprises a built-in pressure
transducer.
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A.3 Controlled 1O2 production

To quantify singlet oxygen production and reactivity, 1O2 was generated photochemically by
means of a photosenzitizer, Palladium (II) meso-tetra(4-�uorophenyl-9-tetrabenzoporphyrin)
(Pd4F) [7] depicted in Fig. A.3. 1 µM Pd4F, in continuously O2 saturated solutions, were illumi-
nated at 643 nm with a LED light source (OSRAM Oslon SSl80, 643 nm, 7 W) in a hermetically
sealed cuvette. The irradiation wavelength correspond to the porphyrin macrocyle absorp-
tion band as illustrated in Fig. A.3. Upon Pd4F photoexcitation, 1O2 is produced as described
in part 2.2.1.
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Figure A.3: Pd4F UV-vis spectrum and structure.

Photobleaching and reaction of the photosensitizer with singlet oxygen were considered
as negligible in the time span of the experiments. To comfort this hypothesis, no absorbance
decay of the sensitizer was observed during the experiments. Pd4F was synthesized according
to a previously reported procedure [7].

A.4 DMA-O2 quanti�cation by high-performance liquid chromatog-
raphy

As described in part 2.2.3, 1O2 can be quanti�ed by the DMA-O2 production. HPLC was
performed to characterise the DMA to DMA-O2 conversion after electrolyte extraction. The
swagelock cell can be opened inside an Ar �lled glovebox and the electrolyte recovered. The
cell components were rinsed with 400 µL of DME and sonicated in an ultrasonic bath for 10
minutes under exclusion of light, heat and air followed by a centrifugation. The supernatant
was transferred and DME removed by evaporation under a N2 stream at room temperature.
The residue was dissolved in DME to reach the optimum concentration (∼1 mgDMA·L−1) and
a volume of 2 µL was injected into the HPLC.

The HPLC procedure was optimized for a 1200 Series HPLC (Agilent Technology) using
an UV-Vis detector (Agilent Technology G1365C MWD SL). The eluant, composed of water
containing 0.01% formic acid (solvent A) and acetonitrile (solvent B), was monitored at the
210 nm wavelength. The analytes were separated by means of a pre-column (UHPLC 3PK,
Poroshell 120 EC-C8 3.0 mm x 5 mm, Ø 2.7 µm, Agilent Technology) and a reversed-phase
column (Poroshell 120 EC-C8, 3.0 mm x 100 mm, Ø 2.7 µm, Agilent Technology). The elu-
tion was maintained at a 0.7 mL·min−1 �ow rate and a 20◦C temperature with a gradient
eluant starting at 50/50 solvent A/solvent B (v/v) to 100% solvent B. The resultant spectra
are exempli�ed in Fig. 2.5(a). The surface under the peaks corresponding to each substance
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retention times can then be used to calculate the amount of each analytes. The HPLC process
was calibrated by reacting a known amount of DMA with photochemically produced 1O2 to
produce DMA-O2 in a known quantity subsequently analysed by HPLC.

A.5 3O2 and carbonate quanti�cations by mass spectrometry

Quantify 3O2 and carbonate productions either from disproportionation, mediated oxidation
or as cell side products were performed with a commercial quadrupole mass spectrometer
(Balzers) with a turbomolecular pump (Pfeiffer). The gas �ow was 5 mL/min (high purity Ar
6.0) in stainless steel tubing thanks to a membrane pump and a leak inlet controlled by a
digital mass �ow controller (Bronkhorst). The detector was calibrated for the different gases
studied (Ar, O2, CO2). All calibrations and quanti�cations were performed using in-house
programs. The gas release can be quanti�ed by integration over time and related to the
theoretical amount formed.

The setup itself consists in a glass vial, of a 7 mL volume, sealed via a �at rubber seal and
a clamped PEEK cap with glued in exhaust PEEK tubes and exchangeable septums. A stirring
bar ensures the solution homogenisation during the experiments. During the measurements,
the reagents were added through a septum using a gas tight syringe (Hamilton) and the gas
�ow was regulated using a four-way valve. Before the measurements were started, all so-
lutions were degassed with N2 for at least 15 minutes to remove possible dissolved CO2 and O2.

In the case of O2 release by disproportionation and mediated oxidation, an known amount
of electrolyte containing the studied cations or mediators in TEGDME was injected onto an
known amount of KO2 or Li2O2 powder. To quantify carbonates and Li2O2 or Na2O2/NaO2,
0.5 mL of 1 M H2SO4 were �rst injected to quantify inorganic carbonate and a part of the
oxide by gas releases. After reaction, a sample was collected to reach 0.1 ml of solution in
the MS setup. The solution was then diluted by 3 mL of H2O. Finally, 0.5 mL of 0.5 M FeSO4

and 0.15 mL of 10%w H2O2 in 0.1 M H2SO4 were added to drive CO2 release form organic
carbonates. The peak areas can then be ascribed to the amount of each analytes with low
errors as depicted in Fig. A.4.
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Figure A.4: O2 and CO2 releases during Li-air electrode analysis by MS. The CO2 and O2

production are represented respectively in brown and blue. Each steps of the quanti�cation
process is denoted by the coloured background.
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A.6 Peroxide and superoxide quanti�cations by UV-vis spectroscopy

Superoxide and peroxide were quanti�ed by combining UV-vis spectrospcopy and MS
measurement. We will consider here the characterisation of peroxide as this thesis focus on
Li-O2 chemistry, the superoxide or mixed peroxide/superoxide calculations can be found
more precisely in literature [1]. Acid addition to the M2O2 contained in the electrode (with M=
Li, Na) will drive the formation of H2O2 according to Eq. A.3. H2O2 will partly decompose
to O2 following Eq. A.4. The remaining H2O2 in solution is then detected through a UV-vis
spectrometer (UV-1800, Shimadzu) whereas O2 evolution is detected by mass spectrometry
as decribed in Appendix A.5. 2 w% Ti(IV)-oxysulfate (15 % in dilute H2SO4, 99.5% purity, Sigma
aldrich) in 1 M H2SO4 is added to 0.1 mL of the MS extract to form the photo-active [Ti(O 2–

2 )]2+

complex by reaction with H2O2.

M2O2 + 2 H2O H2O2 + 2 MOH (A.3)

H2O2 H2O +
1

2
O2 (A.4)

One mole of O2 detected by MS is hence equivalent to two moles of M2O2 whereas one
mole of [Ti(O 2–

2 )]2+ correspond to one mole of M2O2. [Ti(O 2–
2 )]2+ complex present a maximum

absorbance at 405 nm, illustrated in Fig. A.5, which was calibrated using high purity Li2O2

synthesized as previously described in part A.1. The procedures to quantify superoxide and
superoxide/peroxide mixture are similar but different ratio have to be applied to convert
the O2 and [Ti(O 2–

2 )]2+ amounts to the starting species amounts. The ratios are given in Eq.
A.5 and Eq. A.6 for pure peroxide and superoxide respectively.
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Figure A.5: [Ti(O 2–
2 )]2+ UV-vis spectrum.

nM2O2
= nH2O2

+2 ·nO2
(A.5)

nMO2
=

4

3
(nO2

+
1

2
·nH2O2

) (A.6)

With n , the mole amount of the indicated species.
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A.7 1O2 quenching rate determination by UV-vis spectroscopy

The 1O2 quenching rates were measured via a 1 cm high precision quartz cell (Hellma An-
alytics) with a gas tight injection lid and a UV-vis spectrometer (UV-1800, Shimadzu). The
cuvette was �lled with 1 mL of a TEGDME solution containing 1 µM Pd4F, 80 DMAµM, a given
quencher concentration and a stirring bar placed at the bottom in an Ar glovebox. 1O2 was
produced photochemically according to the process described in A.3. The DMA concentra-
tion decay upon contact with 1O2 was measured by means of the UV-Vis absorbance at 379
nm, corresponding to a absorbtion band of DMA as depicted in Fig. 2.5. The solution was
bubbled with high purity oxygen at a �ow rate of 1 mL·min−1 for 20 minutes prior measure-
ment as well as during illumination. Photogenation of 1O2 was performed by illuminating
at a light density of 6.245 µmol·s−1·m−2 for a given time, followed by 60 seconds stirring
without illumination to ensure a homogeneous solution. After each illumination step, an
absorbance spectrum was recorded. In consideration of the solvent and photosensitizer
self-absorbance, all recorded spectra were subjected to solvent background correction
and baseline correction. Due to possible overlap of UV-vis spectra between the quenchers
and the DMA, a deconvolution of the species spectrum was done using their respective
attenuation coef�cient if needed. The attenuation coef�cients were obtained before hand
through Beer-Lambert’s law given in Eq. A.7. The decay of the DMA concentration was �tted
by pseudo-�rst order kinetic as described by Eq. A.8 as �rst approximation, considering
the 1O2 concentration as constant through the experiments [8]. The derivatives were used to
compare the ef�ciency of the quenchers.

A = ε ·C ·d (A.7)

C =C0 · e −k t (A.8)

With A, the absorbance (-); ε, the molar attenuation coef�cient (L·mol−1·cm−1); C , the con-
centration (mol·L−1); d , the cuvette pathlength (cm); C0, the initial concentration (mol·L−1); k ,
the quenching rate constant (s−1); and t , the time (s).

A.8 Oxidation mediator kinetic by UV-vis spectroscopy

Determination of the oxidation mediator kinetics was performed using 7 mm diameter and
1 mm thick KO2 or Li2O2 pellets, which were placed at the bottom of a 1 cm gas tight high
precision quartz cuvette (Hellma Analytics) with a magnetic stirrer. Li2O2 and KO2 pellets
were obtained by pressing Li2O2 (synthetized in-house) or KO2 (Sigma Aldrich) powder with
a die set in an Ar �lled glove box. A solution of the chemically oxidized mediators, to avoid
presence of Li+ ions, at an adequate concentration was injected on top of the pellet.

The consumption of the Medox/release of Medred were then monitored by the solution
absorbance change over time. The concentrations of Medox/Medred were recalculated thanks
to the spectra of the pure mediators in both forms recorded beforehand. The Medox/Medred

decay/appearance were then �tted according to the equations given in Tab. D.2. As for the
quenching kinetic, the derivative was used to compare the kinetic rate of the mediator. The
kinetic rate constants were recalculated by approximating the reaction kinetic to a pseudo-
�rst order reaction (ν=−k ·C0).
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A.9 Disproportionation kinetic by pressure monitoring

7 mm diameter and 1 mm thick KO2 or Li2O2 pellets were used to measure the O2 evolution
rate during the disproportionation reaction. The pellets were placed at the bottom of a
tight glass vessel with a known volume connected to a high-precision pressure transducer
(PAA35X, Omega). Known amount of electrolytes containing the studied cations in TEGDME
were injected with a gas-tight syringe (Hamilton) through glued-in PEEK tubing and placed
under agitation, similarly than for the oxidation mediator kinetic determination in Appendix
A.8.

The pressure evolution was then monitored as represented by Fig. 5.4 and �tted by
a second order reaction kinetic according to Eq. 5.5, Eq. A.9, Eq. A.10 and Eq. A.11. The
disproportionation rates were then determined at initial time from translating the pressure
to O2 amount using the ideal gas law (Eq. A.1) considering the temperature change upon
injection as negligible.

−
dC

dt
= k ·C 2 (A.9)

with C the concentration (mol·L−1); t , the time (s); and k , the reaction rate constant (mol−1·L·s−1).

1

C
−

1

C0
= k · t

1

(Pf −P0)− (P −P0)
−

1

Pf −P0
= k · t (A.10)

with C0 = Pf −P0 and C = (Pf −P0)− (P −P0); P0 is the initial pressure (Pa), Pf is the �nal pressure
(Pa); Assuming the temperature and the volume constant.

P −P0 =
((Pf −P0)2 ·k · t )
((Pf −P0) ·k · t +1)

(A.11)

A.10 Chemical purity and stability characterisation by NMR

NMR spectra were either recorded on a Bruker Avance III 300 MHz FT NMR spectrometer
with autosampler (300.36 MHz (1H-NMR), 75.53 MHz (13C-NMR)) or on a Varian Inova 500
MHz spectrometer (470.39 MHz (19F-NMR), 132.22 MHz (23Na-NMR)). Chemical shifts (δ)
are referenced to the residual protonated solvent signals as internal standard excepted if
mentioned otherwise. 13C spectra were proton decoupled. The deuterated solvents used
were CDCl3, CH3CN-d3, or DMSO-d6 and precised for each experiments.

Signal multiplicities (J) are abbreviated as s (singlet), d (doublet), t (triplet), and m (multi-
plet). HH-COSY, HMBC and HSQC experiments were recorded if necessary for the correct
assignment of the signals. The deuterated solvent, the chemical shifts, the coupling constant,
the integral and assignment of the respective signals are moreover given for synthesized
molecules.

For measuring stability against superoxide or peroxide, excess of KO2 or Li2O2 were added
to 1 mg of the studied species in DME, or directly in CDCl3 if precised, in Ar atmosphere and
stirred for a given time. DME solutions were then �ltered, dissolved in deuterated solvent
and subjected to 1H-NMR. To assess the stability against O2 and 1O2, 1 mg of the studied
species were dissolved in 1 mL DME. The mixture was saturated with a stream of pure O2. In
the case of 1O2, 1 µM Pd4F was added to the stirred solution which was then irradiated with a
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red LED (643 nm) for a given time with a pure O2 headspace as described in Appendix A.3.
The resultant solutions were then analysed.
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B.1 Chemicals and methods

All chemicals were purchased from Sigma Aldrich, Solvionic and TCI. Unless speci�ed
otherwise, chemicals were used without further puri�cations. Salts contained either the
TFSI– or ClO –

4 anion which was deemed as negligeable in�uence in Fig. 3.5. LiTFSI, LiClO4,
NaClO4, KClO4, TBATFSI and KO2 were dried under vacuum for 24 hours at 80 ◦C before
use and stored in Ar atmosphere. Lithium peroxide (Li2O2) was synthesized as described in
part A.1. KO2 was solubilized by 1,4,7,10,13,16-hexaoxacyclooctadecane (18-crown-6, ≥99%).
9,10-Dimethylanthracene (DMA) was recrystallized from ethanol and its purity con�rmed by
1H-NMR spectroscopy and HPLC analysis. Dimethoxyethane (DME) and tetraethylene glycol
dimethyl ether (TEGDME) were dried over lithium, distilled, further dried and stored over
activated molecular sieves. The water content as measured by Karl–Fischer titration was
below 5 ppm.

Pressure was measured in-situ via a PAT-Cell-Press and the electrodes were built as
described in Appendices A.1 and A.2. O2, 1O2, peroxide and carbonate quanti�cations were
performed as explained in Appendices A.4, A.5, and A.6. The chemical stability studies by
1H-NMR were determined as de�ned in Appendix A.10.

Energies were calculated for solvated species with a solvent dielectric constant of 7.28
(1,1,2-trichloroethane, a value close to short chain glymes, like DME) by density functional
theory (DFT) calculations, adopting a computational approach validated previously and
benchmarked on post-Hartree–Fock calculations [2]. The M06-2X functional and the 6-
31++G(d,p) basis set (unrestricted) [3] was used and solvation effects incorporated using a
self-consistent reaction �eld (SCRF) in continuum solvation model C-PCM. [4].

The �nal computational accuracy for the reaction energies that do not involve the 1O2

species is estimated to be 0.05 eV. The 1O2 molecule computed at the unrestricted M062X
level shows unsatisfactory geometry and frequencies, similarly to the B3LYP functional, due
to the well-known spin-contamination problem [5]. This unavoidable computational limita-
tion at DFT level leads to an underestimate of the 3O2 to 1O2 energy difference and thus to a
worse computational accuracy for all 1O2 release reactions, estimated to be between 0.1-0.15
eV.

All structures were relaxed to their energy ground state and vibrational stability checked
for all the reported reagents, intermediates, and products. The Gibbs energy of each molecu-
lar/ionic species was calculated at 298 K by considering zero-point energies and thermal
effects. All calculations were done using Gaussian16 [6]. The reaction energies for the pre-
cipitation form solvated to solid peroxides were calculated with thermochemical cycles
starting from DFT calculations, the assessed thermodynamic properties of solid phases and
for neutral atoms in the gas phase [7]. The thermodynamics of the TBA+O –

2 ion couple was
calculated at the same level of theory by relaxing the solid ionic couple in the simulated
solvent to a ground state minimum [8].

B.2 Supplementary notes

B.2.1 Mass spectrometry experimental errors

O2, 1O2, peroxide and carbonates produced via superoxide disproportionation in presence
of 0.5 M Li+ and Na+ and either 0.1 MTBA+, EmIm+, EmIm2+, F3CCOOH or no addition in
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TEGDME were quanti�ed at least three times to obtain the measurement errors which are
depicted in Fig. B.1. The errors demonstrate suf�cient accuracy of our quanti�cations to
determine the cation in�uence on disproportionation.
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Figure B.1: O2, 1O2, peroxide and carbonates produced via superoxide disproportionation
and associated error bars. The measurements are shown in Fig. 3.2.

B.2.2 Dissociation and ion exchange reaction free energies

Table B.1: Superoxide dissociation free energies and KO2 ion exchange free energies at 298
K in absence and presence of TFSI–counterions.

Reaction ∆r G0
298 K (eV)

LiO2 Li+ + O –
2 1.21

NaO2 Na+ + O –
2 1.36

KO2 K+ + O –
2 0.71

TBAO2 TBA+ + O –
2 0.44

Li+ + TFSI– + KO2 LiO2 + KTFSI −0.87
Na+ + TFSI– + KO2 NaO2 + KTFSI −1.02

TBA+ + TFSI– + KO2 TBAO2 + KTFSI −0.10

Li+ + KO2 LiO2 + K+ −0.50
Na+ + KO2 NaO2 + K+ −0.64

TBA+ + KO2 TBAO2 + K+ 0.27
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B.2.3 Relative stability of 1M(O2)2M and 3M(O2)2M dimers

Table B.2: Gibbs free energies of 1M(O2)2M and 3M(O2)2M dimers with M = Li, Na, K at 298
K. * corresponds to vibrationally unstable con�guration.

Stochiometry ∆r G0
298 K singlet (eV) ∆r G0

298 K triplet (eV)
Bi-pyramide Cage Chain Chair Bi-pyramide Cage Chain Chair

Li(O2)2Li 1.07 * * * 1.23 0.00 * 0.01
Na(O2)2Na 0.00 * * * 0.35 * * *

K(O2)2K 0.00 * * 0.72 0.47 * * *

B.2.4 Superoxide dimerization free energies

Table B.3: Calculated superoxide dimerization free energies at 298 K in presence of respec-
tively Li+, TBA+ and H+ traces or Na+, TBA+ and H+ traces illustrated in Fig. 3.8 and Fig. 3.9.
* represents a vibrationally unstable molecules. More details on the calculations are given in
Appendix B.1

Reaction ∆r G0
298 K singlet (eV) ∆r G0

298 K triplet (eV)

2 LiO2 Li(O2)2Li 0.99 −0.08
LiO2 + O –

2 Li(O2) –
2 −0.49 −0.52

LiO2 + HO2 H(O2)2Li 0.45 *
2 NaO2 Na(O2)2Na 0.83 1.18

NaO2 + O –
2 Na(O2) –

2 −0.29 −0.32
NaO2 + HO2 H(O2)2Na 0.38 *

B.2.5 Electrochemical curves
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Figure B.2: In�uence of TBA+ on Li-O2 (dis)charge curves. The curves correspond to the
pressure evolution plotted in Fig. 3.13 and Fig. 3.14. (a) Galvanostatic discharge at 100 mA·g−1

c
of Li-O2 cells. (b) Galvanostatic charge at 100 mA·g−1

c of Li-O2 cells. The cells are composed
of carbon working electrodes and LFP counter electrodes as described in Appendix A.1.
The electrolyte used are 30 mM DMA and 0.1 M LiTFSI in black or a total of 1 M Li+/TBA+ in
TEGDME, 1:9 ratio in light purple and 1:99 ratio in dark purple.



186 B.2. Supplementary notes

It can be noted that the discharge voltage plateau decrease with TBA+ addition due to in-
creased viscosity of the electrolyte, and hence an increased reaction resistance.
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C.1 Chemicals and methods

All chemicals were purchased from ABCR Chemicals, Fluka, Merck, Sigma Aldrich, Solvionic,
VWR Chemicals and TCI. Unless speci�ed otherwise, chemicals were used without further
puri�cation. Dichloromethane (DCM) was dried by heating re�uxing for 12 h over P4O10

under inert atmosphere followed by a distillation using a Schlenk �ask. Tetrahydrofuran
(THF) was dried thanks to an aluminum oxide column. LiTFSI was dried under vacuum for
24h at 80°C. Dimethoxyethane (DME) and tetraethylene glycol dimethyl ether (TEGDME)
were dried over lithium, distilled, further dried and stored over activated molecular sieves.
The water content was determined by Karl-Fisher titration and found to be below 5 ppm.
9,10-Dimethylanthracene (DMA) was recrystallized from ethanol and its purity con�rmed
by 1H-NMR spectroscopy and HPLC analysis. 1,4-diazabicyclo[2.2.2]octane (DABCO) was
recrystallized from absolute diethyl ether.

Pressure was measured in-situ via a PAT-Cell-Press and the electrodes were built as
described in Appendices A.1 and A.2. O2, 1O2, peroxide and carbonate quanti�cations were
performed as explained in Appendices A.4, A.5, and A.6. NMR spectra were determined as de-
�ned in Appendix A.10. The 1O2 quenching rates were obtained by UV-vis spectrometry and
photochemically produced 1O2 according to Appendix A.7. Differential Scanning Calorimetry
(DSC, Perkin Elmer DCS 8500) measurements were performed under a nitrogen purge gas
�ow of 20 mL·min−1 and a heating/cooling rate of 10 ◦C·min−1. Cyclic voltammetries were
performed in a three-electrodes cell with a 1 mm glassy carbon working electrode (BAS Inc.),
partially delithiated LFP in 0.1 M LiClO4/TEGDME behind a vycor glass frit as the reference
and a Pt counter electrode inside a glass vial with a PTFE lid. The cells were run inside an Ar
�lled glovebox using a potentiostat/galvanostat (SP-300, Bio-Logic Science Instruments).

C.2 Synthesis

1-pentyl-1,4-diazabicyclo[2.2.2]octan-1-ium bis(tri�uoromethanesulfonyl)imide (PeDTFSI)
was synthetized from 1,4-Diazabicyclo[2.2.2]octan (DABCO) using the following protocol. 1.00
g (8.92 mmol, 2.0 eq.) DABCO and 10mL acetonitrile were placed in a dried round-bottom
�ask. The colorless solution was stirred for 5 minutes at room temperature by dint of a PTFE
covered stirring bar. Once a homogeneous solution was obtained, 552 µL (4.37 mmol, 1.0 eq.)
of 1-bromopentane were added to initiate DABCO quaternization. The solution was stirred
for 16 hours at 70 ◦C. The production of DABCOnium was veri�ed by 1H-NMR spectroscopy.

To perform the ions exchange from Br– to TFSI–, the reaction mixture was diluted with
30 mL of diethyl ether (Et2O) leading to the apparition of two phases. The denser layer
was washed with Et2O (5 mL) three times. The crude product was dried under vacuum
at 10−2 mbar for 5 hours and redissolved in 5 mL of water. 6.66 mL of a 0.5 M lithium
bis(tri�uoromethane)sulfonimide (LiTFSI) solution in H2O were afterwards added at room
temperature. The synthesis process is resumed in Fig. C.1.

The mixture was stirred for 5 min and transferred into a separatory funnel for further
puri�cation. The aqueous phase was extracted with DCM (20mL) three times. The recovered
organic phase was then washed three times with water (10 mL) and dried. The residue was
redissolved in acetone (40 mL) and puri�ed by addition of activated charcoal. After 3 hours
stirring, the solution was �ltered on activated alumina. Finally, the product was dried at 10−2

mbar for 3 hours and recovered for characterisations by 1H-NMR, 13C-NMR, 19F-NMR and
DSC analysis which are depicted in Fig. C.3. The NMR peaks correspond to the number given
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in Fig. C.2 and the shifts further described below.

Figure C.1: Overview of the synthesis route for PeDTFSI.

Figure C.2: Structure and NMR index of PeDTFSI.
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Figure C.3: NMR and DSC characterisations of PeDTFSI. a) 1H-NMR in CDCl3. b) 13C-NMR
in CDCl3. c) 19F-NMR in CDCl3. d) DSC analysis during the third heating phase (endothermal
up).

Yield: 1.83 g (2.97 mmol, 68% o. th.), colorless oil
C13H23F6N3O4S2 [463.45g/mol]
mp: 43-49◦C
1H-NMR (300.36 MHz, CDCl3): δ = 3.32 (t, 6H, 3JH H = 6.6 Hz, H-4, H-5, H-6), 3.13-3.27 (m,

8H, 3JH H = 6.6 Hz, H-1, H-2, H-3, H-7), 1.61-1.79 (m, 2H, H-8), 1.26-1.44 (m, 4H, H-9, H-10), 0.91
(t, 3H, 3JH H = 6.8Hz, H-11).

13C1H-NMR (75.53 MHz, CDCl3): δ = 120.0 (JC F = 322.0 Hz, C-12, C-13), 65.3 (JC N = 2.4Hz,
C-7), 52.8 (JC F = 3.1Hz, C-4, C-5, C-6), 45.3 (C-1, C-2, C-3), 28.3 (C-10), 22.2 (C-9), 21.6 (C-8), 13.8
(C-11).

19F-NMR (470.39 MHz, DMSO-d6): δ = -78.9.
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C.3 Supplementary notes

C.3.1 Donor number determination by 23Na-NMR

The PeDTFSI donor number was determined using 23Na-NMR following a procedure de-
scribed in literature [2]. The NMR shifts of 10 mM NaFSI dissolved in solvents with known DN
were recorded to create a trend line after calibration by 1 M NaCl in D2O, as depicted in Fig.
C.4. Using this trendline, the PeDTFSI donor number could be estimated to 12.5 as shown in
Tab. C.1.

Table C.1: Donor numbers and 23Na-shifts of known solvents and PeDTFSI.

Donor Number 23Na-NMR shift (ppm)

TEGDME 12 −9.13
MeCN 14 −6.43
DME 20 −5.83
NMP 27 −2.67

DMSO 30 −0.14
1,2-diaminoethane 55 12.96

PeDTFSI 12.5 −0.14

–20

–15

–10

–5

0

5

10

15

N
M

R
 s

hi
ft

 (p
pm

)

0 100 200 300 400 500 600

Time (s)

Figure C.4: NaFSI 23Na-NMR shift dependency on solvent donor number. PeDTFSI is noted
in purple and TEGDME in black. The line correspond to the linear �t used to obtain PeDTFSI
value.
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C.3.2 Li-Li cell cycling
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Figure C.5: Cycling of a Lithium metal-lithium metal cell in presence of PeDTFSI. The cell
was cycled at |131| µA for 5 hours steps in a 380 mM PeDTFSI and 1 M LiTFSI TEGDME
electrolyte.

C.3.3 DABCO stability characterisation by 1H-NMR
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Figure C.6: Stability of DABCO in contact with Li2O2, KO2, and 1O2 by 1H-NMR. The spectra
were recorded in CDCl3. The 1H-NMR spectra characterise DABCO (in purple), DABCO after
3h contact with 1O2 (in orange), DABCO after 24h contact with KO2 (in red), and DABCO after
24h contact with Li2O2 (in yellow). The * denotes a residue from DME evaporation, which
amounts to a content of 1 ppm in the DME; the ° denotes H from grease. 1O2 was produced
photochemically, according to Appendix A.3, by means of 1 µM Pd4F and illumination at 643
nm.
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C.3.4 Excited sensitizer lifetime and Stern-Volmer relationship

The 1O2 quenching ef�ciency was determined using photochemically produced 1O2 according
to Appendix A.3. 1O2 quencher could also ef�ciently quench the excited sensitizer T1 state and
in�uence 1O2 photogeneration. This effect can be described by the Stern-Volmer relationship
given in Eq. C.1.

τ0

τ
= 1+KSV ·CQ (C.1)

With τ0, the excited state lifetime without quencher (s); τ, the excited state lifetime with a
quencher at CQ (s); KSV , Stern-Volmer constant (L·mol−1); and CQ , the quencher concentration
(mol·L−1). KSV represent the quenching rate multiplied by τ0.

We measured the sensitizer T1 state lifetime by means of a pulsed LED illumination (λ
max 392 nm) and a �uorescence spectrometer (Horiba Scienti�c). Prior measurements, the
solution containing the sensitizer, and possibly a quencher, were purged with high purity
nitrogen (99,9999%, Linde gas) for at least 15 min. The solution was then placed in a gas-thigh
cuvette (Hellma). The sensitizer emission at 780 nm was monitored overtime, as depicted in
Fig. C.7. The sensitizer excited state decay followed a �rst-order reaction rate from which
the lifetime could be estimated. Using the obtained lifetime, the KSV constant can be re-
calculated as depicted in Fig. C.8. DABCO very poorly quench the excited sensitizer (KS V =
1.44 L·mol−1) whereas PeDTFSI does not provide any signi�cant quenching. In any case, the
values obtained are largely lower to the oxygen quenching ef�ciency towards the excited
sensitizer.
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Figure C.7: Quencher in�uence of the excited sensitizer lifetime. The decay of the 780 nm
light emission over time, which characterise the excited sensitizer, is given in presence of (a)
DABCO and (b) PeDTFSI in otherwise similar conditions. The purple curves represente the
decay with quencher and the red without. The exponential �t is represented in dashed line.
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D.1 Chemicals and methods

All chemical were purchased form Fluka, Sigma Aldrich, VWR, Solvionic and TCI. 2,2,6,6-
tetramethyl-1-piperidinyloxy (TEMPO), tris[4-(diethylamino)phenyl]amine (TDPA), N,N,N’,N’-
tetramethyl-p-phenylenediamine (TMPD), ferrocene (Fc), 5,10-dihydro-5,10-dimethylphena-
zine (DMPZ), 1,4,7,10,13,16-hexaoxacyclooctadecane (18-crown-6, ≥99%), water, and acetoni-
trile (anhydrous, 99.8%, stored over molecular sieves) were used as purchased. Lithium
bis(tri�uoromethane)sulfonimide (LiTFSI) and KO2 were dried under vacuum for 24 h at 80◦C.
2,2’-dithiobis(benzothiazole) (MBT2), and I2 were recrystallized from ethanol or sublimated,
respectively. Dimethoxyethane (DME) and tetraethylene glycol dimethyl ether (TEGDME)
were dried over lithium, distilled under Ar, further dried and stored over activated molec-
ular sieves. The water content was determined by Karl-Fisher titration and found to be
below 5 ppm. 9,10-Dimethylanthracene (DMA) was recrystallized from ethanol and its purity
con�rmed by 1H-NMR spectroscopy and HPLC analysis. Lithium peroxide (Li2O2) was syn-
thesized as described in Appendix A.1.

Oxidized mediators were either obtained by chemically oxidizing the reduced forms .
One equivalent of nitrosonium tetra�uoroborate (NOBF4) reacted with the reduced mediator
form in CH3CN during 3 hours under agitation. The resulting oxidized mediators were puri-
�ed by precipitation in cold ether, �ltration, and dried under vacuum at 30◦C for 12 hours.
MBT2 (2,2’-dithiobis(benzothiazole)) and FcBF4 were purchased and used as received.

O2, 1O2, peroxide and carbonate quanti�cations were performed as explained in Appen-
dices A.4, A.5, and A.6. NMR spectra were determined as de�ned in Appendix A.10. Oxidation
mediator and disproportionation kinetics were evaluated respectively by UV spectroscopy
and pressure measurements as described in Appendices A.8 and A.9. Cyclic voltammetries
were performed in a three-electrodes cell with a 1 mm glassy carbon working electrode
(BAS Inc.), partially delithiated LFP in 0.1 M LiClO4/TEGDME behind a vycor glass frit as the
reference and a Pt counter electrode inside a glass vial with a PTFE lid. The cells were run
inside an Ar �lled glovebox using a potentiostat/galvanostat (SP-300, Bio-Logic Science
Instruments).
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D.2 Supplementary notes

D.2.1 Determination of oxidation mediator potentials by cyclic voltammetry
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Figure D.1: Cyclic voltammetry of the used mediators. The mediators are (a) TDPA+ (b) MBT2

(c) TMPD+ d, DMPZ+ (e) Fc+ (f) I2 and (g) TEMPO+. 2 mM of mediators were measured in a 0.1
M LiTFSI TEGDME electrolyte at a scan rate of 100 mV·s−1 and using the setup described in
Appendix D.1.

Table D.1: Oxidation mediator potentials.

Oxidation mediator Potential (VLi/Li+)

TDPA+ 3.09
MBT2 3.1

TMPD+ 3.24
DMPZ+ 3.29

Fc+ 3.56
I2 3.63

TEMPO+ 3.76
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D.2.2 Oxidation mediator kinetics by UV-vis spectroscopy
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Figure D.2: Mediated oxidation reaction rates obtained by UV-vis spectroscopy. The �rst
column represents the UV-vis spectra of the indicated mediators. The reduced forms are in
brown, the oxidized ones in light brown and the oxidized forms after reaction on Li2O2 in
dashed yellow. The black dashed lines denote the wavelength used for kinetic measurements.
The second and third columns are the oxidized mediator concentrations over time in contact
with KO2 or Li2O2 pellets respectively, as described in Appendix A.8.
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Table D.2: Oxidation mediator potentials.

Oxidation mediator Fitting equation

TDPA+ linear interpolation (due to instability)
MBT2 exponential

TMPD+ exponential
DMPZ+ exponential

Fc+ two exponentials (due to instability)
I2 exponential

D.2.3 Oxidation mediator kinetics: comparison with the literature

The reactions between Li2O2 and oxidation mediators have previously been studied using
scanning electrochemical microscopy (SECM) [2]. The rate constants obtained from UV-vis
spectroscopy are compared to the one obtained by SECM in Fig. D.3. The reaction kinetics are
in the same magnitude order with a maximum corresponding to ∼3.4 VLi/Li+, notwithstanding
the measurement method. The kinetic of the nitroxides class, presenting the fastest kinetic
by SECM, were disregarded due to the instability of TEMPO as discussed in part 5.4.1.
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Figure D.3: Li2O2 mediated oxidation rate constants. The kinetics were either studied by (a)
UV-vis and (b) SECM [2]. The latter results were corrected to account for the Li2O2 surface
fraction of 35% estimated by the authors.

D.2.4 DFT calculation protocol

DFT calculations of TDPA were done with Gaussian16 [3]. The CAM-B3LYP [4] functional with
the def2-TZVP basis set [5,6] and Grimme’s dispersion correction was used [7]. To simulate the
methanol in�uence (dielectric constant of 32.613), all calculations were carried out using the
Polarizable Continuum Model (PCM) [8]. The geometries of the molecules were �rst optimized.
The neutral and dicationic species were computed as closed shell singlets, whereas the
cationic molecule was computed as an open shell doublet. Based on the obtained structures,
the vertical energies of the �rst 40 excited states were calculated. The vertical excitations
were computed via the linear-response approach as implemented in Gaussian [9,10].
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E.1 Chemicals and methods

All chemical were purchased form Fluka, Sigma Aldrich, VWR, Solvionic and TCI. 2,2,6,6-
tetramethyl-1-piperidinyloxy (TEMPO), tris[4-(diethylamino)phenyl]amine (TDPA), N,N,N’,N’-
tetramethyl-p-phenylenediamine (TMPD), ferrocene (Fc), 5,10-dihydro-5,10-dimethylphena-
zine (DMPZ), 1,4,7,10,13,16-hexaoxacyclooctadecane (18-crown-6, ≥99%), water, and acetoni-
trile (anhydrous, 99.8%, stored over molecular sieves) were used as purchased. Lithium
bis(tri�uoromethane)sulfonimide (LiTFSI) and KO2 were dried under vacuum for 24 h at 80◦C.
2,2’-dithiobis(benzothiazole) (MBT2), and I2 were recrystallized from ethanol or sublimated,
respectively. Dimethoxyethane (DME) and tetraethylene glycol dimethyl ether (TEGDME)
were dried over lithium, distilled under Ar, further dried and stored over activated molec-
ular sieves. The water content was determined by Karl-Fisher titration and found to be
below 5 ppm. 9,10-Dimethylanthracene (DMA) was recrystallized from ethanol and its purity
con�rmed by 1H-NMR spectroscopy and HPLC analysis. Lithium peroxide (Li2O2) was syn-
thesized as described in Appendix A.1.

Oxidized mediators were either obtained by chemically oxidizing the reduced forms. One
equivalent of nitrosonium tetra�uoroborate (NOBF4) reacted with the reduced mediator form
in CH3CN during 3 hours under agitation. They were puri�ed by precipitation in cold ether,
�ltration, and drying under vacuum at 30◦C for 12 hours. MBT2 (2,2’-dithiobis(benzothiazole))
and FcBF4 were purchased and used as received.

O2, 1O2, peroxide and carbonate quanti�cations were performed as explained in Appen-
dices A.4, A.5, and A.6. NMR spectra were determined as de�ned in Appendix A.10. Oxidation
mediator and disproportionation kinetics were evaluated respectively by UV spectroscopy
and pressure measurements as described in Appendices A.8 and A.9. Cyclic voltammetries
were performed in a three-electrodes cell with a 1 mm glassy carbon working electrode
(BAS Inc.), partially delithiated LFP in 0.1 M LiClO4/TEGDME behind a vycor glass frit as the
reference and a Pt counter electrode inside a glass vial with a PTFE lid. The cells were run
inside an Ar �lled glovebox using a potentiostat/galvanostat (SP-300, Bio-Logic Science
Instruments).

E.2 Synthesis

E.2.1 1,1’-bipyrrolidine-2,2’,5,5’-tetraone

A monowave vial equipped was charged with 1.01 g (10.0 mmol, 2.0 eq.) succinic anhydride.
After cooling to 0◦C, 250 mg (5.0 mmol, 1.0 eq.) hydrazine hydrate and 5 mL acetic acid
were added to the reaction vessel. The reaction �ask was heated to 140◦C for 15 min using a
monowave reactor (Anton Paar). The resulting precipitate was isolated by �ltration, recrys-
tallized from EtOH and characterised as shown below. The reaction route is summarized in
Fig. E.1. The atoms corresponding to each NMR peaks are noted in Fig. E.2.
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Figure E.1: Overview of the synthesis route for 1,1’-bipyrrolidine-2,2’,5,5’-tetraone.

Figure E.2: Structure and NMR index of 1,1’-bipyrrolidine-2,2’,5,5’-tetraone.

Yield: 280 mg (1.43 mmol, 29% o. th.), colorless solid
C8H8N2O4 [196.16]
mp: 295-300◦C
1H-NMR (300.36 MHz, CDCl3): δ = 2.95 (s, 8H, H-2, H-3, H-6, H-7).
Elementary analysis: 48.98 %C, 3.84 %H, 14.38 %N.

E.2.2 1,1’-bipyrrolidine (BP55)

An oven dried 250 mL Schlenk �ask was charged with 1.60 g (8.15 mmol, 1.0 eq.) 1,1’-
bipyrrolidine-2,2’,5,5’-tetraone and 40 mL of absolute THF. The reaction mixture was stirred
for 10 min and cooled to −50◦C. 2.00 g (52.7 mmol, 6.4 eq.) lithium aluminium hydride were
then added slowly over a period of 5 min. After 1 h of stirring at −50◦C under N2 atmosphere,
the solution was slowly heated to 70◦C and stirred overnight. The reaction product was
con�rmed by NMR as presented below. The reaction route is summarized in Fig. E.3. The
atoms corresponding to each NMR peaks are noted in Fig. E.4.

The product was then purify by slow addition of 1 mL H2O, followed by 1 mL of a 15% NaOH-
solution and 3 mL H2O. The organic phase was subsequently transferred into a separatory
funnel and washed three times with saturated NaHCO3 (15 mL). For increased recuperation,
the aqueous phase was extracted three times with DCM (15 mL) and the organic phase com-
bined. This phase was washed with brine (20 mL), dried over Na2SO4, �ltered and dried over
vacuum to recover the BP-55. Finally, the product was vacuum distilled.
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Figure E.3: Overview of the synthesis route for 1,1-bipyrrolidine.

Figure E.4: Structure and NMR index of BP55.

Yield: 190 mg (1.36 mmol, 16.2% o. th.), colorless oil
C8H16N2 [140.23]
bp: 95-105 °C at 10 mbar
1H-NMR (300.36 MHz, CDCl3): δ = 2.77 (t, 8H, H-1, H-4, H-5, H-8), 1.79 (t, 8H, H-2, H-3,

H-6, H-7).
13C-NMR (75.53 MHz, CDCl3): δ = 51.0 (C-1, C-4, C-5, C-8), 21.9 (C-2, C-3, C-6, C-7).

E.2.3 1,1’-bipiperidine (BP66)

An oven dried 100 mL round bottom �ask was charged with 2.5 g (29.4 mmol, 1.0 eq.) piperi-
dine, 2.35 g (58.8 mmol, 2.0 eq.) NaOH, 250 mg (1.47 mmol, 5 mol%) silver nitrate and 15
mL H2O. The brown reaction mixture was cooled to 0◦C and stirred for 15 min. 6.99 g (29.9
mmol, 1.0 eq.) Na2S2O8 were afterwards dissolved in 20 mL H2O and slowly added to the
reaction vessel. The reaction was heated up to RT under stirring for 4 h and N2 atmosphere.
The reaction product was con�rmed by thin layer chromatography and NMR as presented
below. The atoms corresponding to each NMR peaks are noted in Fig. E.5.

The resulting solution was transferred into a separatory funnel and extracted three times
with EtOAc (20 mL). The organic phase was subsequently washed three times with H2O (10
mL) and one time with brine (20 mL), dried over Na2SO4, �ltered and dried over vacuum to
recover the BP-66. The product was further puri�ed via �ash column chromatography (350
g SiO2 500 × 50 mm, eluent: EtOAc/cyclohexane = 1:4 (v/v), fraction size: 80 mL, detection:
KMnO4).
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Figure E.5: Structure and NMR index of BP66.

Yield: 1.2 g (7.2 mmol, 49% o. th.) yellow oil
C10H20N2 [168.28]
Rf = 0.36 (EtOAc/cyclohexane = 1:4 (v/v)), (KMnO4)
1H-NMR (300.36 MHz, CDCl3): δ = 2.64 (t, 8H, H-1, H-5, H-6, H-10), 1.58 (t, 8H, H-2, H-4,

H-7, H-9), 1.27-1.39 (m, 4H, H-3, H-8).
13C-NMR (75.53 MHz, CDCl3): δ = 49.4 (C-1, C-5, C-6, C-10), 26.7 (C-2, C-4, C-7, C-9), 24.9

(C-3, C-8).

E.2.4 1-(piperidin-1-yl)pyrrolidine-2,5-dione

A monowave vial was charged with 1.05 g (10.5 mmol, 1.1 eq.) succinic anhydride and cooled
to 0◦C. 930 mg (9.3 mmol, 1.0 eq.) 1-aminopiperidine and 1 mL acetic acid were then added.
The solution was heated to 140◦C for 30 min using a monowave reactor (Anton Paar). The
reaction product was con�rmed by thin layer chromatography and NMR as presented below.
The reaction route is summarized in Fig. E.6. The atoms corresponding to each NMR peaks
are noted in Fig. E.7.

The organic phase was transferred into a separatory funnel and was washed three times
with saturated. NaHCO3 (15 mL). Subsequently the aqueous phase was reextracted four times
with EtOAc (15 mL) to increase recuperation. The combined organic phases were washed
with brine (20 mL), dried over Na2SO4, �ltered and the solvent was removed under vacuum.
The product was puri�ed via �ash column chromatography (150 g SiO2 400 × 30 mm, eluent:
EtOAc/cyclohexane = 2:1 (v/v), fraction size: 80 mL, detection: KMnO4).

Figure E.6: Overview of the synthesis route for 1-(piperidin-1-yl)pyrrolidine-2,5-dione.

Figure E.7: Structure and NMR index of 1-(piperidin-1-yl)pyrrolidine-2,5-dione.
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Yield: 1.7 g (7.2 mmol, 49% o. th.) colorless oil
C9H14N2O2 [182.22]
Rf = 0.32 (EtOAc/cyclohexane = 2:1 (v/v)), (KMnO4)
1H-NMR (300.36 MHz, CDCl3): δ = 3.21 (t, 4H, 3JHH = 5.3 Hz, H-1, H-5), 2.66 (s, 4H, H-7,

H-8), 1.71 (t, 4H, 3JHH = 5.3 Hz, H-2, H-4), 1.40-1.54 (m, 2H, H-3).
13C-NMR (75.53 MHz, CDCl3): δ = 175.6 (C-6, C-9), 52.2 (C-1, C-5), 26.7 (C-2, C-4), 26.0 (C-7,

C-8), 23.0 (C-3).

E.2.5 1-(pyrrolidin-1-yl)piperidine (BP56)

An oven dried 100 mL Schlenk �ask was charged with 1.69 g (9.27 mmol, 1.0 eq.) 1-(piperidin-
1-yl)pyrrolidine-2,5-dione and 40 mL of absolute THF. The reaction mixture was stirred for 10
min and cooled to −50◦C. 1.05 g (27.6 mmol, 3.0 eq.) aluminium hydride were added slowly
over a period of 5 min. After 1 h of stirring at −50◦C under N2 atmosphere, the solution was
slowly heated to 70◦C and stirred overnight. The reaction product was con�rmed by NMR as
presented below. The reaction route is summarized in Fig. E.8. The atoms corresponding to
each NMR peaks are noted in Fig. E.9.

The product was then purify by slow addition of 0.5 mL H2O, followed by 0.5 mL of a
15% NaOH-solution and 1.5 mL H2O. The organic phase was subsequently transferred into a
separatory funnel and washed three times with saturated NaHCO3 (15 mL). For increased
recuperation, the aqueous phase was extracted three times with DCM (15 mL) and the organic
phases combined. This phase was washed with brine (20 mL), dried over Na2SO4, �ltered
and dried over vacuum to recover the BP-56. Finally, the product was vacuum distilled.

Figure E.8: Overview of the synthesis route for 1-(pyrrolidin-1-yl)piperidine.

Figure E.9: Structure and NMR index of BP56.

Yield: 372 mg (2.41 mmol, 26.0% o. th.), colorless oil
C9H18N2 [154.26]
bp: 110-120◦C at 10 mbar
1H-NMR (300.36 MHz, CDCl3): δ = 2.76 (t, 4H, H-6, H-9), 2.67 (t, 4H, H-1, H-5), 1.70 (t, 4H,

H-7, H-8), 1.62 (t, 4H, H-2, H-4), 1.30-1.44 (m, 2H, H-3).
13C-NMR (75.53 MHz, CDCl3): δ = 50.5 (C-1, C-5), 45.8 (C-6, C-9), 26.4 (C-2, C-4), 24.7 (C-3),

21.9 (C-7, C-8).
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E.3 Supplementary notes

E.3.1 Determination of organic hydrazine potentials by cyclic voltammetry

Table E.1: Organic hydrazine potentials.

Organic hydrazine mediator Potential (VLi/Li+)

BP55 3.2
BP56 3.46
BP66 3.76

The voltammograms are given in Fig. 6.2.
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E.3.2 Organic hydrazine kinetics by UV-vis spectroscopy
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Figure E.10: Organic hydrazine reaction rates obtained by UV-vis spectroscopy. The �rst
column represents the UV-vis spectra of the indicated amines at the same concentration.
The reduced forms are in brown, the oxidized ones in light brown, and the oxidized forms
after reaction on KO2 in red and on Li2O2 in yellow. The second and third columns are the
oxidized hydrazine concentrations over time in contact with KO2 or Li2O2 pellets respectively,
as described in Appendix A.8.

The reaction rates were modelled by a pseudo �rst-order kinetics.
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E.3.3 1O2 quenching rates of oxidation mediators by UV-vis spectroscopy
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Figure E.11: DMA decay over time in presence of photochemically produced 1O2 with or
without oxidation mediators. (a) DMA consumption either alone (orange) or in presence
of 80 µM DMPZ (purple) and the �rst-order kinetic �ts (in black). (b) DMA consumption
either alone (orange) or in presence of 80 µM TDPA (purple) and the �rst-order kinetic �t
(in black). The electrolytes used are based on 80 µM DMA and 1 µM Pd4F in O2 saturated
TEGDME illuminated at 643 nm, as described more lengthy in Appendix A.7.

E.3.4 Na2O2 mediated oxidation mechanism

Considering their respective potentials, a two-electron Na2O2 oxidation has a 1O2 threshold of
2.82 VNa/Na+, whereas the one for NaO2 oxidation is at 3.25 VNa/Na+ as shown in part 2.3.2. The
slow disproportionation rate in presence of Na+ imposes a notable singlet oxygen produc-
tion to be expected only by direct oxidation. A direct two-electron oxidation should hence
produce 1O2 below 3.25 VNa/Na+ while a two steps reaction would only yield 1O2 above. We
measured 3O2 and 1O2 productions upon Na2O2/NaO2 mediated oxidation by BP mediators
(2.87, 3.13, 3.43 VNa/Na+, respectively for BP55, BP56 and BP66), according to the protocol given
in Appendices A.4, A.5, and A.6. The results are plotted in Fig. E.12.
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Figure E.12: 3O2 and 1O2 yields upon mediated peroxide and superoxide oxidations by
BP55, BP56 and BP66. 3O2 and 1O2 evolutions were obtained by the addition of 10 mM
oxidized mediators in TEGDME to an excess of Na2O2. The red dashed line indicates the
thermodynamic thresholds for 1O2 evolution from Na2O2 and NaO2 oxidations.
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Sodium peroxide oxidation by both BP55, BP56 (situated below 3.25 VNa/Na+) resulted
in negligible 1O2 amounts and 3O2 yields superior to ∼85%. In contrast, BP66 oxidation
results in a signi�cant lack of 3O2 (∼55%) and presence of 1O2. 1O2 appearance only above the
superoxide thermodynamic threshold indicates a two step mechanism with the formation
of superoxide species similarly to Li2O2 oxidation.

E.3.5 Sankey plots
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Figure E.13: Sankey plots of relative reaction rates during mediated Li2O2 oxidation. The
width of the arrows is proportional to the rate assuming 10 mM of (a) TDPA+, (b) MBT2, (c)
TMPD+, (d) Fc+ and (e) I2. The vertical scale bar corresponds to 1×10−7 mol·cm−2·s−1. 1O2

quenching by the mediator is denoted by Q. The 3O2 and 1O2 yields per 2 equivalent of
oxidized mediators are given at the right of each panel.

The values for TDPA2+ were chosen arbitrarily for the sake of the representation due to the
mediator instability.
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