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Abstract 
 

Die 3-fach höhere spezifische Energie von nicht-wässrigen Lithium-Luft Batterien 
im Vergleich zu herkömmlichen Li-Ionen Batterien könnte ein bedeutender Schritt in 
Richtung Elektromobilität sein. Diese Batterieform ist jedoch noch durch geringe 
Wiederaufladbarkeit und Kapazität limitiert. In dieser Arbeit wurden die 
Mechanismen, welche Kapazität und Entladungsrate limitieren, vor allem die Bildung 
von einer passivierenden Produktschicht auf der positiven Elektrodenoberfläche, 
untersucht. Die Ladung von Modellelektroden, die mit möglichen 
Entladungsprodukten gefüllt sind, zeigte, dass Li2O2 als einziges Reaktionsprodukt 
zur gewünschten Reversibilität des Systems führt. Eine weitere Herausforderung ist 
die bisher unzureichende Stabilität des Elektrodenmaterials für die positive Elektrode, 
wodurch sich die Lebensdauer der Batterie reduziert. 
 
 

The 3-fold higher specific energy of non-aqueous Li-air batteries compared to 
state-of-the-art Li-Ion batteries could represent a fundamental step for electrical 
storage technology for automotive applications. Unfortunately, that promising 
technology is still affected by low rate capability and rechargeability. In this work, 
the mechanisms that limit capacity and rate capability were investigated, with 
particular focus on the formation of a discharge product passivation layer on the 
positive electrode surface. Charge experiments of model electrodes pre-filled with 
possible discharge products showed that only Li2O2 can ensure the desired 
reversibility of the system, and other discharge products must be avoided. The 
fundamental reactions that limit the stability of positive electrode materials based on 
carbon during the charge process were also chemically and electrochemically 
investigated. 
 
 

This doctoral thesis is the cumulative integration of the scientific papers resulting 
from my work as a doctoral candidate at the Chair of Technical Electrochemistry 
(TEC). After an introduction about the topic of Li-air batteries, the main experimental 
methods employed are described. Subsequently, my three scientific publications are 
presented together with three other relevant publications in which my contribution 
was crucial. The results are presented in two main topics (chapters), i.e. 
"Investigations on Li-air battery discharge" and "Understanding the charge process of 
Li-air batteries". The thesis is closed with an overall conclusion section regarding my 
whole work at TEC. 
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Chapter 1 

!

Introduction 
 

 
The automobile is undoubtedly one of the devices that deeply changed mankind's 

life. Since the early twentieth century, automobiles changed their shapes, and many 
improvements were achieved in terms of stability, power, safety and efficiency. 
However, since the introduction of internal combustion engines, petroleum 
derivatives have been the main power sources for automotive applications. Due to the 
environmental concerns related to their use as energy source within dense urban 
agglomerates, and due to expected shortages in the medium future [1], the 
electrification of the vehicular fleet is a possible solution to mitigate environmental 
threats and dependence on fossil fuels.  

Electric motors of modern electric vehicles (EVs) can be powered by either fuel 
cells (FCs) or batteries. There is a main difference between those devices that one has 
to take into account when designing an electric car; modern EV fuel cells systems 
(PEMFC) rely on a fuel tank for providing the needed energy, therefore the electrodes 
are only chemical-to-electrical-energy converters. On the other hand, a battery works 
both as energy converter and energy storage device; the electrical energy that can be 
stored in a battery is therefore directly proportional to the electrode weight/extension, 
for given electrode materials. Similarly to internal combustion engine systems, the 
required electrical energy (kWh) provided by a Fuel Cell system can be increased by 
increasing its specific energy (Wh/Kg), i.e. by increasing the dimensions of the fuel 
tank. On the other hand, the required electrical energy provided by a battery can be 
increased only by increasing the size (and weight) of the whole system, since its 
specific energy is fixed [2].  

Rechargeable batteries have several advantages over fuel cells. First, battery 
electrochemistry does not in principle rely on noble metals (Pt); second, batteries 
generally have much higher energy efficiency (up to 95 %, to be compared to 
50-60 % tank-to-wheel for FC systems [3]); third, batteries do not need in principle a 
deep redesign of the electrical grid infrastructure (widespread use of H2 fuel cells 
implies the development of a H2 supply infrastructure ex novo). 

Li-ion is at present the most advanced rechargeable battery technology 
commercially available. Due to their outstanding energy density (650 Wh/L), higher 
specific energy (210 Wh/Kg) [4], long cycle life and lack of memory effect in 
comparison with other rechargeable battery chemistries (e.g. nickel-metal hydride, 
Ni-MH), Li-ion batteries (LIBs) are extensively used for powering personal electronic 
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devices. However, the application of Li-ion technology for automotive purposes is 
facing major challenges.  

The state of the art specific energy of 100-200 Whnet/Kgpack obtainable for an EV 
battery system [2] puts severe constrains to the development of battery powered full 
electric vehicles. For example, the battery pack used by the commercial EV Tesla 
Roadster provides weighs 450 kg and provides 53 kWh, corresponding to up to 
350 km of range. The integration of such heavy (and expensive) storage system is 
clearly not an easy task for smaller and inexpensive models. For that reason, 
reduction of battery weight and cost is mandatory for allowing LIB powered EVs to 
become a widespread commercial reality. 

The weight of Li-ion battery packs for automotive applications consists of 4 main 
contributions [2]: 

• The pack components and electronics. ≈ 50% of the total weight. 
• The positive electrode material. ≈ 25% of the total weight. 
• The negative electrode material. ≈ 15% of the total weight. 
• The electrolyte solution. ≈ 10% of the total weight. 

As a reduction of mass of the pack components (the most important contribution to 
weight) would necessary result in a reduced safety in case of accident, that direction 
seems precluded unless much lighter materials are developed with the same 
mechanical properties. The second major contribution to weight is the positive 
electrode material; the working principle of all modern Li-ion battery materials is the 
intercalation of Li ions within the inter-planar space of layered structures such as 
graphite (negative electrode) or layered metal oxides (LiCoO2, positive electrode). 
Commercial positive electrode materials have practical capacities commonly smaller 
than 200 mAh/g (e.g. 140 mAh/g for LiCoO2) and working potentials ranging 
between 3.5-4.0 V vs. the Li+/Li standard reduction potential [5]. Since the positive 
electrode is the heaviest in a commercial Li-ion battery, a substantial increase of its 
specific energy (in other words a substantial reduction in weight) would result in a 
substantial improvement of the overall battery pack energy density.  

The specific energy of any battery can be described as follows, and it is reported 
as [J/g] or more commonly as [Wh/kg]: 

!"#$%&%$!!"!#$%! = !! ⋅ !     (Eq. 1.1) 

Q is the cell's specific capacity in [C/g] and U the cell's voltage in [V]. Increasing 
either cell voltage or specific capacity results in an improved specific energy. At the 
present time, both paths are submitted to extensive research and development. For 
example, high voltage layered materials such as Li phosphoolivines (LiCoPO4) 
working in the potential range 4.5-5.2 VLi can provide an enhancement in specific 
energy of ≈20 % compared to the state-of-the-art Li-ion technology [4-6]. High 
capacity materials based on metals more abundant than Co [7], like Mn spinel, are 
also interesting. 
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In order to overcome the intrinsic limitations of intercalation materials and obtain 
more remarkable improvements, completely innovative chemistries (commonly 
referred to as post Li-ion) must be pursued. Rechargeable non-aqueous Li-air 
batteries have the highest projected specific energy among post Li-ion technologies 
under investigation (e.g. Li-Sulfur), and they are therefore the most interesting for 
automotive applications. Non-aqueous Li-air batteries were introduced in 1996 by 
K.M. Abraham and coworkers [8], and they are based on the reversible 
electrochemical reduction of O2 at a high surface positive electrode (the air electrode) 
[9] with Li0. The air electrode is the key aspect of this technology and the source of 
its high projected specific energy [10]. A suitable material for the air electrode should 
fulfill the following requirements; low cost, low density, high electrical conductivity, 
mesoporous structure (to allow fast O2 diffusion and to store the discharge products) 
and preferably high surface areas (faster oxygen reduction reaction and evolution 
kinetics). As the air electrode does not in principle participate in the electrochemical 
reaction, the choice of the air electrode material was made regardless of its chemical 
nature for more than one decade; both porous metals (e.g., Ni foam) and high 
structured carbon materials were employed. Carbon-based materials were however 
preferred, because of their structural variety and relatively low cost. Typically, 
positive electrodes are based on high surface carbon blacks [11], but more advanced 
materials such as carbon nanotubes [12,13] or graphene sheets [14-16] have been also 
used.  

Most of the reports in the literature make use of pure O2 instead of atmospheric air 
for testing Li-air cells, therefore the nomenclature Li-O2 batteries is preferred when 
discussing about the pertaining results. Li-air batteries, however, a widely used 
nomenclature when referring to the general concept and technology.  

The highly exergonic reaction of O2 with Li metal provides energy to Li-air 
batteries. During battery discharge, O2 is reduced electrochemically at the air 
electrode surface, and Li is oxidized at the Li metal/electrolyte solution interface. 
Thermodynamically, the expected reaction product of Li-air batteries is Li2O2 
(R. 1.1). Li2O is also a possible discharge product (R. 1.2), and due to the similar 
thermodynamic potential to that of Li2O2 (Erev ≈ 2.9 VLi), its partial formation in 
Li-air cells was previously proposed [17]. 

2!"! + 2!! + !!(!) ⇄ !"!!!(!)!! ΔG0 = -570.2 kJ/mol / Erev = 2.96 VLi      (R. 1.1) 

4!"! + 4!! + !!(!) ⇄ 2!"!!(!)! ΔG0 = -561.2 kJ/mol / Erev = 2.91 VLi       (R. 1.2) 

During charge, the process is inverted. Ideally, Li2Ox particles produced during 
discharge are oxidized and O2 is evolved (Figure 1.1). 
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Figure 1.1. Schematic working principle of a Li-air battery during discharge (Li0 is oxidized 
electrochemically by O2) and charge (Li2O2 is electrooxidized to Li0 and O2). 

Despite the lower nominal voltage of Li-air batteries compared to LIBs based on 
LiMO2 type intercalation materials (2.9 VLi vs. 3.7 VLi respectively), the substantially 
higher specific capacity of the products (1168 mAh/gLi2O2, to be compared to a 
maximum of 200 mAh/gintercal.) concurs to the higher specific energy. For example, 
the specific energy of Li2O2 (i.e., the specific energy of an electrochemical system in 
which O2 is reduced by Li0 to Li2O2) is 3460 Wh/KgLi2O2, to be compared to 
1030 Wh/KgLiMO2 for LiMO2 type battery materials [9]. Now, assuming the same 
specific energy loss observed for LIBs passing from the active material level to the 
commercial battery pack (1030 Wh/KgLiMO2 typically translate into 
100-200 Wh/Kgpack i.e. at least a factor of 5), a fully packed Li-air battery would 
provide a maximum of ≈700 Wh/Kgpack, corresponding to a substantial ≈3-fold 
improvement [9]. In addition, to that, O2 is abundant and readily available from the 
ambient atmosphere. 

The several theoretical advantages of Li-air batteries are unfortunately 
accompanied by low rate capability (the ability to be discharged at high current, i.e. 
high powers) [18-22] and very high overpotential for the oxygen evolution reaction 
(OER) upon charge (Figure 1.2), resulting in a much lower round-trip efficiency in 
comparison with commercial rechargeable batteries [23,24].  
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Figure 1.2. Typical voltage profile of a Li-air cell comprising a Li metal negative electrode, a 
carbon black based positive electrode and an ether-based electrolyte solution. The discharge 
proceeds as a single, flat voltage plateau corresponding to ORR, whereas the charge (OER) is a 
more complex process characterized by much higher overpotentials. 

Typical currents for Li-air prototypes are on the order of 0.1 mA/cm2
electrode, 

several orders of magnitude lower than Li-ion batteries (1-10 mA/cm2
electrode). That 

issue was in the first place ascribed to the slow O2 diffusion through the non-aqueous 
electrolyte solutions and to the sluggish oxygen reduction reaction (ORR) kinetics, 
resulting in high overpotentials and low rate capability. For that reason, engineering 
of the air electrode and optimization of the electrolyte solutions for enhanced O2 mass 
transport to the electroactive surfaces was performed [21,25]. Furthermore, several 
researchers focused on ORR kinetics and on the use of catalysts [26-29] for reducing 
overpotential at the air electrode. Several inspiring works were published on noble 
metal electrocatalysis in non-aqueous Li+ containing electrolytes, where bifunctional 
Pt-Au catalysts showed their activity for both ORR (Pt) and OER (Au) [22,23,26].  

Non-noble metal oxides such as α-MnO2 nanowires were employed as 
electrocatalyst in full Li-air cells for enhancing the kinetics of Li2O2 electrooxidation 
(OER), showing interesting catalytic activity and round trip efficiencies as high as 
70% [24,30,31]. Nowadays, the influence of catalysts on Li2O2 electrooxidation is a 
controversial topic, wherein different groups working on catalysis obtain conflicting 
results. More precisely, McCloskey et al. have reported that no catalytic effect can be 
observed by charging previously discharged catalyzed electrodes [32]; on the other 
hand, Harding et al. demonstrated a strong catalytic effect when charging model 
electrodes pre-filled with chemically produced Li2O2 (commercially available), 
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whereby Pt and Ru nanoparticles enhance electrooxidation currents by at least two 
orders of magnitude compared to non-catalyzed carbon at 4.0 VLi [33]. These results 
are in agreement with those obtained in our laboratory, however it is yet unclear 
whether the morphology of Li2O2 particles (several monolayers of Li2O2 in 
McCloskey's work, ≈1 µm particles in Harding's work) could play a major role in 
determining the reduction on overpotential for OER. The influence of the product's 
morphology on the catalytic activity upon charge of Li-air cathodes is currently under 
investigation at TUM. 

Similarly to Li-ion batteries, the performance and cycle life of non-aqueous Li-air 
batteries are strongly influenced by the nature of the electrolyte solution. Basic 
requirements of a Li-air battery electrolyte solution are: 

• Ability to stabilize the negative electrode surface (Li metal) by forming a Li+ 
conductive passivation layer (Solid Electrolyte Interface, SEI) [34] 

• High O2 solubility and diffusivity 
• Low vapor pressure 
• Stability at high potentials 
• Chemical stability towards dissolved O2  
• Chemical stability towards Li2O2 
• Chemical stability towards oxygen reduction reaction intermediates (O2

-!) 

The well-characterized Li-ion battery electrolyte solutions based on alkyl 
carbonate solvents (e.g. Propylene Carbonate, PC) and LiPF6 were extensively 
employed also in Li-air research from the early stages of the Li-air research up to 
2011. In fact, alkyl carbonate electrolyte solutions are known to efficiently stabilize 
the negative electrolyte surface, furthermore O2 solubility and diffusivity are 
sufficient for Li-air applications [25]. Unfortunately, thorough characterization of the 
electrodes after discharge using alkyl carbonate based electrolyte solution revealed 
that Li(alkyl)carbonates and Li2CO3 were produced as main discharge products 
instead of Li2O2 and Li2O expected from the reaction of Li with O2 [35-37].  

Fundamental electrochemical studies on ORR in Li+ containing non-aqueous 
electrolyte solutions carried out using a three electrode cell setup revealed that the 
reduction of O2 does not proceed as a direct two-electrons process to Li2O2, but rather 
as a one-electron process to solvated O2

-! or LiO2 (superoxide ion radical or Li 
superoxide, from now on referred to as ORR intermediates), that can be either further 
reduced or disproportionate and precipitate as Li2O2 [38,39]. Unfortunately, 
alkyl-carbonate solvents readily react with those ORR intermediates, leading to 
Li(alkyl)carbonates and Li2CO3 [40-42] (Figure 1.3). For that reason, most of the data 
available on the topic from that time period must be critically evaluated. 
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Figure 1.3. Proposed mechanism for the degradation of alkyl-carbonate based electrolyte solutions 
by nucleophile attack of superoxide to a typical solvent molecule (Propylene Carbonate, PC), 
leading to ring opening and several degradation products [34]. 

The search for solvents that are stable towards ORR intermediates identified 
ethers, several amides, dimethyl sulfoxide (DMSO) and some ionic liquids as 
promising candidates [42-45]. Using these solvents and more stable electrolytes (e.g. 
bis-trifluoromethylsulfonyl imide Li salt, LiTFSI) fairly reversible O2/Li2O2 
electrochemistry was obtained, and Li2O2 was demonstrated to be the only discharge 
product [9]; Li2O, proposed as possible product, was never observed in discharged air 
electrodes.  

Li-air battery discharge using stable non-aqueous electrolyte solutions is a 
complex process involving intermediates (O2

-! or LiO2) that have a finite solubility. 
The morphology of Li2O2 particles from the disproportionation of those intermediates 
is strongly dependent on the discharge rate [46]. More precisely, using high discharge 
rates (i.e. high currents) Li2O2 tends to precipitate as a film on the electrode surface 
[47-50], which is passivated after a critical thickness is reached (nm range) 
[13,49,50]; on the other hand, lower rates promote the crystallization of bigger 
particles (µm range) from the solution [12,13,29,51,52]. Because of the variety of 
electrode materials and electrolyte solutions used in the field (e.g. carbon blacks vs. 
carbon nanotubes; glymes vs. DMSO), it is yet difficult to define a normalized 
discharge rate value that establishes a threshold between the two limit cases. 
Anyways, since Li2O2 is an insulating material [49], its morphology and 
electrooxidation kinetics upon charge are strongly related [46,51]. 

In this work, we directed our attention on the fundamental mechanisms governing 
Li-O2 cell discharge in terms of the nature and morphology of the discharge products. 
First, we developed custom-made cell hardware with improved sealing that allowed 
the reduction of contaminant permeation from the ambient air (Section 3.1). In fact, 
contaminants like CO2 and H2O were demonstrated to strongly increase the discharge 
capacity of Li-air cells by reacting with the ORR intermediates and leading to more 
soluble/mobile species and thus to different product morphologies [53-55]. Second, 
we investigated the capacity limitations of Li-air cells at a relatively fast discharge 
rate (120 mA/gcarbon), wherein discharge products tend to precipitate as a film on the 
electrode surface. By thoroughly analyzing the surface properties of several carbon 
blacks electrode materials and the corresponding discharge capacity, we 
demonstrated that 1-2 monolayers of Li2O2 (≈0.5 nm) are sufficient to electrically 
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insulate the electroactive surface and stop the ORR. This corresponds to an average 
of ≈500 µC/cm2

real for all carbons surfaces [50] (Section 3.2). 
Although stable electrolyte solutions towards ORR intermediates attack were 

developed, the reversibility during charge and cycle life of Li-air batteries is yet 
suffering severe limitations. Little mechanistic understanding is available on the 
electrooxidation of insulating Li-air discharge products particles on carbon surfaces. 
For that reason, we investigated the charge process of model electrodes pre-filled 
with possible products of the reaction of Li with O2, namely Li2O2 and Li2O, and of 
alternative discharge products possibly arising by contamination of the cell with CO2 
and H2O, namely Li2CO3 and LiOH (Section 4.2). Analysis of the evolved gases by 
mass spectrometry revealed that the only truly rechargeable product is Li2O2, 
whereby O2 was the main gas evolved; however, several parasitic reactions consume 
O2 right upon charge and limit the O2 recovery efficiency to <80 % [56]. One of our 
recent reports [57] (Section 4.3), in accord with other relevant publications in the 
field [58-60], revealed that the severe carbon corrosion by Li2O2 and reactive oxygen 
species ("nascent oxygen") evolved upon charge leads to O2 loss and Li2CO3 
formation. The natural implications of that for a cycling cell are the accumulation of 
Li2CO3 in the electrode matrix, increased charge overpotentials, incomplete recharge 
and thus poor cycle life. In fact, the only example of a Li-air battery with a cycle life 
> 100 cycles was reported by Peter G. Bruce and coworkers, whereby carbon black is 
replaced by a nano-porous Au in the air electrode composition [59]; although not a 
practical solution for commercial applications, those findings represented a basic 
conceptual breakthrough for Li-air technology, and suggest replacement of carbon 
with alternative O2 and Li2O2 resistant, electrically conductive, mesoporous materials.
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Chapter 2  
!

Experimental Backgrounds and Methods 
 
!
2.1  General Background on Battery Electrochemistry 
2.1.1  Electrochemical Reactions 

An electrochemical reaction consists of the electron transfer from/to an 
electrochemically active species to/from an electrode surface, leading to an oxidation 
or reduction of the active species: 

!" + !"! ⇄ !"#        (Eq. 2.1) 

The main driving force of an electrochemical reaction is the electrode potential, in 
addition to pressure and temperature, driving forces for all chemical reactions. For an 
electrochemical reaction, the equilibrium potential Erev [V] is given by the Nernst 
equation  

!!"# = !! + !"
!" !"

!!"
!!"#

       (Eq. 2.2) 

which describes Erev as a function of the actual concentrations COx and CRed of the 
involved redox species [61]. E0 is the redox potential in [V] in standard conditions, R 
is the gas constant in [J/K!mol], F the Faraday constant in [C/mol], T is the 
temperature in [K], and n the number of transferred electrons (Eq. 2.1). The 
equilibrium potential Erev is often referred to as reversible potential.  

2.1.2  Battery Thermodynamics 
By definition, a battery is a device consisting of one or more electrochemical cells 

that convert stored chemical energy into electrical energy. In a battery cell, a 
spontaneous electrochemical reaction (e.g. 2Li + O2 → Li2O2) is split in two 
half-reactions (Li → Li+ + e- and O2 + e- → O2

-!), carried out at two electrodes 
(negative and positive); electrodes are separated by a porous electrically insulating 
membrane soaked with electrolyte solution, called separator.  

The negative electrode is the one at which the reaction characterized by the lower 
standard electrode potential (EN) takes place, or, in other words, the electrode that 
comprises the most electropositive metal or substance (e.g. Li0). On the other hand, 
the positive electrode is the one at which the reaction (e.g. O2 reduction) characterized 
by the higher standard electrode potential (EP) is carried out. The nomenclature 
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"positive" and "negative" electrode is absolute, and does not depend on whether the 
battery is being charged or discharged (Figure 2.1) [62]. 

!

Figure 2.1. Scheme of a typical battery cell configuration. The vertical axis on the left shows the 
potential difference between negative (EN) and positive (EP) electrode, and the potential scale 
relative to the negative electrode (EN arbitrarily considered "0 V").  

The electrical potential measured between the two terminals of the battery (open 
circuit voltage, OCV [V]) in standard conditions should be identical to the 
thermodynamic potential Erev of the spontaneous electrochemical reaction typical for 
that battery chemistry, calculated from the Gibbs free energy (ΔGreaction, [J/mol]) 
using the following equation [63]. 

!!"# = − ∆!!"#$%&'(
!" ≈ !"#     (Eq. 2.3) 

In practice, the OCV of the battery is influenced by many parasitic processes (e.g. 
electrolyte solution corrosion) parallel to the desired battery reaction, and rarely 
matches exactly the potential Erev estimated by thermodynamics.  

Basically two kinds of batteries can be built: primary batteries are designed to be 
discharged once and be disposed after use. Secondary batteries are designed to be 
recharged and used multiple times [62].  

Discharging a battery consists of closing the electrical circuit of which the device 
is the power source, and let the spontaneous electrochemical reactions proceed as 
determined by thermodynamics. During discharge, an oxidation reaction (e.g., Li0 → 
Li+ + e-) occurs at the negative electrode; therefore the electrode behaves as anode. 
On the other hand, at the positive electrode a reduction reaction (e.g., O2 + e- → O2

-!) 
is spontaneous; therefore the electrode behaves as cathode [N5]. The resulting 
voltage Ecell ([V]) is the driving force that generates a faradaic current i ([A]) through 
an external circuit, which results in usable electrical power P ([W]). 

! = !×!!"##     (Eq. 2.4) 
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When a battery is being charged, i.e. when the current flow is reversed by 
applying an external voltage, the electrochemical reactions are inverted accordingly 
(in the previous example, Li+ + e- → Li0, and O2

-! → O2 + e-); therefore, the negative 
electrode behaves now as cathode and the positive electrode as an anode. By 
convention, battery electrodes are often referred to as anode and cathode on the basis 
of the reactions carried out upon discharge, i.e. the negative electrode is often referred 
to as "the anode" of the battery, and the positive electrode as "the cathode" of the 
battery. Accordingly, electrode materials are often called "anode material" and 
"cathode material" respectively [62].  

2.1.3  Voltage Losses 
Several voltage losses make the measured cell potential Ecell deviate from the 

thermodynamic potential Erev when a current i is flowing during cell discharge and 
charge (polarization). The difference between those two values is defined as 
overpotential or overvoltage η [63].  

! = !!"## − !!"#     (Eq. 2.5) 

Cell overpotential for electrochemical devices like fuel cells and batteries can be 
split into three main contributions: 

! = !!!! + !!"# + !!"                                               (Eq. 2.6) 

ηohm is the ohmic drop related to the cell's internal resistance Rint by the equation: 

!!!!"# = !"!"#                                               (Eq. 2.7) 

ηkin is the overpotential related to the charge-transfer reaction kinetics, and can be 
obtained from the Butler-Volmer equation [63]: 

! = !!(!,!!,!!) ∙ !" ∙ !
!!∙!
!∙! !!"# − !

!!!∙!
!∙! !!"#                                        (Eq. 2.8)                             

ηtr is the overpotential generated by the resistance to mass transport of the reactants to 
the electroactive surface (e.g. O2 diffusion through the electrolyte solution, Li+ 
diffusion/migration). In Li-air batteries, ηohm and ηtr can be often neglected due to the 
very low currents applied, and ηkin is the only relevant term; the latter can be ascribed 
to the sluggish O2 reduction reaction kinetics at the positive electrode surface, and it 
can contribute to lower the discharge - increase the charge voltage by several 
hundreds of millivolts, depending on the cycling rate.  

2.1.4  Cell Setup and Potential Scale 
Electrochemical reactions are commonly studied using volt-amperometric 

techniques such as cyclic voltammetry. Typically, the potential E(t) of an interesting 
electrode surface (working electrode, WE) is scanned or varied, and the current i(E) 
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related to electrochemical reactions is recorded as a function of potential. In this 
work, the following convention for the sign of the current is used: at the WE, a 
negative current corresponds to a cathodic process (electroactive species in solution 
are reduced), a positive current to an anodic process (electroactive species in solution 
are oxidized). As absolute electrode potentials cannot be measured directly, the 
potential E(t) of WE must be measured relative to a reference electrode (RE), whose 
potential is known and stable throughout the whole experiment. For the 
electroneutrality principle, in a two-electrode cell setup a current with opposite sign 
flowing through the RE has to counterbalance the charge involved in the reaction at 
the WE. In such configuration the RE potential deviates from its equilibrium value by 
an overpotential η, which can be described as presented in Section 2.1.3; at current 
values wherein η can be neglected or estimated, the reference electrode is called 
pseudo-reference electrode (Figure 2.2 a) ). On the other hand, in order to guarantee 
accurate control of the WE potential, current flowing through the RE must be 
avoided; for that reason, in a three-electrode setup, the current drawn at the WE is 
counterbalanced by third auxiliary electrode, commonly called counter electrode 
(CE), where the opposite electrochemical reaction carried out at the WE takes place 
(i.e., if a reduction is performed at the WE, an oxidation takes place at the CE). The 
CE potential is not controlled (Figure 2.2 b) ) [63,64].  

 

Figure 2.2. Comparison between, a) two-electrode cell setup with pseudo-reference electrode, and 
b) a three-electrode cell setup. WE is the working electrode, CE is the counter electrode, and RE is 
the reference electrode. A and V are an ammeter and a voltmeter respectively. E is the applied 
potential. 

In the field of Li batteries potentials are commonly reported as a relative value 
relative to the Li+/Li0 RE potential (E0 = -3.05 VSHE) in [V vs. Li+/Li0] or [VLi]. A Li 
metal RE can be used in a three-electrode setup, however more commonly it serves as 
both RE and CE (pseudo-reference) in a two-electrode setup (Figure 2.2 a) ).  
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2.2  Electrode Preparation 
2.2.1  Different Requirements of Li-air Compared to Li-ion Electrodes 

Li-ion battery electrodes consist of an active material powder (AM), an electrically 
conductive material like carbon black (CB), and a polymeric binder.  

 
Figure 2.3. Design differences between Li-ion and Li-air positive electrodes: a) Li-ion positive 
electrodes supported on a full metal current collector (commonly Al), and b) air electrode coating 
supported on a porous membrane separator. The air electrode's current collector must be 
permeable to gases. 

In Li-ion batteries, the key aspects that make an electrode a good electrode are: 
first, high AM/binder and AM/CB mass ratios. Second, high electrical conductivity. 
Third, high packing of the electrode coating, to enhance mass transport of Li+ ions to 
the active material. The latter requirement can be practically met by compressing 
electrodes before use [65]. Low surface area (i.e. specific surface of the active 
material and carbon black expressed as m2/g) is also desired. Because degradation 
processes of the electrolyte solution occur on the surface, high surface area carbon 
blacks or high amounts of CB in the electrode composition are detrimental to battery 
efficiency and cycle-life [65]. 

On the other hand, Li-O2 battery positive electrodes have quite different 
requirements, indeed more similar to those of Fuel Cells: first, high porosity, to allow 
fast O2 diffusion to the active sites where ORR occurs. Second, high surface area, to 
enhance ORR kinetics. Third, porous or permeable current collector, to allow O2 
diffusion from the ambient to the electroactive surface (Figure 2.3). Typical current 
collectors are Gas Diffusion Layer (GDL), porous metal foams or metal grids.  

Li+ 

a)  Li-ion electrode 

Electrode coating 

Li+ 
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b)  Li-air electrode 

Full metal current collector 

Porous current  collector  
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2.2.2  Background on Battery Electrode Preparation 
Battery electrode preparation consists in coating on a solid support a slurry (or 

"ink") comprising active material, carbon black, binder and a solvent. The slurry is 
prepared by dispersing powders of AM and CB in a convenient solvent/binder 
solution by either ultrasonication, stirring or milling. Solvents are chosen for their 
ability to disperse the electrode material and to dissolve the binder. Common solvents 
are N-methyl pyrrolydone (NMP) or iso-propyl alcohol (IPA) (Figure 2.4).  

 

 

Figure 2.4. Chemical structures of commonly used solvents and binders used for Li-ion and Li-air 
battery electrode preparation. 

The role of a binder is to confer adhesion to the current collector/support and 
enduring mechanical stability to the coating in the operating conditions of the battery. 
Common binders are poly(vinylidene-di-fluoride) (PVdF) and poly(tetrafluoro-
ethylene) (Teflon PTFE) (Figure 2.4). The obtained slurry can be coated using several 
techniques: 

• Spray coating: spray coating leads to highly porous electrodes, and it is 
particularly suitable for fuel cells and Li-O2 batteries, whereby porosity and 
mass transport are of primary importance. In general, it requires low viscosity 
slurries. 
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• Doctor-Blade: this technique consists in spreading viscous slurry on a 
perfectly flat support using a blade or rod. The gap between the support and 
the blade/rod determines the loading (mgAM/cm2

electrode). By far the most used 
coating technique in the Li-ion battery field, it is particularly suitable in the 
range 100-500 µm "wet film" thicknesses. 

• Mayer-Rod technique: this coating technique makes use of a "wounded" rod 
(Figure 2.5 a) ), whereby the thickness of the groves determines the loading. 
An important difference with Doctor-Blade is that Mayer-Rods are in contact 
with the support; therefore they flatten it as they coat. Using the Mayer-Rod 
technique, very thin wet films (even below 10 µm) can be achieved. 

2.2.3  Preparation of Air Electrodes 
In this work, Li+ exchanged Nafion (Figure 2.4) bonded air electrodes supported 

on a commercial porous polymer membrane battery separator (Celgard®, 25 µm thick, 
50% porosity) were prepared. Following the procedure presented by Yang Shao-Horn 
and coworkers [17,22], carbon black materials were dispersed in organic solvents 
such as NMP and IPA by high-power ultrasonication with a Branson® sonicating horn 
(10 min, Figure 2.5 c) ). Because the binder (Li+ exchanged Nafion, commercially 
available as LITHion, Ion Power, USA) tends to agglomerate during sonication, it 
was added afterward as 10.6% alcoholic solution and mixed by hand with a spatula 
for 30 seconds. 

The obtained inks (≈30 mgcarbon/mlink) were coated on Celgard® separator using a 
100 µm wet film Mayer Rod (Figure 2.5 d) ). This approach allows the preparation of 
uniform and very thin (10-15 µm, typical loadings 0.3-0.5 mgcarbon/cm2

electrode) 
electrode coatings, suitable for studies on oxygen reduction/evolution kinetics. 

Coatings were preliminarily dried on air, cut in 15 mm  discs (Figure 2.5 f) and 
g) ), vacuum dried below the Celgard® and binder melting points, and finally 
transferred in an Ar-filled glovebox where cell are assembled. Further experimental 
details on air electrode preparation can be found in Sections 3.1 and 3.2. 

2.2.4  Preparation of Pre-Filled Electrodes 
In order to study the charge of single and defined discharge products (e.g. Li2O), 

as well as the catalytic activity of catalysts towards Li2O2 electrooxidation, it is 
convenient to assemble air electrodes in the discharged state, in other words 
pre-filled with a discharge product of interest. Before mixing it with carbon black, the 
particle size of a discharge product must be reduced by ball milling in Ar atmosphere 
(Section 4.2), using an airtight jar filled in an Ar-filled glovebox (Figure 2.6 a) ). The 
active material can be subsequently mixed with carbon black either by hand in a 
mortar or by ball milling. In this work, commercially available Li2O2, Li2O, LiOH 
and Li2CO3 powders were only mixed by hand with carbon black. In fact, dry milling 
those compounds together with carbon leads to thermal decomposition reactions as 
the temperature in the jar increases (Section 2.8.5). 
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Figure 2.5. Electrode preparation using the Mayer Rod technique. a) Working principle of a 
wounded rod. b) Mix carbon black, active material, a convenient solvent and binder. c) Prepare the 
slurry by ultrasonication. d) Pour the slurry on a porous membrane support. e) Coat the slurry by 
pulling forward the wounded rod. f) Cut electrodes of the desired shape and size. g) Final 
electrodes. 

The reactivity of Li2O powder with nearly any common binder and solvent (for 
example, colorless PVdF/NMP solutions become a black viscous fluid after addition 
of Li2O) incited us to develop an electrode preparation procedure alternative to the 
one presented in Section 2.2.3. All pre-filled electrodes slurries were prepared by 
ultrasonication of a 1/1 mixture of one discharge product with carbon black in a 
0.66 % poly(ethyleneoxide) (PEO) solution in toluene. Both the binder PEO and 
toluene do not react with Li2O. The suspension was prepared inside an Ar-filled 
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glovebox and poured into an airtight vessel for ultrasonication outside the glovebox 
in Ar atmosphere (Figure 2.6 b) ). The obtained slurries (≈30 mgcarbon/mlink) were 
coated on Celgard® separator using a 100 µm wet film Mayer Rod in the glovebox 
(Section 4.2). 

 
Figure 2.6. a) Airtight ZrO2 ball mill jar and balls for milling in Ar atmosphere. The sealing can 
sustain up to 10 bar inner pressure before leaking. b) Airtight sonication vessel and horn for ink 
preparation in Ar atmosphere. 

 
2.3  Electrolyte Solutions 
2.3.1  General Handling Procedures 

In this work, glymes were extensively employed as electrolyte solvents for Li-air 
batteries, due to their good stability towards ORR intermediates and at the strongly 
reducing Li metal surface. 

Electrolyte solvents were stored in an Ar-filled glovebox over molecular sieves 
(Sylobead MS 564C zeolytes, 3 Å, Grace Division) to reduce their water content 
typically below 10 ppm. Water content and purity of electrolyte solvents was 
regularly controlled by Karl Fischer titration, IR-ATR (Spectrum Two, Perkin Elmer, 
USA, placed in an Ar-filled glovebox) and NMR spectroscopy (Advance I, Bruker 
Instruments, Germany) respectively. Li+ salts are commonly dried overnight in 
vacuum at 150 °C before use [66].  

2.3.2  Investigation on the Reactivity of Electrolyte Solvents with Superoxide 

The reactivity of electrolyte solvents was investigated qualitatively by exposing 
them to chemically generated O2

-! provided as KO2, commercially available (96.5 %, 
Alfa Aesar) (Section 3.3). Suspensions of 0.45 g of KO2 and 5 g of the solvent under 
investigation were prepared in an Ar-filled glovebox. Due to the very low solubility 
of KO2 in some of the solvent tested (e.g. glymes), the suspensions were stirred for 8 
days to ensure sufficient reaction time. Unfortunately, the use of crown ethers, known 
to enhance the solubility of K+ salts in organic solvents, was not an option due to the 
high amounts of reactive impurities contained in those compounds, which introduced 
artifacts in the characterization procedure. Subsequently, the liquid phase was 
separated from the solid residue by centrifugation, and submitted to 1H-NMR 
(DMSO-d6, 128 scans,) and IR-ATR analysis (diamond-ATR). Residual solvent was 

Ball mill jar (ZrO2) b) a) Jar lid 

Rubber sealing 

Sealed sonication vessel 

Ultrasound horn 
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removed from the solid residues by vacuum drying at temperatures between 
50-80 °C, depending on the solvent's vapor pressure. Solid residues were 
characterized by IR-ATR spectroscopy (as-is) and 1H-NMR (dissolved in D2O). The 
characterization procedure is schematically summarized in Figure 2.8.  

 

Figure 2.7. Chemical structures of typical solvents and salts used to prepare electrolyte solutions 
for Li-air batteries. 

!

 

Figure 2.8: Schematic illustration of the standard procedure for qualitative determination of 
electrolyte solvents stability towards superoxide. 
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2.3.3  Long Term Stability of Electrolyte Solvents with Superoxide 

The long term stability of organic electrolyte solvents towards the intermediate 
superoxide ion radical (O2

-!) was quantitatively determined by exposing them to 
chemically produced superoxide (KO2) and measuring UV-vis absorption of the latter 
in the range 250-270 nm as a function of time (Section 3.3). Although they are doubts 
about the role of the alkali metal ion on the degradation reactions triggered by O2

-!, 
this method serves as a convenient screening before more complicated 
electrochemical investigations in presence of Li+ ion are performed (LiO2 is unstable 
and not commercially available). 

A 3 mM KO2 solution in DMSO was prepared in an Ar-filled glovebox by stirring 
commercially available KO2 powder for 90 min. During this time water traces are 
removed by reaction with free superoxide anions; considering the maximum water 
content of ≈5 ppm, it is possible that superoxide concentration could have been 
reduced by ≈20 %, corresponding to the stoichiometry of 2 superoxide ions per water 
molecule [67,68]. The obtained KO2 solution (0.7 ml) was transferred into a quartz 
cuvette with a sealed screw cap (1/ST/C/Q/2 mm, Starna, USA) and a UV-Vis 
spectrum was recorded (Lambda35, Perkin Elmer, USA) to determine the initial 
absorbance, correlated with the O2

-! concentration at time zero. Subsequently, a 
50-fold molar excess of the solvent under investigation (n(solvent)/n(KO2) = 50, 
8-23 µl depending on the solvent) was added to the solution in the glove box. The 
solvent degradation rate is expected to be pseudo first order with respect to O2

-! due 
to the large molar excess of solvent. UV-vis spectra were collected at constant 
temperature (25 °C) and corrected with a baseline of the corresponding mixture of 
DMSO and the solvent. To visualize the decay of the superoxide radical 
concentration, related to the reactivity with solvent molecules, the absorbance at 
270 nm was plotted as a function of time. The dilution of the KO2 solution due to 
addition of different volumes of the examined solvents was arithmetically corrected. 
 

 

2.4  Battery Test Cell Design and Assembly 
2.4.1  Cell Design 

Li-air batteries are definitely more complex systems than Li-on batteries, from an 
engineering point of view. The need to provide fresh air (or pure O2) to the cathode 
defines several constrains regarding cell design than for other battery chemistries. 
However, almost all cell designs previously used for Li-ion battery research (e.g. 
Swagelok T-cells, Coin cells or pouch cells) were successfully adapted by several 
research groups for being used as Li-air cells, whereby O2 supply was provided either 
by exposing them to an O2 atmosphere (e.g. inside sealed boxes), or by directly 
connecting them to a dynamic O2 supply. Several examples of custom cell designs 
can be also found in the literature, whereby the effort of re-designing completely new 
cell hardware is justified by the need of providing a convenient connection to 
advanced in-situ characterization techniques.  
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As we planned to make extensive use of in-situ Mass Spectrometry and infra-red 
spectroscopy, we decided to design a sealed cell hardware that allowed to 
accommodate electrodes of variable sizes (up to 20 mm diameter) and to contain 
sufficient O2 for sustaining high capacity cell discharge in a relatively compact shape. 
Starting from the previous experience of Prof. Hubert A. Gasteiger at the 
Massachusetts Institute of Technology (MIT), we slightly modified the 
electrochemical cell reported in one of his papers published with prof. Yang 
Shao-Horn [17] to enhance sealing and increase internal volume. The current custom 
electrochemical cell used at TUM comprises two stainless steel plates separated by a 
28 mm diameter Kel-F (poly(chlorotrifluoro-ethyene)) spacer, defining an internal 
volume of ≈10 cm3. Two Teflon O-rings placed into two groves of the metallic parts 
provide sealing to the cell. Electrical contact between the positive electrode current 
collector (1 mm mesh stainless steel grid) and the upper metal plate is given by a 
stainless steel compression spring (Figure 2.9 a) ). 

The novel cell hardware developed in our group has several advantages: first, very 
good sealing and low gas permeation rates (≈100-fold lower than for PTFE, s. Section 
3.1). Second, the inner volume of the cell ensures a sufficient amount of O2 stored, 
therefore no dynamic O2 supply is needed (10 cm3

STP of O2 correspond to 
≈4.09!10-4 molO2, that would provide 78.9 C for the 2 e- reduction of O2 to Li2O2. Our 
carbon electrodes have a loading ≈1 mgcarbon, and provide specific discharge 
capacities between 100-2000 mAh/gcarbon, corresponding to 0.36-7.2 C. Therefore, 
effect of the pressure change arising from the consumption of maximum 10 % of the 
O2 contained in the electrochemical cell is negligible). Third, cell assembly is very 
simple and reproducible. 

2.4.2  Cell Assembly 
Cell assembly was performed with the procedure shown in Figure 2.9 c) in an 

Ar-filled glovebox: 

1. The negative electrode (Li0 foil) is placed on the bottom current collector 
2. 40 µl of electrolyte solutions are added in the center of the electrode 
3. Two Celgard® separators are placed on the negative electrode 
4. 40 µl of electrolyte solutions are added in the center of the separators 
5. The positive electrode is placed on the separators with the coating facing up 
6. 40 µl of electrolyte solutions are added in the center of the electrode 
7. The stainless steel grid is placed on the positive electrode  
8. Cell is sealed by at 6 Nm torque on all 4 screws. 

The sealed cell is brought outside the glovebox, connected to the oxygen supply line 
(Figure 2.9 d) ) and filled with pure O2 using the following procedure: 

1. Purge the oxygen supply line (valves 1-2 open, 3-4 closed, 15 min) 
2. Purge the cell with O2 at 80 sccm (valves 1-2 open, 3-4 closed, 0.5 min) 
3. Close valves 3-4 and disconnect the cell from the supply line  
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Figure 2.9. a) Exploded view of the Li-air cell developed at TUM in Prof. Gasteiger's group. b) 
Modified electrochemical cell for Mass Spectrometry studies; the tube protruding from the upper 
part contains a capillary leak for sampling gases from the cell headspace. c) Schematic illustration 
of the cell assembly procedure. d) Experimental procedure for filling the battery cell with pure O2. 
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2.5  Electrochemical Methods 
2.5.1  Battery Cycling 

Rechargeable or secondary batteries should be able to be discharged and charged 
multiple times, in other words they should have the ability to cycle. Cycle life is 
defined as the number of complete discharge-charge cycles that the battery cell can 
perform before its nominal capacity falls below an defined value (typically 80 %  of 
the original nominal capacity). Battery cells can be discharged and charged either by 
galvanostatic (constant current) or potentiostatic (constant potential) procedures, 
galvanostatic cycling is generally preferred. Commonly used galvanostatic cycling 
procedures consist in applying a constant current to the battery cell, until its potential 
or capacity reach a limit value. When the pre-defined limit is reached, the sign of the 
current is inverted (Figure 2.10). Capacity in [mAh] can be calculated simply by 
multiplying the discharge or charge duration in [h] by the current in [mA] applied. 
The voltage response of the cell provides information on the electrochemical 
reactions taking place; for instance, defined potential plateaus can be ascribed to a 
particular reaction (e.g. O2 reduction during discharge in our Li-O2 systems provides 
a flat potential plateau at ≈2.65 VLi). For some applications, combined potentiostatic-
galvanostatic techniques can be used. 

 
Figure 2.10. Current profile of a rechargeable battery cell during galvanostatic cycling. A constant 
current ±ic is applied until a certain voltage or capacity limit is reached, at which the sign of the 
current is inverted.  

In this work, mostly galvanostatic charge and cycling procedures were employed. 
As Li-O2 cells are built in the charged state, all cycling procedures started with a 
discharge. Before cycling started, a rest period at OCV was set (commonly 0.5 h) to 
allow the electrolyte solution to be absorbed in the electrode porosity.   

2.5.2  State of Charge (SOC) 
The State of charge (SOC) in [%] of a battery electrode is defined by the following 

equation: 
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!"# = !!"#$!%
!!"!#$

×100      (Eq. 2.9) 

Qactual is the charge in [C] or [mAh] actually extracted/injected from/into the electrode 
and Qtotal is the total amount of [C] or [mAh] involved for a complete 
charge/discharge of that particular electrode. In this work, we assumed that Qtotal = 
Qtheoretical, whereby Qtheoretical is defined as: 

!!!!"#!$%&'( = !"
!!"

!!"     (Eq. 2.10) 

Where n is the moles of electrons involved in the reaction, F is the Faraday constant 
in [C/mol], MAM is the formula weight of the active material in [g/mol] and mAM is 
the weight of the active material actually stored in the electrode in [g].  

2.5.3  Determination of Background Currents in Fully Assembled Li-O2 Cells 
The polarization of battery electrodes at high potentials (typically >4 VLi) upon 

charge leads to the electrochemical decomposition of the electrolyte solution and 
eventually to the corrosion of metallic current collectors. Those processes originate 
background currents superimposed to the studied electrochemical reactions (e.g. 
Li2O2 electrooxidation). It is crucial to determine background currents in order to 
correct measured current values and mitigate interpretation artifacts. 

Background currents can be determined by chronoamperometry, i.e. by measuring 
the faradaic current originated in fully assembled battery cells by increasing the 
positive electrode potential to values higher than the OCV (≈3.2 VLi for our batteries), 
without any prior discharge. Experimentally this is done by increasing cell potential 
by 0.15 V every hour and measuring the resulting current (Figure 2.11 a) ). Typically, 
the current increases abruptly every time that the voltage is varied, and slowly decays 
to a constant value at the end of the step. This behavior is related to the capacitive 
currents arising from the accumulation of charge (e.g. e-, Li+) at the electrode surface, 
often referred to as double layer capacity.  

!!"# = !"
!" = ! !"

!"        (Eq. 2.11) 

icap is the capacitive current in [A], Q is the charge in [C] involved in the process, C is 
the capacitance of the electrode surface in [F] and V is the voltage in [V]. As cell 
voltage is kept constant after the step, the capacitive current exponentially decay to 
zero. For that reason, a good approximation of the faradaic current ifar(E) related to 
electrooxidation reactions of the cell components is the value at the end of the 
potential step. Those current values are commonly plotted as log(ifar(E)) as a function 
of potential.  

A different approach is to estimate the cell components' stability by determining 
the corrosion potential Ea at the charge rate used in the cycling experiments by 
chronopotentiometry. This method consists in applying a constant positive current ia 
at the positive electrode (WE), and measure cell voltage as a function of time without 
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prior discharge (Figure 2.11 b) ). Ideally, the background current measured in 
chronoamperometry at the cell voltage determined by chronopotentiometry ifar(Ea), 
should match with the current ia set by the user in the chronopotentiometry 
experiment.  

 

Figure 2.11. a) Procedure for the determination of background currents in fully assembled Li-O2 
cells by chronoamperometry without any prior discharge. b) Current profile for the determination 
of the anodic corrosion potential by chronopotentiometry. 

2.5.4  Electrochemical Impedance Spectroscopy (EIS) 
Impedance is defined as frequency (ω) dependent resistance of electrical or 

electrochemical circuits to a voltage or current perturbation. Impedance is an 
extension of the Ohm's law for direct current (DC) circuits, and describes other 
impeding mechanisms like inductance and capacitance occurring in alternate current 
(AC) circuits [69,70]. In quantitative terms, it is the complex ratio of the voltage to 
the current in an (AC) circuit.  

!(!) =
!!"(!)
!!"(!)

∙ !!!∙!       (Eq. 2.12) 

EAC(ω) is the voltage in [V], iAC(ω) is the current in [A], ω is the frequency in [Hz] and j 
corresponds to −1. Using Euler's formula, real and imaginary part of complex 
impedance can be separated. 

 

Electrochemical impedance spectroscopy (EIS) consists in measuring the 
impedance response of an electrochemical system to a small AC voltage perturbation 
(≈10 mV) as a function of frequency [69,70]. 
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Figure 2.12. a) Nyquist plot for presenting electrochemical impedance spectroscopy (EIS) data. 
The plot consists of a complex plane with the ordinate values mirrored about the abscissa. b) 
Typical EIS response of a non-aqueous Li-O2 battery cell. 

Real and Imaginary part of complex impedance as a function of frequency (ω) are 
plotted on a Nyquist plot (Figure 2.12 a) ). It is customary to plot impedance as -Zimag 
vs. Zreal (with the ordinate values mirrored about the abscissa) because EIS rarely 
involves inductance (Zimag > 0) and usually involves capacitance (Zimag < 0). 

The behavior of an electrochemical system can be modeled using ideal circuit 
elements such as resistors (R), inductors (L) and capacitors (C). For example, a 
simple model circuit for an electroactive surface is a capacitor and a resistor in 
parallel, that results in a semicircle as the one comprising typical EIS response of a 
Li-O2 battery (Figure 2.12 b). The interception of the semicircle at high frequency 
(left) defines a real resistance R0 related to the electrolyte solution ionic conduction, 
whereas the interception of the semicircle at low frequency (right) defines a second 
real resistance R1 related to the charge transfer across the electrode surface 
corresponding to an electrochemical reaction (e.g. Li+/Li) [69,70].  

In this work, EIS technique was used for fast qualitative characterization of Li-O2 
cells. By confronting the high frequency and low frequency resistances with the 
average values previously obtained for the same kind of battery cells, it was possible 
to identify eventual mistakes during cell assembly, or the variation of electrochemical 
behavior of an electrode surface when impurities or additives were added to the 
electrolyte solution. 

!
2.6  Product Selectivity of Li-O2 Cells Via O2 Consumption 
2.6.1  Principles of Product Selectivity Measurements in Li-Air Batteries 

Product selectivity has been a fundamental subject in Li-air research. 
Thermodynamically, two reduction products of O2 with Li0 are possible when 
discharging a Li-O2 cell, that is lithium peroxide Li2O2 and lithium oxide Li2O 
(Re. 1.1 and 1.2). Despite the discharge of Li-O2 cells leads mostly to Li2O2, there 
was until nowadays a strong interest to maximize the yield of the most reduced oxide 
Li2O because of its much higher specific capacity (1794 mAh/gLi2O vs. 
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1168 mAh/gLi2O2). For that reason, it is necessary to get more mechanistic insights on 
the parameters that influence oxygen reduction reaction's product selectivity. 

A simple method to determine the product selectivity of a Li-O2 battery is to 
measure the pressure drop inside a sealed cell using a manometer or pressure 
transducer during the discharge process at constant temperature. A typical pressure 
profile during the first cycle (discharge-charge) of a sealed Li-O2 cell thermostated at 
25 °C is shown in Figure 2.13. In the assumption that O2 behaves as an ideal gas in 
the conditions of the experiment (101.3 kPaabs, 25 °C), the moles of O2 consumed 
(Δn) can be obtained using the recorded pressure drop (ΔP between the base pressure 
at OCV and at the end of discharge) and the ideal gas law. 

Δ! ! = Δ! !"       (Eq. 2.13) 

R is the ideal gas constant in [J/K!mol], T is kept constant at 298 K and V is the 
internal volume in [m3]. From the comparison between the capacity in [C] involved in 
the discharge and the moles of O2 consumed it is possible to obtain the e-/O2 ratio and 
determine the product selectivity (e-/O2 = 2, pure Li2O2; e-/O2 = 4, pure Li2O; 
2 < e-/O2 < 4, mixtures of Li2O2 and Li2O).  

 
Figure 2.13. Voltage (black line) and inner pressure profile (orange line) on the first cycle of a 
sealed Li-O2 cell - Baratron system for product selectivity studies performed at 25°C. The slope of 
the discharge curve corresponds to the pressure variation as a function of time used to calculate the 
fraction of Li2O2/Li2O produced upon discharge. 

A more accurate way to calculate the e-/O2 ratio is by determining the O2 
consumption rate in [mol/s] from the pressure variation corresponding to the slope of 
the pressure profile measured, using the following equation. 
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      (Eq. 2.14) 

For a given discharge current i, the e-/O2 ratio can be determined as follows.  
 
!! !! = !

!!        (Eq. 2.15) 

Finally the fraction of Li2O2 and Li2O [%mol] can be calculated using the following 
equations. 

!!"!!! = 2 − !! !!
! ×100      (Eq. 2.16) 

!!"!! =
!! !!
! − 1 ×100      (Eq. 2.17) 

This method is unfortunately not reliable for the charge of Li-O2 cells, as several 
gases beyond O2 are commonly evolved at potentials >4 VLi (CO2, electrolyte solvent 
fragments). It is however possible to carry out the same kind of calculations to obtain 
the e-/gas evolution ratio; data treatment is complicated by the non-linearity of the 
pressure profile (Figure 2.13), and a more accurate differentiation procedure must be 
employed. O2 consumption measurements can be very useful to integrate and 
corroborate data obtained via mass spectrometry (Section 2.7). 

2.6.2  Oxygen Consumption Experimental Setup 
In this work, oxygen consumption measurements were performed using an MKS 

627D Baratron absolute capacitance analog manometer connected to a sealed battery 
cell. Pressure data (in [torr]) were collected (1 pressure point every 10 s) by a 
National Instruments data acquisition card interfaced to a personal computer via a 
Labview program developed in our laboratory. The uncertainty of the pressure 
measurement is 0.7 hPa, much less than the signals detected, typically 10-90 hPa. 

 

Figure 2.14. a) Scheme of the system used for O2 consumption measurements, comprising a 
battery cell hardware identical to the one presented in Figure 2.9 and an absolute capacitance 
analog manometer. b) Photo of the O2 consumption system. 
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The internal volume V of the system (cell + manometer) was determined by 
geometry, and it was 20.2 ml; the electrochemical cell comprises ≈10 ml, the 
manometer ≈7 ml (provided by the constructor) and the connections ≈3 ml. 

Setting up an O2 consumption measurement with our system consists of the 
following steps: 

1. Evacuate the manometer using a rotary vane pump (1 h) 
2. Connect the manometer to the O2 supply line 
3. Purge the manometer with pure O2 (5 min) 
4. Connect the electrochemical cell to the manometer 
5. Purge the system (manometer + electrochemical cell) with O2 (5 min) 
6. Close inlet and outlet valves 
7. Insert the system in a climatic chamber at 25 °C 
8. Connect manometer to data acquisition card and cell to potentiostat 

Cells are kept at OCV for 6 h before starting the cycling procedure in order to 
stabilize the temperature and the inner pressure of the system.  

 

2.7  On-Line Electrochemical Mass Spectrometry (OEMS) 
2.7.1  Background on Electrochemical Mass Spectrometry 

Mass Spectrometry (MS) is a powerful method to analyze complex 
electrochemical systems such as Fuel Cells and batteries in-operando. Albeit MS 
applications for battery operation diagnostics is relatively recent, Differential 
Electrochemical Mass Spectrometry (DEMS) setups were extensively used for 
obtaining the composition of the exhaust gas of Fuel Cells, and it allowed researchers 
to get information on the instability of Fuel Cell components (e.g. depolymerization 
of ionomer membranes in Polymer Electrolyte Membrane Fuel Cells (PEMFCs)) by 
analyzing the corresponding volatile fragments. DEMS consists of a two stage 
pressure reduction from ambient pressure (the system to be studied) to the high 
vacuum needed for the mass spectrometer to operate. That is obtained by differential 
pumping, i.e. part of the inlet gas is pumped out of the system before reaching the MS 
inlet on a first stage, and the residual pressure is further lowered to high vacuum 
within the MS. This approach requires relatively high flows of gas (on the order of 
ml/min). Although this is possible for Fuel Cells, DEMS is not suitable "as-is" for 
battery applications due to the limited volume of gas available in electrochemical 
cells.  

Researchers at IBM have adapted a DEMS system wherein, in order to avoid 
evacuation, the cell headspace is sampled in intervals of 15 min integration time [37]. 
Another approach was developed by W. Xu and coworkers at the Pacific Northwest 
National Laboratory in Richland, WA (USA), whereby a Gas Chromatography-Mass 
Spectrometry system (GC-MS) is connected to the cell headspace constantly purged 
with helium gas [71]. 
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2.7.2  Online Electrochemical Mass Spectrometry Experimental Setup 
We decided to pursue an even different approach, by designing a Mass 

Spectrometry system with a single stage pressure reduction from ambient pressure 
(the Li-O2 cell) to the high vacuum of the MS (Pfeiffer Vacuum QMA 410). That 
goal can be achieved by sampling the cell's headspace at a flow rate of ≈1 µl/min 
through a calibrated crimped-capillary (Ar leak rate of 1.8 10-8 mbar⋅ml/s at 24ºC).  

 
Figure 2.15. Technical scheme and real pictures of the On-line Electrochemical Mass 
Spectrometer (OEMS). The white band in which the system is wrapped up is used to maintain it at 
a temperature of 100 °C, in order to avoid the adsorption of H2O and other contaminants on the 
internal metal surface of the instrument. 

The main advantage of using a crimped-capillary over differential pumping is its 
very low leak rate combined with a fast response time (on the order of 1 second). The 
inlet is guided through a tube directly into a differentially pumped cross-beam 
ionization chamber. The resulting pressure in the ionization chamber is ≈1⋅10-6 mbar 
and ≈1⋅10-7 mbar at the off-axis Secondary Electron Multiplier (SEM) of the MS, 
allowing for quantification of ppm-level gas constituents (detection limit of 
≈10-14 mbar).  

Online-Electrochemical Mass Spectrometer (OEMS) 

Purge 
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Our custom cell hardware introduced in Section 2.4, with an inner volume of 
≈10 ml of gas, allows us to perform MS experiments up to 30 hours long in a sealed 
system and without significantly affecting cell's base pressure (it should be noted that 
Li-air battery performance are fairly influenced by O2 partial pressure [25,72]). 
Figure 2.15 shows a schematic view of the system developed by Dr. Nikolaos 
Tsiouvaras in our group, called On-line Electrochemical Mass Spectrometer or 
OEMS. 

The main disadvantage of a single stage pressure reduction inlet, however, is the 
mass fractionation of the sampled gas [36]; therefore, in order to perform quantitative 
study of the gases evolved during operation, the signals of the components of interest 
must be calibrated using calibration gas mixtures with the same background matrix 
(Ar).  

2.7.3  OEMS Data Acquisition and Data Treatment 
In contrast to differentially pumped systems, gas evolution during OEMS 

operation results in a continuous accumulation of substances (e.g. O2 evolution upon 
Li2O2 electrooxidation) in the headspace of the battery. In order to obtain the gas 
evolution rates (highly interesting because they allow to discern between different 
charge/discharge mechanisms/products) from the integral signals provided by OEMS 
(i.e. ion currents [A], corresponding to concentrations, Figure 2.16 b) ), the following 
data processing must be carried out. First, the interesting integral signals (say, O2) 
must be normalized by the mass trace of an inert compound for compensating the 
pressure reduction due to the OEMS sampling. 36Ar is a convenient isotope due to its 
chemical inertia (its partial pressure depends only on temperature, kept constant, and 
sampling time) and its relatively high concentration (0.336 %). Normalized signals 
(Figure 2.16 c), dimensionless) are subsequently calibrated, smoothed and 
differentiated to gas evolution rates in [mol/s] (Figure 2.16 d) ). However, it is more 
convenient to report gas evolution rates in terms of current-normalized molar flow 
rates in [µmol/(As)] (Figure 2.16 e) ), since a 2-electron oxidation process of Li2O2 
would correspond to a rate of 5.18 µmolO2/(As), independent of the applied current 
(this value is obtained from (2⋅F)-1, where F is the Faraday constant (96485 As/mol)) 
so that experiments conducted at different absolute currents can be compared easily 
(e.g., electrodes with different carbon loadings charged at equal carbon mass-
normalized currents). 

Although in some cases (like the one shown in Figure 2.16 c) ) O2 evolution rates 
are constant throughout the whole charge process, leading to linear increase of O2 
concentration and thus to expected constant O2 evolution rate [mol/s], the 
differentiation of such noisy signals can result in rather wavy evolution rates (Figure 
2.16 d) ). Smoothing the integral signal does mitigate this effect, however in some 
cases a linear fit of the normalized signal to calculate the evolution rate [mol/s] from 
the obtained slope can be more convenient. 
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Figure 2.16. Schematic illustration of the data processing needed for interpreting OEMS data. a) 
Voltage profile of the electrochemical cell, b) raw ion-current signals [A] detected by the Mass 
Spec., c) O2 signal normalized by 36Ar signal [A/A], d) differentiated and calibrated O2 signal, that 
is O2 evolution rate [nmol/s], e) superimposed voltage profile to current-normalized O2 evolution 
rate; the vertical dotted line indicates the theoretical specific capacity of the electrode, whereas the 
orizontal dotted line indicates the current normalized O2 evolution rate corresponding to a 2e-/O2 
evolved process. The x-axis is a time axis expressed in terms of specific capacity, whereby 1h 
corresponds to 120 mAhg-1

carbon. 
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2.8  Electrode Characterization 
2.8.1  Carbon Loading of Air Electrodes 

Carbon loading of air electrodes is a fundamental parameter to calculate the 
discharge rate in [A/gcarbon] and the specific capacity in [mAh/gcarbon]. All air 
electrodes discussed in this study are made of non-catalyzed carbon black and a 
binder. It is trivial task to calculate the carbon loading in [mgcarbon/cm2

electrode] by just 
weighing the final electrodes and assuming that the binder/carbon/catalyst ratio set at 
the beginning of the electrode preparation are still valid for the final electrode.  

!!" = !!"!#$%&'! −!!"##$%& × !!"
!      (Eq. 2.18) 

Where LAM is the loading of the active material in [mg/cm2], melectrode and msupport is 
the total mass of electrode and support respectively in [mg], fAM is the fraction of 
coating mass comprising the active material, and A is the electrode area in [cm2]. This 
approach has shown good results for most experiments performed in this work, 
whereby deviations on the order of 10% for the capacity of repeated cycling 
experiments are considered acceptable.  

2.8.2  Surface Analysis of Air Electrodes: BET Method 
Surface analysis provides precise specific surface area evaluation of materials by 

N2 multilayer adsorption measured as a function of relative pressure using fully 
automated analyzers. The technique encompasses external area and pore area 
evaluations to determine the total specific surface area in m2/g. Data are treated by the 
instrument according to the Brunauer Emmett and Teller (BET) adsorption isotherm: 

!
!! !!

! !!
= !!!

!!!
× !
!!
+ !

!!!
     (Eq. 2.19) 

In this work, surface analysis by BET method was used for obtaining useful data 
about the pore size distribution of seven different carbon blacks employed for air 
electrode preparation (Section 3.2).  

Surface and porosity analyses were conducted on both the raw electrode materials 
(CB powder) and on the final electrode, for further investigating the influence of the 
binder (namely Li+ exchanged Nafion) on the surface properties (and thus on its 
electrochemical performance). As a relevant pore size distribution analysis requires a 
minimum of ≈20 m2 total absolute surface to be introduced in the instrument, the 
latter task could not be carried out on Celgard® supported air electrodes (Lcarbon = 
0.3-0.5 mgcarbon/cm2

electrode) for basically two reasons: first, the low carbon loading, 
desired for faster O2 mass transport, would have required the introduction of large 
electrode pieces inside the BET instrument, mechanically not feasible, and second 
due to high mass fraction of Celgard® support (≈60 % of the electrode mass) and its 
high porosity (50 % of its volume), the accuracy of the measurement was heavily 
affected.  
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For example, the surface analysis of the lowest surface material, characterized by 
≈70 m2/g, required ≈450 mg of coating, corresponding to ≈300 mg of CB. Because 
our CB slurries are optimized for ≈180 mg of CB per ink, those requirements incited 
us to "scale-up" inks up to double the quantities (i.e. ≈360 mg CB). 3-fold thicker 
electrode coatings were spread on Al-foil and vacuum dried overnight at 95 °C; 
subsequently, the coatings were scraped off the support, grinded and submitted to 
surface analysis. Experimental details are reported in Section 3.2. 

2.8.3  Characterization of Pre-Filled Electrodes by X-Ray Diffraction (XRD)  

X-Ray powder Diffraction (XRD) was regularly employed for preliminary 
qualitative characterization of as-prepared pre-filled electrodes. The different crystal 
structures of Li2O2, LiOH, Li2CO3 and Li2O determine characteristic X-ray 
diffraction patterns. X-ray powder diffraction data were collected using a Stadi MP 
diffractometer (STOE, Germany) equipped with a one dimensional silicon strip 
detector Mythen 1K (Dectris, Switzerland) and monochromatized Mo(Kα1) radiation 
(λ = 0.7093 Å, 50 kV, 40 mA) in Debye-Scherrer or transmission geometry.  

 
Figure 2.17. a) Regular sample holder for flat samples for measurements in Debye-Scherer 
geometry. b) Capillary tubes for XRD measurements of powder with the same geometry. c) 
Exploded view of the airtight sample holder for XRD analysis of flat samples in Debye-Scherer 
geometry developed at TUM. 
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At first, the standard sample holder for measurements in Debye-Scherrer geometry 
was used for X-ray diffraction experiments on a single electrode. The original sample 
holder from the manufacturer consisted of a pierced metal disk and two polymer foils 
(in our case, 10 µm thick cellulose acetate) to hold a flat sample (Figure 2.17 a) ). 
Because of the high permeability of H2O vapor through the cellulose acetate foils, 
leading to quantitative conversion of Li2O into LiOH!H2O in less than 15 minutes of 
exposure to ambient air, capillary glass sample holders were preferred. By 
introducing the material of 4-5 electrodes (scraped off the Celgard® support) into 
0.7 mm  capillaries (Figure 2.17 b) ), we were able to drastically increase the signal 
to noise ratio of the measurements and to avoid H2O permeation, making feasible 
data acquisition over long periods of time even for Li2O electrodes. The capillaries 
were filled and sealed insidean Ar-filled glovebox.  

XRD characterization of Li2O electrodes charged at different state of charge 
(SOC) could not be performed using a capillary sample holder, since the amount of 
material of a single electrode is not sufficient. For that purpose, a novel airtight 
sample holder for XRD analysis of flat samples was developed. That sample holder, 
shown in Figure 2.17 c), consists of a stainless steel body, two Al foils (Al and Li2O 
reflections do not superimpose) and a PTFE sealing. Because axial permeation of 
H2O vapor through the Al foils does not occur, exposition to ambient air for more 
than 10 h does not lead to conversion of Li2O into LiOH and LiOH!H2O, as with the 
previous setup.  

Charged electrodes were extracted from electrochemical cells in an Ar-filled 
glovebox, cut into four pieces and stacked in in the sample holder for improved 
signal/noise ratio.  

2.8.4  Characterization of Pre-Filled Electrodes by IR-ATR Spectroscopy  

IR-ATR analysis at different SOC was preferred to XRD for LiOH and Li2CO3 
pre-filled electrodes due to its simplicity. LiOH and Li2CO3 have strong IR 
absorption bands in (O-H stretching ≈3700 cm-1 (LiOH) – CO3

2- asymmetric 
stretching ≈1450 cm-1 and out-of-plane bending ≈850 cm-1 (Li2CO3)). The 
measurement consists in compressing the electrode's coating against a Ge crystal 
placed on the IR-ATR instrument, and to record the attenuation of the IR beam, 
totally reflected through the crystal, resulting by the exposure to an absorbing sample. 
In order to obtain reproducible and significant results with solid samples, it is 
important to ensure a good contact on the whole crystal surface (several mm2). In our 
case, this practically translates in making sure that the region of the coating 
investigated is uniform, with no protruding particles and no evident cracks. Despite 
the relatively strong absorption of carbon throughout the range explored 
(4000-600 cm-1) and the corresponding reduction of the signal/noise ratio passing 
from the pure compounds to the final electrode, absorbance peaks for both 
compounds are decisively distinguishable from the background, allowing their semi-
quantitative determination. The electrolyte solvent (diglyme, main absorptions 
between 3000-2800 cm-1 (C-H stretching) and 1200-1000 cm-1 (C-O stretching))) was 
removed by vacuum drying overnight at 50°C, with no further treatment. The residual 
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LiTFSI electrolyte is characterized by well-defined strong absorptions between 
1250-950 cm-1, that allows the normalization of the spectra by the strongest TFSI- 
band at 1200 cm-1 for better comparison. For the same reason, pristine electrodes (i.e. 
0 % charged) were characterized after exposition to battery conditions by assembling 
them in full battery cells for 2 h (typical rest period at OCV before the cells are 
charged). Experimental details are reported in Section 4.2. 

2.8.5  Thermogravimetric Analysis - Mass Spectrometry (TGA-MS) 
Characterization of Pre-Filled Electrodes 

In this work, thermo gravimetric analysis coupled to mass spectrometry  
(TGA-MS) was used for determining the composition of pre-filled electrodes. TGA 
continuously measures the weight of a sample as a function of temperature and time. 
Thermally activated events are recorded, and expressed as weight loss or weight 
change for a given time or temperature. 

TGA is in principle a suitable technique for the characterization of Li2O2, Li2CO3, 
LiOH and L2O pre-filled electrodes. Pure Li2O2, Li2CO3 and LiOH decompose into 
Li2O by releasing O2, CO2 and H2O respectively when heated in inert atmosphere 
(Ar) in the temperature range 25-1250 °C. Those thermal events take place in defined 
and typical temperature regions. On the other hand, Li2O is stable throughout the 
whole temperature range (Table 2.1). Mass Spectrometer coupled to the TGA system 
through quartz capillary can easily detect the evolved gases.  

The preliminary thermal analyses of the pure lithium compounds were performed 
in the temperature range 25-1250 °C, whereby the maximum temperature achievable 
with our TGA furnace is 1600 °C. However, as the capillary that connects the TGA 
furnace to the MS tend to melt or deform at temperatures >1000 °C (after several 
experiments the capillary was clogged), we decided to set the maximum for further 
experiments to 925 °C. Already at this temperature, all lithium compounds used 
(from now on referred to as Active Material or AM) are quantitatively decomposed to 
Li2O. 

Table 2.1. Thermal decomposition of inorganic lithium compounds used for preparing pre-filled 
electrodes. The decomposition temperature ranges are experimentally determined with our 
TGA-MS system (scan rate 20 K/min), whereas all other values are tabulated. 

N° T range [°C] Reaction ∆m [% of LiX] 
Evolved 
Gases 

m.p. 
[°C] 

(1) 25–1250 Li2O does not react – – 1570 

(2) 280–400 Li2O2 → Li2O + ½ O2 -34.9 O2↑ ~340 

(3) 400–600 2 LiOH → Li2O + H2O -37.6 H2O↑ 471 

(4) 700–1100 Li2CO3 → Li2O + CO2 -59.6 CO2↑ 723 
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The following heating program was used for routine pre-filled electrodes 
characterization. First, the sample is heated from room temperature to 925 °C at a 
scan rate of 10 K/min in inert atmosphere (Ar) to decompose the AM, as in the pure 
case (s. Table 2.1). Second, the final temperature is held 30 minutes after the 
atmosphere is switched to 67% O2 in Ar, in order to combust the organic compounds 
and leave Li2O as only residue. In contrast with the pure AM case, thermal analysis of 
final carbon electrodes is much more complex, as the presence of carbon black and 
binder opens a whole plethora of chemical reactions. As a rule, Li2O2, LiOH and Li2O 
tend to react at different temperatures with binder and carbon black (Vulcan XC72), 
leading to Li2CO3, finally decomposed into Li2O, CO and CO2 at temperatures 
>700 °C. Due to that complex reaction path, a qualitative determination of the active 
material is not feasible. For that reason, a complementary XRD characterization was 
necessary (Section 2.8.3). 

 
Figure 2.18. a) Inner view of the TGA furnace, and b) crucibles made of different materials; 
sapphire (supported Temp. 25-1600 °C), sintered Al2O3 (Supported Temp. 25-1600 °C), and 
sealable Al (supported Temp. 25-600 °C). 

In case of Li2O2 electrodes, the reaction with carbon becomes violent at scan rates 
≥20 K/min (Li2O2 is a source of oxygen, carbon is combustible), and the gases 
released (mostly CO) can spread powders and ashes in the TGA furnace. That is the 
reason for setting the scan rate to 10 K/min, at which no violent reaction is observed.  

Another concern regarding the accuracy of the TGA measurements is the 
reactivity of some active materials (LiOH and Li2O) with moisture and CO2, as well 
as the tendency of carbon black to absorb humidity. Even if the sample is prepared 
inside an Ar-filled glovebox, weighing it outside next to the TGA instrument requires 
at least 1 min during which it is being exposed to ambient air. A possible way to 

a) 

b) 
Sample crucible 

TGA balance 

Reference crucible 

Sapphire crucible 

Sintered Al2O3 crucible 

Al crucible 
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prevent artifacts is to prepare a sample in an Al crucible sealed in an Ar-filled 
glovebox, and to pierce it after weighing it, just before introducing it in the TGA 
furnace. However, that approach cannot be used when temperatures >600 °C are 
investigated. For that reason, we decided to just weigh the sample directly inside the 
glovebox, although using a much less accurate scale (0.1 mg vs. 0.001 mg). 

Electrode coatings as scraped off their support are flake-shaped black particles, 
very light and easily carried in a gas stream. In order to obtain accurate results, mass 
loss due to stripping of solids by expanding gases generated from the sample must be 
prevented. That goal was achieved by using 150 µl sapphire crucibles capped with a 
perforated sapphire lid that allows the release of gases without letting out bigger 
coating particles, mitigating like this major undesired mass losses. As the material of 
the crucible is concerned, the use of single crystal sapphire (Al2O3) crucibles was 
mandatory because more inexpensive materials such as sintered alumina (also Al2O3) 
let molten salts (mainly LiOH) through their porosity, thereby several crucibles were 
literally "welded" on the TGA scale after cooling down back at room temperature. 
Al2O3 and sapphire crucibles can be cleaned by washing with aqua regia, and 
subsequently annealing them in air at 1100 °C. 

Despite all that was discussed above, quantitative information can still be obtained 
using the final Li2O residue value. The final electrode composition, expressed as 
AM/carbon ratio, can be obtained using Eq. 2.20: 

!!" =
!!!!"# !!

!!"!!

!""! !!!!"# !!
!!"!!

!!"# !!!!
     (Eq. 2.20) 

Where RAM is the final AM/carbon ratio, r is the final Li2O residue in [%] as obtained 
from Thermal Analysis, fcat is the theoretical catalyst mass fraction in [%], Mx is the 
formula weight of the AM considered in [g/mol], MLi2O is the formula weight of Li2O 
in [g/mol], and fB is the theoretical binder/carbon ratio in [g/g]. In our case, the 
desired value for RAM is always 1.0 (1/1 AM/carbon, as expected by ink recipe). Any 
strong deviation from that value suggests exposure to moisture and/or contamination 
of the sample. Results and experimental details of TGA-MS analyses are reported in 
Sections 4.2 and 4.3. 
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Chapter 3  
!

Investigations on Li-air Battery Discharge 
Limitations and Effect of Contaminants on 
Capacity and Cycling Performance 
 

 
The outstanding projected specific energy of Li-air batteries rely on the very high 

theoretical specific capacity of Li2Ox in comparison to the active materials used in Li-
ion battery positive electrodes (>1000 mAh/gLi2Ox vs. <200 mAh/ginterc.). As discussed 
in Section 2.2, battery electrodes are composed of a conductive carbon black, a binder 
and the active material. In Li-ion technology, practical positive electrodes comprise 
≈95 % of active material [65] (say, LiCoO2), therefore the specific capacity of the 
AM almost equals the specific capacity of the electrode coating (140 mAh/gLiCoO2 
translate into 133 mAh/gcoating). On the other hand, Li-air positive electrodes are 
commonly made of a carbon material (say, Vulcan XC72 carbon black) used as 
electroactive surface for the oxygen reduction reaction, but ideally not participating in 
the discharge/charge reactions. Capacities of Li-air batteries are commonly reported 
as [mAh/gcarbon]; capacity expressed as [mAh/gelectrode] is however a more reliable 
descriptor for practical applications. Assuming Li2O2 is the only product, a specific 
capacity of 1168 mAh/gcarbon (corresponding to 1 gLi2O2) for an electrode comprising 
1 gcarbon, would translate in maximum 584 mAh/gelectrode, considering that a discharged 
electrode comprised at least the carbon support and Li2O2: 

!!"!#$%&'! = !!"#!!"!/!!"#$%&×!!!"#$%&
!!!"!!!!!!!"#$%&

= 584!!"ℎ/!!"!#$%&'!  (Eq. 3.1) 

For that reason, in order to take full advantage of the superior specific capacity of 
Li-air discharge products, capacities in the order of ≈10000 mAh/gcarbon are highly 
desired. For example, a specific capacity of 11680 mAh/gcarbon provided by the same 
electrode would translate into 1062 mAh/gelectrode, largely outperforming a typical 
Li-ion positive electrode. 

!!"!#$%&'! = !!"#$!!"!/!!"#$%&×!!!"#$%&
!"!!"!!!!!!!"#$%&

= 1062!!"ℎ/!!"!#$%&'!  (Eq. 3.2) 

Unfortunately, such high specific capacities are rather exceptional when practical 
electrode materials (e.g. non-catalyzed Vulcan XC72) are employed, being generally 
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below 1000 mAh/gcarbon [36,50,73]. The reason for that is the formation of an 
insulating layer of discharge products (namely, Li2O2) on the electrode surface at 
relatively high discharge currents, which limits the discharge to much lower capacity 
values than would be expected if the whole electrode porosity was filled with 
products [47,49,50].  

Several reports investigated the growth of the passivation layer on a flat glassy 
carbon electrode surface in three electrode cells that mimic Li-O2 batteries, using both 
alkyl carbonates and ethers as electrolyte solvents. The increasing electronic 
resistance across the product layer, from the electrode to the O2 molecules, was 
identified as the main factor limiting oxygen reduction reaction [48]. The critical 
thickness value at which the electrode surface is passivated and oxygen reduction 
reaction is stopped was measured to be 50-70 nm [47] and 5-8 nm [49] respectively, 
using comparable discharge currents. The apparent discrepancy between those two 
systems lies in the reactivity of alkyl carbonate electrolyte solvents with oxygen 
reduction reaction intermediates, and the subsequent formation of more soluble 
species that can cover longer distances before precipitating as Li(alkyl)carbonates. In 
this chapter, we extended those studies to real Li-O2 cells comprising a mesoporous 
carbon black cathode and a Li foil anode. Understanding the fundamental 
electrochemistry of Li-air battery discharge is essential to design strategies for 
overcoming the discussed limitations and exploit the full potential of the technology. 

 

3.1  The Effect of Water on the Discharge Capacity of a Non-
Catalyzed Carbon Cathode for Li-O2 Batteries 

The paper entitled "The effect of water on the discharge capacity of a non-
catalyzed carbon cathodes for Li-O2 batteries" is presented in this section. That work 
was the first published by our group in the field of Li-air batteries, and reports on the 
first experimental results regarding the discharge of Li-O2 cells.  

As previous reports pointed out, the discharge capacity of Li-air batteries is very 
much influenced by the presence of some contaminants, which can be present as 
impurity in the O2 feed (say, CO2) or dissolved in the electrolyte solution. More 
precisely, Takechi et al. have shown that CO2, deliberately added to the O2 feed at 
concentrations between 10-80 %, is able to multiply the discharge capacity by a 
factor of 2-3 [54]. That result warned the scientific community that Li-air cell testing 
in a carefully controlled environment is essential for obtaining reproducible results 
and mitigating artifacts. For that reasons, it was essential to improve the sealing of 
our cell hardware.  

In this section, a detailed description of a novel cell hardware design for LiO2 
battery testing is shown. That new cell allowed us to drastically reduce permeation of 
gases (mostly interesting were H2O and CO2, as N2 was believed to be relatively inert 
on the cathode side) from ambient atmosphere, ensuring a controlled environment for 
long-term experiments (several days).  
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The use of that cell design resulted in a much lower discharge capacity of the 
carbon cathodes tested, which could not be explained only by the reduced permeation 
of CO2 in the system, as its effect on capacity starts to be substantial at concentration 
in the order of percent, whereby atmospheric concentration of CO2 is ≈400 ppm. 
However, by accidentally using leaking cell hardware the discharge capacity of our 
Li-air cells based on a superoxide-stable electrolyte solution could be increased by 
one order or magnitude, reaching again the values obtained with cell hardware 
previously used. As the CO2 concentration in atmospheric air could not explain that 
improvement, a more abundant "contaminant", that is H2O, was taken into 
consideration (H2O concentration ≈1.5 % in air at 25 °C and 50% relative humidity). 
By intentionally providing H2O saturated O2 feed, the discharge capacity of sealed 
Li-O2 cells could be increased by a factor of 14. 

The discharge capacity of Li-O2 cells is increased also when electrolyte solutions 
known to be reacting with ORR intermediates are used; more precisely a ≈2.5-fold 
improvement is obtained using 2/1 vol/vol propylene carbonate/dimethoxyethane 
blend as electrolyte solvent.  

Based on those evidences, we developed a discharge mechanism for non-catalyzed 
carbon electrodes, whereby the precipitation of the discharge products on the 
electrode surface limits O2 reduction by limited electron conduction (i.e. electrode 
passivation). In this hypothesis, discharge capacity is limited by the electrode surface 
area. On the other hand, when ORR intermediates react with either the electrolyte 
solvent or H2O forming more soluble species, electrode passivation is strongly 
delayed, therefore the discharge capacity is limited by the ability of the electrode to 
"store" discharge products, thus by its porosity. Despite the fact that higher discharge 
voltage (≈50 mV) is observed using H2O contaminated O2, suggesting the formation 
of LiOH instead of Li2O2, recent results obtained in our laboratory seem to invalidate 
that hypothesis. Further studies are currently being carried out in order to address that 
point.
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In this study we report the strong effect of water or organic carbonates on the specific capacity during the first discharge of the
cathode of a Li-O2 cell, using Vulcan-based positive electrodes. An improved cell design allowed us to avoid contaminations from
atmospheric air and to compare the discharge in water-free electrolyte with that of water contaminated cells, getting an increased
specific capacity up to one order of magnitude. Understanding the mechanism that limits or enhances the specific capacity of the
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Since the specific energy of state-of-the-art lithium ion batter-
ies (LiBs) is mostly limited by the positive electrode (cathode), novel
cathode concepts are required to substantially increase battery specific
energy and thus battery electric vehicle (BEV) range.1 The theoret-
ically highest specific energy is promised by Li-air batteries2, 3 due
to the 4 to 6 times higher specific energy of the Oxygen Reduction
Reaction (ORR) cathode in aprotic organic electrolytes,4 which could
lead to a 3– to 4–fold increase in specific energy for fully packaged
Li-air batteries compared to state-of-the-art LiBs.4, 5

However, lithium-air battery cathode rate capability is very low
and capacity decreases as the current density is increased from typi-
cally 0.04–0.10 mA/cm2 up to 1.0 mA/cm2.6–11 To account for the
widely varying carbon loadings of !0.410 to !25 mgcarbon/cm2,6

current densities are often referenced to the weight of carbon
(mA/gcarbon), whereby most experiments are conducted at !70–
100 mA/gcarbon.4, 12–14 Cathode specific capacities at low current den-
sities, which are conventionally normalized to the weight of carbon,
range from !500 to !3000 mAh/gcarbon,6, 9–11, 13 corresponding to very
low C-rates of 1/10 h–1 or less. For cathodes using non-catalyzed car-
bons, the specific capacity depends on the type of carbon6, 11 as well
as on the oxygen solubility of the aprotic organic electrolyte.9, 15 Thus,
specific capacities from different studies can only be compared at dif-
ferent discharge rates and if the same carbons and electrolytes are used.
However, recent findings showed that lithium-air cathode discharge in
alkyl carbonate electrolytes produces lithium (alkyl) carbonates rather
than the desired lithium peroxide, due to the reaction of superox-
ide radicals with alkyl carbonates like propylene carbonate (PC).16–19

Conversely, lithium peroxide (Li2O2) is predominantly formed during
the first discharge in ether-based electrolytes like dimethoxy ethane
(DME)17 although not exclusively in subsequent cycles.19

In addition to developing more stable electrolytes as well as cath-
ode designs which enable high capacity at C-rates of !1 h–1 (i.e.,
at thousands mA/gcarbon) and utilize catalysts to increase round-trip
voltage efficiencies (!70% for MnO2

13 and !75% for PtAu14),
the sensitivity of the lithium-air battery to contaminants in at-
mospheric air20 (CO2, H2O) and/or produced upon cycling (CO2,
Li-alkyl-carbonates21) has to be considered.

In the present work, we introduce a Li-O2 test cell design with
improved sealing and reduced permeation of CO2 and H2O from the
ambient. With this cell, we compare specific capacities in the first
discharge in aprotic solvents which lead to lithium (alkyl) carbonate
discharge products (i.e., PC:DME mixtures) with those which lead
to lithium peroxide (i.e., DME). Furthermore, we explore the effect
of water contamination in pure DME, illustrating that it significantly
enhances specific capacity in the first discharge, so that widely vary-
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ing capacities are obtained if water contamination is not carefully
controlled.

Experimental

Electrode design and testing.—The positive electrodes with a
binder/carbon ratio of 0.5/1 g/g were prepared by Mayer-rod coat-
ing of an ink composed of carbon, isopropanol, and a lithium-ion
exchanged Nafion solution (LITHion, Ion Power, USA) onto a Cel-
gard C480 separator. The ink was prepared adding Vulcan XC72
carbon to isopropanol (Sigma-Aldrich, 99.9%), and the mixture was
sonicated for 20 minutes (Branson 250 probe-sonifier). Afterwards,
LITHion solution (10.6%wt. in isopropanol) was added, and the ink
was mixed with a spatula for half a minute. After solvent evapora-
tion at room temperature, 15 mm diameter cathode electrodes were
punched out, dried under dynamic vacuum at 95#C for 6 hours in a
glass oven (Büchi, Switzerland), and transferred for cell assembly into
an argon-filled glove box (O2 < 1 ppm, H2O < 0.5 ppm; Jacomex,
France) avoiding exposure to ambient air. The carbon loading of the
cathodes of 0.41 mgcarbon/cm2

electrode (13 µm thickness) was obtained
by weighing. Electrolytes were prepared with battery grade LiClO4
(Sigma-Aldrich, 99.99% trace metal basis) vacuum dried at 150#C for
24 hours before use. Anhydrous DME (Aldrich, 99.5%), PC (Aldrich,
99.7%), and PC:DME blends (2:1 and 4:1 v:v) were dried for 24 hours
over Sylobead MS 564C zeolites (3 Å, Grace Division). The water
content of the 0.1 M LiClO4 electrolytes, unless reported otherwise,
was $4 ppm (Karl Fischer titration).

Cell assembly.—A 17 mm ø lithium disk (0.45 µm thick, 99.9%;
Chemetall, Germany) is placed onto the anode current collector, wet-
ted with 40 µl of electrolyte, and covered with two Celgard C480
separators. The cathode is placed onto the separators before and after
dropping 40 µl of electrolyte and then covered with a 21 mm ø stain-
less steel (316SS) mesh (0.22 mm ø wire, 1.0 mm openings, Spörl KG,
Germany) cathode current collector. The cell is sealed with four screws
at a torque of 6 Nm, then connected to an oxygen line (all 316SS tub-
ing to avoid moisture intrusion) and purged with O2 (80 sccm for 0.5
minutes). After a 30 minute rest at open circuit voltage (OCV), cells
were discharged at 0.05 mA/cm2

electrode (% 120mA/gcarbon) at room
temperature to a lower limit of 2.0 V (VMP3, Bio-Logic, France).

Cell design.—The cell design is shown in Figure 1a, with several
modifications to the design used by Lu et al.:4 i) a double step in the
anode plate 1& to align the Li foil and to contain the electrolyte; ii)
a poly(chlorotrifluoroethylene) (PCTFE, Kel-F) spacer 2& instead of
virgin poly(tetrafluoroethylene) (PTFE), due to its much lower gas
permeability and higher hardness;22 iii) single-use PTFE O-rings 3&
to ensure gastight sealing (2.6 mm cross-section and 30 mm ID, Angst
Pfister AG, Switzerland). The cell inner volume is !10 mL. Electrical

Downloaded 01 Feb 2012 to 138.246.2.183. Redistribution subject to ECS license or copyright; see http://www.ecsdl.org/terms_use.jsp

http://dx.doi.org/10.1149/2.005204esl


A46 Electrochemical and Solid-State Letters, 15 (4) A45-A48 (2012)

b)

H2O(liq)

O2
+

H2O

H2O(vap)

Lithium Foil (Ø 17.0)

Celgard  Separator (Ø 28.0)
Cathode (Ø 15.0)

316 SS Mesh Current Collector (Ø 21.0)

a)

Figure 1. a) Cross-section of the Li-air cell design used for the tests with all
dimensions given in units of mm: 1! cell body made of 316SS-Ti; 2! Kel-
F annulus; 3! virgin-PTFE O-ring seal; b) “Water Vapor” cell design: water
("2 mL) is placed in a small vessel and the vapor phase connected to the
electrochemical cell.

contact between the cathode plate and the cathode is made by a spring
(316SS, 2.3 N/mm, 0.5 inch ø and length, Lee Springs, UK).

The effect of the lower permeability of Kel-F vs. PTFE for the
spacer is illustrated in the following: 1000 mAh/gcarbon average spe-
cific discharge capacity, when forming Li2O2, would yield an oxygen
consumption rate of #45 $ 10–11 mol/s (based on 0.41 mgcarbon/cm2,
1.77 cm2 electrodes, and a discharge rate of 120 mA/gcarbon). Using
the PTFE permeability data for CO2 and H2O (0.7 $ 10–12 and 2.5
$ 10–12 cm2/s/Pa22) and their partial pressure in ambient air
(#40 Pa for CO2 and #1500 Pa for H2O at 25%C and 50% relative
humidity), the permeation rate of CO2 and H2O are #0.003 $ 10–11

and #1 $ 10–11 mol/s (wall thickness of 5 mm, external area 20 cm2).
While the projected CO2 permeation rate is 104-fold lower than the
oxygen consumption rate and thus cannot affect the discharge chem-
istry, H2O permeation would lead to significant contamination during
extended cycling. Since the gas permeabilities of Kel-F are #100–fold
lower than that of PTFE,22 its use ensures an uncontaminated system.

Some cells were deliberately exposed to water vapor by connecting
them to an external water-filled vessel (“Water Vapor Cell,” Figure 1b).
The valve connecting the cell and the water-filled vessel was opened
after careful O2 purging of the cell. Alternatively, the effect of con-
tamination from the ambient was studied in a so-called “Leaker Cell,”
which had a small leak at a welding connection had (when evacuated,
the cell pressure increased by #25 Torr/s).

Results and Discussion

Figure 2 compares the discharge specific capacities (mAh/gcarbon)
of Vulcan cathodes using different solvents with 0.1 M LiClO4 at
0.05 mA/cm2

electrode (120 mA/gcarbon). The discharge voltage profile in
DME electrolyte shows a flat plateau at #2.66 V, whereas two plateaus
are visible in PC/DME electrolytes (#2.6 V and #2.3 V). The same
was observed by McCloskey et al.,17 whereby the discharge products
were found to be mostly lithium (alkyl) carbonates in PC/DME and
mostly Li2O2 in DME. The specific capacities for pure DME are #2.5-
fold lower than for PC:DME 2:1 and 4:1 electrolytes. Surprisingly, one
would expect the opposite behavior due to the #2-fold higher oxygen
solubility in DME vs. PC:DME (1:2 v:v) and the observation that the
discharge capacity increases with oxygen solubility.15 This correlation
is also supported by the observed #3-fold higher discharge capacity
of #1000 mAh/gcarbon in PC:DME (1:2 v:v) at 100 mA/gcarbon

14 vs.
#3000 mAh/gcarbon in pure DME10 using similarly prepared electrodes
and the same electrolyte. In contrast, we observed #15-fold lower
discharge capacities in pure DME at #200 mAh/gcarbon (see Fig. 2).

During repeat experiments, large specific capacities were occa-
sionally observed for one set of cell hardware. Upon closer exami-
nation, we discovered a small hole in the welding that allowed at-
mospheric air to enter into the cell. Subsequent, experiments with
this so-called “Leaker Cell” yielded reproducibly high capacities of
#2200 mAh/gcarbon in pure DME (see Fig. 3a). As reported by Takechi
et al.,23 adding 10 vol% CO2 to pure O2 leads to a #2-fold specific
capacity gain in EC:DEC (3:7 v:v), but the CO2 level in air of #0.04
vol% is too low to produce the observed #10-fold capacity gain be-
tween a sealed cell and the “Leaker Cell.” The only other candidate
to affect the specific capacity is water vapor, the concentration of
which is #1.6 vol% in ambient air (assuming 25%C and 50% relative
humidity).

Conversely, the specific capacity in pure DME using the “Water
Vapor Cell” reaches up to 2800 mAh/gcarbon, about 14-fold higher
values than in the Sealed Cell design (see Fig. 3a). Surprisingly, this
specific capacity value is now comparable to the above discussed
value of #3000 mAh/gcarbon.10 As evident from Fig. 3a, the discharge
voltage plateau in the water vapor cell is #50 mV higher than for a
sealed cell (#2.71 V versus #2.66 V). This effect can be related to
the reversible potential for LiOH formation compared to Li2O2:4, 24

4 Li + 2 H2O + O2 & 4 LiOH E% = 3.35 V [1]

2 Li + O2 & Li2O2 E% = 2.96 V [2]
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Figure 2. Comparison between the discharge capacity (1st cycle) of sealed
Li-O2 cells using different water-free (<4 ppm water) non-aqueous elec-
trolytes: 0.1 M LiClO4 in DME (—), PC:DME (2:1 v:v) (---), and PC:DME
(4:1 v:v) (···). The cells were galvanostatically discharged at 120 mA/gcarbon
(0.05 mA/cm2

electrode) after a 30 minute rest period at OCV in pure 100 kPaabs
O2. The reproducibility of the results is shown in three similar discharge pro-
files obtained from three repeated experiments.
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Figure 3. a) Comparison between discharge capacity (1st cycle) of Li-O2 cells
with 0.1 M LiClO4 in DME using H2O-free (—) or H2O contaminated oxygen
(100 kPaabs), whereby water was introduced by means of a small leak between
the cell and ambient air (---) in the “Leaker Cell” or by connecting a water
reservoir to produce H2O–saturated O2 inside the cell (···) in the “Water Vapor
Cell” (see Fig. 1b). b) Comparison between the discharge capacity (1st cycle)
of sealed Li-O2 cells using water-free (—) or deliberately water contaminated
electrolyte (0.1 M LiClO4 in DME) with 250 (---), 500 (···) and 1000 (-·-)
ppm of water. The cells are galvanostatically discharged at 120 mA/gcarbon
(0.05 mA/cm2

electrode) after a 30 minute rest period at OCV in pure 100 kPaabs
O2. c) Nyquist impedance plots of Li-O2 cells using water-free (!) and water
contaminated (1000 ppm) (!) electrolytes registered after the 30 min OCV
rest period (100 kHz to 0.1 Hz at an AC perturbation of 5.0 mV).

For further insight, experiments were conducted with water-
contaminated DME electrolyte. Increasing the water content to
1000 ppm, the discharge capacity increases from "200 mAh/gcarbon
without water addition to "560 mAh/gcarbon in the presence of
1000 ppm (Fig. 3b), with discharge potentials approaching those ob-
served in the “Water Vapor Cell.” While these capacities are much
smaller than the "2200 and "2800 mAh/gcarbon obtained for the
“Leaker Cell” and the “Water Vapor Cell,” this can be explained
by the limited amount of water available for Reaction 1 in the water-
contaminated electrolytes vs. the unlimited supply in the “Water Va-
por Cell”: 1000 ppm of water in the 120 µl electrolyte amount to
"0.7 · 10#5 molH2O which via Reaction 1 could produce a charge of
"1.35 As equating to "520 mAh/gcarbon, not too different from the
observed 560 mAh/gcarbon. Closer inspection of the discharge poten-
tials in Fig. 3b suggests the presence of two discharge plateaus for
water-contaminated electrolytes, one plateau near 2.70 V and a sub-
sequent lower plateau near 2.66 V, characteristic of water-free DME.
The above calculation is only a rough estimate, since some of the
water will be consumed through reaction with the metallic lithium
anode. Nevertheless, based on the results in Fig. 3, it is reasonable
that the overall discharge process in the presence of water traces is
actually a superimposition of Reactions 1 and 2, effecting an increase
in discharge capacity. An analogous, but much smaller increase in
discharge capacity caused by water contamination was reported for a
similar system, a Si-O2 battery.25

Nyquist plots of Li-O2 cells built using water-free and water-
contaminated (1000 ppm) 0.1 M LiClO4 in DME electrolyte are shown
in Figure 3c. Similar curves are observed, except that the intercept with

the real axis at low frequencies increases from "180 ! in water-free
electrolyte to "300 ! in water-contaminated electrolyte (1000 ppm
water). The same phenomenon was observed in the Si-O2 battery
system,25 explained by the authors with the formation of a thick layer
of Si oxides. In analogy, the impedance data in Fig. 3c may indicate
the formation of a layer of lithium hydroxides on the lithium anode in
water-contaminated electrolyte, leading to an increased low-frequency
impedance.

In trying to understand the observed strong enhancement of water
(vapor) on the discharge capacity of lithium-oxygen cells, one may
speculate on the possible rate limiting steps during the growth of dis-
charge deposits on the carbon (or catalyst) surface when water-free
DME electrolyte is used: i) an electron-transport-limited reaction of
Li+ and O2 at the film/solution interface (see Fig. 4a) proposed in
a study on a flat glassy carbon electrode by Albertus et al.26 and
examined in a theoretical study by Hummelshøj et al.27 ii) slow dif-
fusion of Li+ and/or O2 through the deposit, hindering the reaction
at the carbon/film interface (see Fig. 4b). The ultimate deposit layer
thickness on Vulcan electrodes can be estimated from the external
surface area of Vulcan of "100 m2/gcarbon (assuming spherical carbon
particles of 30 nm diameter with a density of "2 g/cm3 28) and the
charge for a monolayer of LiO2 or Li2O2 deposit. The former was
estimated to be "200 µC/cm2 29 and the latter can be estimated to
be "260 µC/cm2 based on its crystal structure.30 If referenced to the
effective carbon surface area, these values equate to "50 mAh/gcarbon
and "70 mAh/gcarbon for one monolayer of LiO2 and Li2O2, re-

O2
Li+

e-carbon

O2Li+

e-

Li2O2

a) b)

O2

H2O / PC / CO2

carbon

c) d)

e-

O2
-

Li+

Li+

Figure 4. Possible reaction mechanisms of the discharge reaction at the cath-
ode of a Li-O2 cell in aprotic organic electrolytes: a) ORR at the interface
between deposited Li2O2 and the solvent, limited by electron conduction
through the Li2O2 deposit; b) ORR at the interface between deposited Li2O2
and the carbon surface, limited by the diffusion of lithium ions and molecular
oxygen through Li2O2; reaction of superoxide ion radical with contaminants
(H2O/PC/CO2) and formation of c) soluble reaction products or d) formation
of a non-homogeneous solid layer on the carbon surface.
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spectively. Based on the discharge capacity in water-free DME
(!200 mAh/gcarbon), this would suggest that only 3 to 4 monolay-
ers of LixO2 deposit might stop the discharge reaction at the rate of
120 mA/gcarbon.

In the presence of a reactive electrolyte (e.g., PC) or other contami-
nants like water, one might hypothesize that O2

!– reacts preferentially
with them rather than forming LiO2 followed by disproportionation to
Li2O2,31, 32 leading to two possible scenarios: i) the reaction products
could be slightly soluble in the electrolyte and diffuse into the bulk of
the solution, preventing the formation of a passivating film (Fig. 4c),
as is suggested by recent data,33 where the formation of Li2O2 par-
ticles disconnected from the carbon-substrate of the electrode was
observed; ii) when the solid product on the electrode were to grow
in form of a cracked layer (Fig. 4d) that partially exposes the under-
lying substrate to the electrolyte. The latter is similar to the case of
the oxygen reduction reaction (ORR) in proton exchange membrane
fuel cells at –20"C, where the ORR kinetics of platinum are observed
throughout the discharge, despite the formation of thick water-ice lay-
ers on the platinum/carbon surface.34 Since solid-state diffusion of O2
through water-ice or through a Li2O2 deposit would be expected to be
slow at room temperature, a buildup of more than three monolayers
would only be possible if the formed deposit would be substantially
“cracked” rather than forming a smooth film (Fig. 4d). Both scenar-
ios could explain the capacity-enhancing effect in PC/DME (Fig. 2)
and in the presence of water (Fig. 3). We plan to report in future
work experimental evidences for admittedly speculative mechanisms
discussed here.

Conclusions

We showed an improved design of a Li-O2 test cell, developed in
order to avoid any contamination from atmospheric air. We used this to
study the discharge capacity in absence of water (vapor) contamination
and compared this to data obtained with cells to which water or water
vapor was added deliberately. The data demonstrate a very strong
capacity enhancing effect of water at relatively low concentrations.
This can lead to possible misinterpretations on the discharge capacity
of non-aqueous Li-O2 cells. A similar effect, but to a lesser extent, is
observed in presence of alkyl carbonate electrolytes. Several possible
discharge capacity limiting reaction mechanisms were hypothesized
to rationalize the observed capacity gains.
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3.2  Effect of Carbon Surface Area on First Discharge Capacity of 
Li-O2 Cathodes and Cycle-Life Behavior in Ether-Based 
Electrolytes 

The paper entitled "Effect of carbon surface area on first discharge capacity of Li-
O2 cathodes and cycle-life behavior in ether-based electrolytes" is reported in the 
present section. This study is the natural continuation of the investigations reported 
and discussed in Section 3.1.  

As the discharge of a Li-O2 cell is limited by the electronic conductivity of the 
discharge product layer built on the electrode surface (Section 3.1) once a critical 
thickness is reached [47,49], a direct proportionality between surface and specific 
capacity is expected. By analyzing the surface properties and pore size distribution by 
BET method of several carbon blacks characterized by different total surface areas, 
namely in the range 70-1600 m2/g, it was possible to estimate the surface area of 
those materials comprising mesoporosity, i.e. pores ≈2 nm wide or larger. The 
specific discharge capacity ([mAh/gcarbon]) of positive electrodes was found to be 
directly proportional to that external surface; the microporosity of those non-
catalyzed electrodes (pores ≈2 nm wide or lower) is not utilized for oxygen reduction 
reaction, most probably because not accessible by the electrolyte solution.  

The product selectivity of Li-O2 cells using diglyme-based electrolyte solution was 
investigated by O2 consumption measurements (Section 2.6). The main discharge 
product of our Li-O2 cells using non-catalyzed carbon black electrodes is Li2O2, 
accounting for ≈80 % of the total in the first cycle (Table 3.1). However, our product 
selectivity data does not fully match with other scientific reports, wherein ≈100 % 
Li2O2 production was demonstrated [37]. The reason for that discrepancy is currently 
under investigation at TUM. 

Table 3.1. Product selectivity data obtained with O2 consumption measurements for two 
LITHion-bonded, non-catalyzed carbon black electrodes, namely Vulcan XC72 and Ketjen Black 
EC600J carbon blacks. Li-O2 cells were built with lithium metal anode, and were cycled 
galvanostatically at 120 mA/gcarbon using 0.2 M LiTFSI in diglyme electrolyte solution in 
101.3 kPaabs O2. 

Cycle 
Number 

e-/O2 Ratio 
on Vulcan 

XC72 

Molar Li2O2/Li2O on 
Vulcan XC72 
[mol%/mol%] 

e-/O2 Ratio on 
Ketjen Black 

EC600J 

Molar Li2O2/Li2O on 
Ketjen Black EC600J 

[mol%/mol%] 

1 2.43 79/21 2.30 85/15 

2 2.46 77/23 2.46 77/23 

3 2.46 77/23 2.47 77/23 

4 2.53 74/26 2.43 79/21 

5 2.62 69/31 2.43 79/21 
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In order to simplify the evaluation of the product layer film thickness deposited 
atop the electrode surface, the approximation that Li2O2 was the only discharge 
product was done. Within that approximation, it was calculated that end of charge 
occurs when 1-2 monolayers of Li2O2, corresponding to a critical film thickness of 
≈0.5 nm. Qualitatively, that result is in agreement with other similar studies in model 
systems, however the critical thickness of the insulating layer necessary to prevent 
ORR to occur was reported to be about one order of magnitude higher [47,49]. The 
very low critical thickness estimated by surface-capacity correlations translates in 
relatively low specific capacities (e.g. ≈200 mAh/gcarbon for Vulcan XC72 carbon 
black) and poor rate capability of the corresponding batteries. 

Another topic discussed in this section is the cycle life of Li-O2 cells using ether-
based electrolyte solutions. Beyond the clear evidence that those systems are poorly 
reversible, that translates in the cell death after only several cycles, the study revealed 
that the degradation of the ether solvents is responsible for a strong increase in the 
discharge capacity in the first four cycles before cell failure. The apparent critical 
thickness of discharge products at which the ORR is stopped using degraded 
electrolyte solutions is much higher (2-3 nm) than in purified, water-free solutions, 
suggesting that the impurities introduced by decomposing the solvent (Section 3.3), 
as well as H2O (Section 3.1), prevent the precipitation of the discharge products on 
the electrode surface by enhancing their solubility/mobility. As the reason for that at a 
molecular level is yet unclear, further effort should be invested in understanding the 
basic interactions of oxygen reduction reaction with impurities and H2O, in order to 
design stable additives deliberately added to the electrolyte solution for improved 
capacity and rate capability. A thorough study on the role of impurities and ether 
solvents degradation products on capacity and cycle life is reported in Section 3.3. 
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In this study we report on the direct proportionality between cathode surface area and first discharge capacity of non-aqueous Li-O2
cells using ether-based electrolytes. Seven different highly structured carbon blacks, characterized by different surface areas and
porosities, were used to prepare non-catalyzed cathodes. Surface measurements and porosity analyzes were carried out on both raw
materials and electrodes in order to estimate the fraction of cathode surface accessible by the electrolyte. The first specific discharge
capacity of different cathodes was then normalized over its specific surface and a strong correlation between the two quantities was
found. This result strongly supports a discharge mechanism for Li-O2 batteries wherein the main factor limiting the capacity is the
formation of a passivating layer of products on the surface of the cathode material, impeding ORR at carbon active sites. Also the
cyclability of the cells was considered, demonstrating the effect of electrolyte degradation on the increased capacity upon cycling
of ethereal electrolytes (e.g. DEGDME). The first discharge specific capacity and cyclability using TEGDME, commonly used in
Li-air research, was found similar to reacting or degraded electrolytes, suggesting a much higher reactivity toward superoxide ion
radical in comparison to its lighter homologues DEGDME and DME.
© 2012 The Electrochemical Society. [DOI: 10.1149/2.011301jes] All rights reserved.
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Worldwide full electrification of the vehicular fleet is considered
to be an important step toward the drastic reduction of fossil fuel con-
sumption, with the objective of building a fully sustainable industrial
society. In the field of energy storage research, lithium-air battery
technology has drawn significant interest over the past decade.1 The
electrochemical couple Li0/O2 can operate both in aqueous and non-
aqueous electrolytes, whereby reasonable rechargeability has been
demonstrated in organic aprotic electrolytes.2–6 The reaction between
Li and O2 could in principle lead to either lithium peroxide (Li2O2)
or lithium oxide (Li2O):7

2Li+ + 2e! + O2 " (Li2O2)solid ; Erev= 2.96 VLi [1]

4Li+ + 4e! + O2 " 2(Li2O)solid ; Erev= 2.91 VLi [2]

Based on the above reactions, Li–air batteries with a metallic lithium
anode and a carbon-based cathode can theoretically provide a 2- to 5-
fold higher specific energy compared to the commonly used interca-
lation materials of the LiMO2 (M = Mn, Ni, Co) type.7,8

Since the work by Mizuno et al.,9 Freunberger et al.,10 and Mc-
Closkey et al.11 it is well known, however, that the oxygen reduction
reaction (ORR) in alkyl carbonate–based electrolytes largely leads
to the formation of Li2CO3, alkylcarbonates, and other electrolyte
degradation species, caused by the high reactivity of superoxide ion
radicals (O2

!•) which have been shown to be formed during the initial
one-electron reduction of O2 in Li-O2 cathodes.12 Accumulation of
side products in the electrode porosity leads to cell failure.10,11,13

O2 + e! # O!•
2 [3]

O!•
2 + Solvent # Li2CO3, AcOLi, HCOOLi, [4]

Among the commonly available aprotic organic solvents and
blends, only few showed acceptable stability toward superoxide
attack. Examples of seemingly stable solvents are ethers like
dimethoxy ethane (DME)14 with which the desired Li2O2 was ob-
served to be the main discharge product by XRD and in-situ spec-
troscopies (Raman, FTIR, and X–ray absorption).11,15,16 Because
Li-air batteries might be designed as open systems, non-volatile
or very low vapor pressure electrolytes are required, which trig-
gered the interest in ionic liquids like 1-butyl-1-methyl-pyrrolidinium
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bis(trifluoromethylsulfonyl)imide (Pyr14TFSI)17,18 and heavier ethers
like diethylene glycol dimethyl ether (DEGDME) or tetraethylene
glycol dimethyl ether (TEGDME),19,20 although the stability of the
latter toward superoxide radical is still controversial, with some stud-
ies suggesting instability15 and others stability20 of TEGDME toward
ORR intermediates.

Discharge capacity, rate capability, and cyclability of Li-O2 cells
was shown to be influenced by many factors other than just electrolyte,
the most important being electrode microstructure and thickness21–23

that determine the rate of O2 diffusion to the active sites where the ORR
takes place,24,25 O2 partial pressure,26,27 and electrode composition
(binder, catalysts as well as support surface area and porosity).16,28,29,30

In our previous work31 we reported that the use of a high-purity
electrolyte with high stability toward O2

!• (0.1 M LiClO4 in DME)
limits the discharge capacity of non-catalyzed carbon cathodes to
much lower values (%200 mAh/gC) than those obtained with alkyl
carbonates or heavy ethers reported in the literature (%1000–
2000 mAh/gC). Early publications in the Li-air field proposed pore-
clogging as main factor limiting Li-air cell capacity.24,26 Later on,
however, Albertus et al.32 and Hummelshøj et al.33 suggested the for-
mation of a passivating layer of discharge products as the main factor
limiting the discharge, imaging the formation of an electronically in-
sulating 40–70 nm thick film during the discharge on a polished glassy
carbon (GC) electrode in propylene carbonate (PC) based electrolyte32

(note that the passivating film in this case must have consisted mostly
of lithium carbonate and lithium alkyl carbonates). Later on, the same
group showed that in non-reactive DME based electrolyte, an esti-
mated film thickness of only 4–5 nm Li2O2 is sufficient to stop the
discharge reaction,24 which they modeled by the exponentially in-
creasing electronic resistance through the deposited Li2O2 film which
would prevent the further reduction of O2 at the film/solution interface.
While the passivating discharge film thickness of 4–5 nm reported for
a glassy carbon electrode in their study is still significantly larger than
the only several monolayer thick passivating film which we deduced
from our data on high-surface area Vulcan-carbon electrodes,31 the
general concept that the formation of a passivating discharge product
film is the major cause for the cathode discharge capacity limitation at
relatively low current densities (10–100 mA/gcarbon) in Li–O2 batter-
ies is now widely accepted. At higher current densities, other factors
are predominant in limiting the discharge specific capacity, e.g. O2
diffusion through the electrode structure.24,26

The above described cathode surface passivation upon discharge
would imply that the specific capacity of the first discharge cy-
cle should be directly proportional to the carbon surface accessible
to both O2 and electrolyte, which in turn would suggest that the
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discharge capacities should increase with the specific carbon surface
area used in lithium-air cathodes. Surprisingly, there are only a few
reports in the literature which examine the effect of specific carbon
surface area. For example, Yang et al. studied the influence of the
cathode carbon material (different kinds of commercial carbon blacks
and graphite) on the discharge capacity of Li–O2 cells, but found no
direct proportionality with carbon surface area; instead, the discharge
capacity was observed to be proportional to the average pore diam-
eter of the carbon structure.30 Similarly, Kuboki et al. found that the
discharge capacity increased with the mesopore volume in the carbon
structure.17 Unfortunately, both studies employed reactive alkyl car-
bonate blends as electrolytes, so that it is impossible to unambiguously
interpret the lower capacity observed with microporous carbons.

In the present study, non-catalyzed carbon electrodes were pre-
pared with several carbon blacks and examined in non-aqueous Li-O2
cells with regards to their activity toward electrolyte decomposition
at high potentials, their discharge capacity and their cyclability. We
will thus compare the electrochemical behavior of commercial acety-
lene black for batteries and other commonly used carbon blacks like
Vulcan XC72, Ketjenblack EC600JD, and Black Pearls 2000 in both
their graphitized and non-graphitized modifications. The use of car-
bon blacks with different specific surface areas and different surface
chemistries (graphitized and non-graphitized) serves to (i) experi-
mentally prove the proposed direct proportionality between electrode
surface area and first discharge capacity in non-reactive electrolytes,
and to (ii) gain further insight into the Li-O2 cell discharge mecha-
nism, particularly with regards to differences observed between light
(DME, DEGDME) and heavy ethers (TEGDME).

Experimental

Electrode design and testing: Seven carbon blacks were tested
in this work as cathode material for Li-O2 batteries. Timcal Super
C65, Tanaka V-type (Vulcan XC72), Tanaka E-type (Ketjenblack
EC600JD), Tanaka B-type (Black Pearls 2000), Tanaka VA-, EA- and
BA-type (the nomenclature XA-type refers to graphitized versions of
X-type carbon blacks); from now on the cathodes will be referred to
by the above commercially used letter-code (e.g., “C” electrode for
Super C65 or “BA” electrode for BA-type). The positive electrodes
were prepared by Mayer-rod coating onto a Celgard C480 separator,
using an ink composed of one of the above carbons, a solvent (iso-
propanol (IPA) for V, VA, and Super C65 or N-methyl pyrrolidone
(NMP) for E, EA, B and BA -type carbons), and lithium-ion exchanged
Nafion solution with a binder/carbon ratio of 0.5/1 g/g (LITHion with
10.6%wt. in IPA from Ion Power, USA). The ink was prepared by
sonicating the carbon and the solvent (IPA Aldrich, for HPLC, 99.9%
or NMP Aldrich, anhydrous 99.5%) for 20 minutes (Branson 250
probe-sonifier). Subsequently, LITHion solution was mixed into the
ink with a spatula for half a minute. After coating and solvent evapo-
ration (at room temperature for IPA or at 60!C for NMP inks), 15 mm
diameter cathode electrodes were punched out, dried under dynamic
vacuum at 95!C for 6 hours in a glass oven (Büchi, Switzerland),
and transferred for cell assembly into an argon–filled glove box (O2
< 0.1 ppm, H2O < 0.1 ppm; MBraun, Germany) avoiding further ex-
posure to ambient air. Table I shows average carbon loading (obtained
by weighing at least 10 electrodes) and cathode thickness (mean value
of at least 10 measurements on different electrodes, obtained using a
Mitutoyo AbsOlute gauge with ± 2 µm accuracy).

Electrolytes: Ethers like dimethoxy ethane (DME) are reported
to be very stable in a Li-O2 cell environment, allowing the forma-
tion of essentially pure Li2O2 upon cell discharge.11 Unfortunately,
DME is not a convenient solvent for practical applications due to its
very high vapor pressure. Therefore, heavier ethers like DEGDME
and TEGDME were recently introduced as alternative electrolytes
in Li-air research. However, Freunberger et al. demonstrated that in
TEGDME the fraction of Li2O2 produced diminishes upon cycling,
and concluded that TEGDME is slowly attacked by the superox-
ide ion radical via hydrogen extraction.15 In this work, both DME
and DEGDME were used for electrolyte preparation, yet DEGDME

Table I. Nomenclature, carbon loading, and thickness of
non-catalyzed carbon electrodes used in this work. The
LITHion-binder/carbon ratio is 0.5/1 g/g.

Carbon loading Thickness
Electrode Carbon type (mgcarbon/cm2

electrode) (µm)

C Timcal Super C65 0.34 ± 0.05 11 ± 2
VA Tanaka VA-type 0.40± 0.05 14 ± 2
EA Tanaka EA-type 0.41 ± 0.05 18 ± 2
V Tanaka V-type 0.38 ± 0.05 11 ± 2
BA Tanaka BA-type 0.22 ± 0.05 7 ± 2
E Tanaka E-type 0.37 ± 0.05 13 ± 2
B Tanaka B-type 0.34 ± 0.05 14 ± 2

was preferred to DME due to its much lower vapor pressure (pvapor
(DEGDME) = 0.4 kPa vs. pvapor (DME) = 6.4 kPa at 20!C). TEGDME
was also used in order to test our cathodes using an ethereal electrolyte
closer to a potential application (highest boiling point). Electrolytes
were prepared with either LiClO4 (Aldrich, battery grade, 99.99%
trace metal basis) or LiTFSI (Aldrich, 99.95% metal basis), vacuum
dried at 150!C for 24 hours before use. Anhydrous DME (Aldrich,
" 99.5%), DEGDME (Aldrich, " 99%) and TEGDME (Aldrich,
" 99%) were dried for at least 24 hours over Sylobead MS 564C
zeolites (3Å, Grace Division). The water content of the 0.2 M LiTFSI
or 0.1 M LiClO4 electrolytes was #10 ppm (Karl Fischer titration).

Cell design: The cell design was reported and extensively dis-
cussed in our previous work;31 it consists of a 316Ti SS anode current
collector and a cathode current collector separated by a Kel–F spacer.
The sealing of the system is ensured by two Teflon O-rings, and the
contact between cell components is made by a 316 SS compression
spring.

Cell assembly: A 17 mm Ø lithium disk (0.45 µm thick, 99.9%;
Chemetall, Germany) is placed onto the anode current collector, wet-
ted with 40 µL of electrolyte, and covered with two Celgard C480
separators. The cathode is placed onto the separators before and af-
ter dropping 40 µL of electrolyte and then covered with a 21 mm
Ø stainless steel (316SS) mesh (0.22 mm Ø wire, 1.0 mm openings,
Spörl KG, Germany) cathode current collector. The cell is sealed with
four screws at a torque of 6 Nm, then connected to an oxygen line (all
316SS tubing to avoid moisture intrusion) and purged with O2 at 80
sccm for 35 seconds.

Background current measurements: anodic electrolyte decompo-
sition currents for the different carbon cathodes were obtained from
potentiostatic measurements in a Li–O2 cell at 100 kPa O2 without
any prior discharge. Starting at 3.45 VLi (OCV # 3.30 VLi), the po-
tential was increased every hour by 0.15 V up to 4.50 VLi and the
current measured at the end of each potential and step, normalized
by the mass of carbon, is reported in Figure 1. As expected, the elec-
trolyte decomposition currents are higher for the high-surface area
carbons (e.g. B-type) than for the low-surface area carbons (e.g.,
VA-type). Potential dependent electrolyte decomposition currents ob-
tained for TEGDME are similar to those reported in Figure 1. Based
on these data, the higher cutoff potential for the cycling experiments
in DEGDME was chosen to be 4.5 VLi, for which the background cur-
rents (A/gcarbon) are typically # 10% of the applied charge/discharge
current (120 mA/gcarbon).

Li-O2 battery cycling: two cycling procedures were used in this
work. Regular cycling consists of a galvanostatic discharge/charge
at 120 mA/gcarbon between 2.0–4.5 VLi (at room temperature) after
30 minutes rest at open circuit voltage (OCV). The second proce-
dure, referred to as controlled cycling, consists of a galvanostatic
discharge/charge with capacity and potential limitation: the cells are
first discharged at 120 mA/gcarbon, limiting the absolute capacity to ei-
ther 0.2 or 0.5 mAh, then charged at 120 mA/gcarbon until the potential
of 4.2 VLi is reached; that voltage is then held until the charge capac-
ity reaches the discharge capacity. The experiments are stopped at the
cycle that reaches during discharge the lower cutoff voltage of 2.4 VLi



Journal of The Electrochemical Society, 159 (12) A2135-A2142 (2012) A2137

3.4

3.6

3.8

4

4.2

4.4

4.6

0111.0

C
el

l v
ol

ta
ge

 / 
V

 v
s.

 L
i+ /

L
i 

Corrosion current / mA/gcarbon 

B
BA
C
E
EA
V
VA

Figure 1. Potential-dependent electrolyte decomposition currents normalized
to the carbon weight of the electrode obtained in Li-O2 cells (100 kPa O2) for
non-catalyzed cathodes prepared with different non-graphitized and graphi-
tized carbon blacks: Tanaka V-type (red –), E-type (blue –), B-type (green –),
VA–type (red - - -), EA-type (blue - - -), BA-type (green - - -), and Timcal Super
C65 (black –). Potentials were increased in 0.15 V increments every hour from
3.45 to 4.50 VLi in 0.2 M LiTFSI in DEGDME; the reported currents are those
obtained at the end of each potential step.

(note: similar cycling procedures were used in References 4 and 6).
All electrochemical tests were performed using a multipotentiostat
(VMP3, Bio-Logic, France).

Estimate of the carbon surface coverage by Li2O2 after Li-O2 cell
discharge: in order to find a correlation between Li-O2 cell discharge
limitations and surface passivation of the cathode, the number of
monolayers of discharge products (assumed to be 100% Li2O2) pro-
duced at the carbon support/electrolyte interface was estimated using
Eq. 5 the following formula:

Nmonolayers Li2O2 = Qsurface · (260 µC · cm!2
carbon)!1 [5]

wherein Qsurface is the cell discharge normalized to the cathode
surface area (SEl

external, see below for definition). The number
260 µC · cm!2

carbon (used in our previous work31) is the estimated nor-
malized discharge for 1 monolayer of Li2O2; that number is obtained
by using the lattice parameters provided by Cota et al. for optimized,
fully relaxed Föppl structures35 (a = 0.3183 nm, c = 0.77258 nm) to
calculate the unit cell density (i.e. number of unit cells per cm2

carbon).
We assumed that the unit cells lie with the c-axis parallel to the car-
bon surface, therefore we consider the thickness of one monolayer
the “a” cell parameter (i.e. 0.3183 nm). Considering that each unit
cell comprises two O2

2! ions,35 we can calculate from the geometric
unit cell density the correspondent charge in µC · cm!2

carbon involved
in Li2O2 formation upon ORR. The choice on unit cell orientation
(i.e. standing or lying) was in fact arbitrary, but a different choice

wouldn’t have significantly changed the results (320 µC · cm–2
carbon,

considering half height of standing unit cells, i.e. one layer of O2
2!

on the carbon surface). The corresponding charge can be calculated
based on the ORR stoichiometry (e–/O2 = 2) for Li2O2 formation.

Analysis of cathode material surface and porosity: Surface area
and porosity of pure carbons and final cathodes were determined by
nitrogen physisorption at 77 K on a Quantachrome Autosorb–iQ in-
strument. The pure carbon powders were pretreated under vacuum at
350"C for 12 h prior to physisorption measurements. For the analy-
sis of electrode coatings, inks were prepared as described above and
coated on aluminum foil. The dry coatings were folded up and in-
troduced into the instrument’s sample tube. Electrode samples were
pretreated under vacuum at 120"C for 18 h prior to analysis. This
temperature was chosen to preserve the integrity of the binder. Ad-
sorption and desorption isotherms of all samples were recorded in
the relative pressure range of 10!5 # (p/p0) # 0.995. The adsorption
branch was used to calculate BET surface areas (best fit within 0.01
# (p/p0) # 0.25). The surface area of micropores accessible to nitrogen
was determined from the desorption branches of the isotherms using
the t–method of Lippens and de Boer36 (best linear fit in the range of
0.15 # (p/p0) # 0.40). The data measured on electrode coatings were
normalized to the amount of carbon present in the samples, assuming
that neither the binder nor the aluminum foil makes a significant con-
tribution to the surface area. External surface areas (SC

external) were
calculated by subtracting the t–plot micropore areas (SC

micropores, i.e.,
the surface area of pores smaller than $2 nm in diameter) from the
BET areas (SC

total, i.e., the total surface area).

Results and Discussion

An overview of the surface properties of different carbon blacks
is given in Table II (left side). It is well known that high-structure
carbon blacks, like the ones used in this work, consist of spherical
primary particles (15–50 nm) that are fused together to form high-
structure primary agglomerates (200–300 nm), the shape and porosity
of which depend on the preparation process.37 Generally, the so-called
acetylene blacks (e.g., Timcal Super C65) are characterized by dense,
graphitic primary particles with little or no microporosity, whereas
the so-called furnace blacks (Vulcan XC72, Ketjenblack, and Black
Pearls) are composed of partially graphitic microporous primary par-
ticles which have a significant coverage of oxygen-containing surface
groups.38 For non-porous materials like acetylene blacks or graphi-
tized furnace blacks (i.e., furnace blacks heat treated at %3000 K in
inert atmosphere39), the specific surface area can be estimated by the
following equation (i.e., by the specific surface area of dense spheres):

SC
external= 6/(! · d) [6]

where ! is the bulk density of carbon (%2 g/cm3) and d is the particle
diameter. For non-graphitized furnace blacks, the specific surface area
is substantially larger than that predicted by Eq. 6 due to their micro-
porosity. Accordingly, for graphitized furnace blacks and acetylene

Table II. Surface area analysis data of carbon blacks used for cathode preparation and of cathodes coated on Al foil: all electrodes are composed
of LITHion–binder and carbon black (1/0.5 g/g).

Carbon surface area analysis Electrode surface area analysis

Carbon type Graphitized SC
total (BET) SC

external Electrode name SEl
total (BET) SEl

external
[yes/no] [m2/gcarbon] [m2/gcarbon] [m2/gcarbon] [m2/gcarbon]

Super C65 no 68 68 C 50 50
VA-type yes 86 86 VA 82 82
EA-type yes 143 143 EA 128 128
V-type no 240 144 V 152 137
BA-type yes 209 209 BA 193 193
E-type no 834 713 E 533 432
B-type no 1509 703 B 1123 513

Sexternal = Stotal-Smicropores
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black the external surface area (SC
external, see experimental for defini-

tion) is essentially the same as their total surface area (SC
total), which

is clearly seen in Table II (left-hand-side) for Super C65, VA, EA,
and BA-type. On the other hand, SC

external is significantly smaller than
SC

total for the untreated surface blacks (i.e, V, E, and B-type; see left-
hand-side of Table II) due to the fact that up to 50% of their total
surface area is in micropores.

When preparing carbon-based electrodes, the necessary binder (in
our case Li+ exchanged Nafion) can affect the overall surface area of
the electrode as well as physical-chemical properties (e.g., wettabil-
ity, reactivity, etc.). To evaluate the effect of the electrode preparation
procedure and the binder on the specific carbon surface area, surface
and porosity analysis of the actual electrodes was performed. As long
as the volume fraction of the binder is much less than the void volume
fraction as in our case, the presence of the binder should only have
a minor influence on the surface area of non-microporous carbons,
since their surface is largely dependent on the primary particle diame-
ter, which remains roughly unchanged even if it were coated with the
binder as long as the binder will not deposit in nano-particular form.
On the contrary, for microporous carbons we expect the binder to clog
part of the micropores, resulting in significantly reduced micropore
surface areas and, consequently, reduced total surface areas. These ex-
pectations agree very well with the experimental data obtained from
electrode surface analysis (Table II, right-hand-side): electrodes pre-
pared from graphitized carbons (Super C65, VA, EA, and BA-type)
show only little decrease of total and external surface area compared to
the pure carbons, whereas non-graphitized cathodes lose a significant
fraction of their porosity, resulting in a drastic decrease of their mi-
cropore area, along with a moderate decrease of their external surface
area, particularly in the case of B and E-type carbons.

Yang et al.30 and Kuboki et al.17 proposed that in high surface area
cathodes, O2 transport and carbon wettability are limited to carbon
mesoporosity (i.e., no reaction would occur in micropores), thereby
reducing the fraction of surface actually accessible to the reactants
(O2, Li+) in highly microporous materials and thus limiting the dis-
charge capacity. Inspired by the work of those authors, all surface–
normalized discharge capacities in this work are calculated using the
external surface areas of electrodes (SEl

external = SEl
total - SEl

micropores,
see last column of Table II), assuming that the ORR takes place ex-
clusively on the external surface area.

Figure 2a shows the comparison between the specific discharge
capacities in the first cycle of Li–O2 cells using different carbons with
0.2 M LiTFSI in DEGDME as non-aqueous electrolyte. Each non-
graphitized carbon (V-, E-, B-types) shows higher discharge capac-
ities in comparison to its respective graphitized version (VA-, EA-,
BA-types), as would be expected due to the higher specific carbon
surface area of non-graphitized furnace blacks (s. Table II). The first-
cycle specific discharge capacity for the different carbons using 0.2 M
LiTFSI in DEGDME (Table III, 2nd column) increases !7-fold from
low-surface area Super C65 (77 ± 3 mAh/gcarbon) to high-surface area
B-type (517 ± 55 mAh/gcarbon), illustrating the strong effect of car-
bon surface area on discharge capacity which would be expected for
the above discussed passivating-film model. Consequently, when the
discharge capacity is normalized to the external carbon surface area
of the cathode (i.e., to SEL

external; s. right-most column in Table II)
rather than to carbon mass, the resulting surface-normalized capac-
ities are very similar for all the examined carbons (Table III, 3rd

column), with an average of !480 µC/cm2
C-external ±20% in 0.2 M

LiTFSI in DEGDME. While the graphitized carbons tend to yield
slightly higher surface-normalized capacities, presumably related to
their different surface chemistry, the first-discharge capacity is pri-
marily proportional to the external specific carbon surface area, con-
sistent with the passivating-film model. This holds also true for mea-
surements in 0.1M LiClO4 in DME (Table III, 3rd column). Thus,
in DME and DEGDME electrolyte, the surface-normalized discharge
capacities range within 350–580 µC/cm2

C-external for all the examined
carbons.

These surface-normalized discharge capacities, Qdischarge/
SEl

C–external, can be expressed in terms of Li2O2 film thickness, tfilm,
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Figure 2. Comparison between a) discharge capacity (1st cycle) and b) charge
capacity (1st cycle) of Li-O2 cells with 0.2 M LiTFSI in DEGDME using non-
catalyzed cathodes (s. Table I) prepared with different non-graphitized and
graphitized carbon blacks (s. Table II): Tanaka V-type (red –), E-type (blue –),
B-type (green –), VA–type (red - - -), EA-type (blue - - -), BA-type (green - - -),
and Timcal Super C65 (black –). The cells are galvanostatically cycled at
120 mA/gcarbon after a 30 minutes rest period at OCV in pure 100 kPaabs O2.

using the approach used by Viswanathan et al.:34

tfilm= Qdischarge/SEl
external " MLi2O2/(F " !Li2O2) [7]

where MLi2O2 (46 g/mol) and !Li2O2 (2.3 g/cm3) are the molecu-
lar mass and the density of Li2O2, respectively. The resulting film
thicknesses of !0.4–0.6 nm based on the surface area normalized
discharge capacities in Table III are approximately 10–fold lower
than the !5 nm reported by Viswanathan et al.34 for a glassy
carbon (GC) electrode. The higher tfilm-values in the latter study
could be related to the fact that the authors assumed a GC rough-
ness factor of 1 cm2

surface/cm2
electrode (i.e., equating the glassy car-

bon geometric surface area with SC
external ), even though mirror-

polished glassy carbon typically has roughness factors on the order
of 10 cm2

surface/cm2
electrode;40 if the true roughness factor had indeed

been higher than >1 cm2
surface/cm2

electrode, the calculated tfilm-values
would be proportionally smaller. While this ten-fold lower Li2O2
film thickness may seem inconsistent with the calculated electron-
conduction-limiting Li2O2 film thickness of !5 nm in Ref. 34,
it must be considered that the electron conductivity of the Li2O2 film
in Ref. 34 was calculated by assuming zero vacancy scattering and by
a subsequent fit of the resistance contribution by vacancy scattering
(expected to be rather significant41) to the experimental data using the
calculated film thickness based on a roughness factor of one. Due
to this experimental fit of the vacancy scattering contribution of
0.1 V/nm,34 the conductivity calculations are not entirely based
on ab-inito calculations, which would explain the above described
inconsistency.

The surface-normalized first discharge capacities reported in
Table III can also be translated into an average number of Li2O2
monolayers (1 ML ! 260 µC/cm2, assuming the predominant
formation of Li2O2), equating to only 1–2 monolayers of Li2O2
for the first discharge cycle in 0.2 M LiTFSI in DEGDME
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Table III. Carbon mass based discharge capacities (first cycle), surface area normalized discharge capacities (first cycle), and corresponding
Li2O2-monolayer coverage of the external carbon surface for different high surface area carbon blacks using different non-aqueous electrolytes:
0.2 M LiTFSI in DEGDME, 0.1 M LiClO4 in DME, and 0.2 M LiTFSI in TEGDME. All electrodes are composed of carbon black and LITHion
as binder (1/0.5 weight ratio). The surface area normalized discharge capacities are obtained by dividing the discharge capacity with the external
surface area of electrodes (last column of Table). The number of Li2O2 monolayers is obtained by dividing the surface area normalized discharge
capacities by 260 µC/cm2

carbon, corresponding to the surface normalized charge involved in the deposition of one monolayer of Li2O2 (see Eq. 5).
The cells are galvanostatically cycled at 120 mA/gcarbon after a 30 minutes rest period at OCV in pure 100 kPaabs O2. The reported experimental
measurement error is the standard deviation from a mean value obtained from at least 3 repeat experiments.

1st cycle discharge Normalized discharge Li2O2 Average discharge Normalized current
Electrode [mAh/gcarbon] [µC/cm2

external] monolayers voltage [VLi] [µA/cm2
external]

0.2 M LiTFSI in DEGDME
C 77 ± 3 554 ± 22 2.1 ± 0.1 2.48 0.240
VA 130 ± 20 571 ± 88 2.2 ± 0.3 2.50 0.146
EA 174 ± 19 489 ± 54 1.9 ± 0.2 2.51 0.094
V 183 ± 50 474 ± 130 1.8 ± 0.5 2.59 0.086
BA 290 ± 16 540 ± 30 2.1 ± 0.1 2.51 0.079
E 439 ± 61 359 ± 50 1.4 ± 0.2 2.59 0.027
B 517 ± 55 352 ± 38 1.4 ± 0.2 2.58 0.023

0.1 M LiClO4 in DME
V 202 ± 15 523 ± 39 2.0 ± 0.2 2.61 0.086
E 588 ± 49 481 ± 40 1.9 ± 0.2 2.63 0.027
B 587 ± 36 399 ± 25 1.5 ± 0.1 2.60 0.023

0.2 M LiTFSI in TEGDME
V 772 ± 22 1999 ± 57 7.6 ± 0.2 2.54 0.086
E 1833 ± 91 1500 ± 75 5.8 ± 0.3 2.57 0.027
B 2168 ± 165 1475 ± 112 5.7 ± 0.4 2.57 0.023

(Table III, 4th column). The same passivating film thicknesses and
monolayer coverages are observed for the first discharge cycle in
0.1 M LiClO4 in DME (see Table III), as we had already reported pre-
viously for a Vulcan XC72 based cathode.31 These data suggest, that in
non-reactive electrolytes (i.e., for short-chain glymes), the formation
of a very thin passivating film of Li2O2 limits the first-cycle discharge
capacity.31,34 Consequently, larger discharge capacities could be ob-
tained if a stable electrolyte/additive were to be found that is able
to solubilize the reaction intermediates (O2

!•, LiO2) formed on the
catalytic surface so that they could precipitate as Li2O2 away from
the surface (as suggested in31); alternatively, higher discharge capac-
ities could be obtained if the nature of the passivating film is changed
(making it more conductive or more permeable) through reaction of
the intermediates with the electrolyte31 or other reactive species like
CO2

42 and water.31

Besides the dependence of the first discharge capacity on specific
electrode surface area, a closer inspection of Fig. 2a also shows that
that the discharge voltages on graphitized cathodes (Super C65 as
well as VA, EA, and BA-type) of "2.5 VLi are roughly 70–110 mV
lower than those of the non–graphitized cathodes ("2.6 VLi) using
DEGDME. Based on kinetic arguments, one would expect that the
discharge voltage would decrease with increasing surface-normalized
current density (last column in Table III), but a comparison of the
V-type and BA-type electrode which have similar surface-normalized
current densities but differ in discharge voltage by 80 mV suggests that
the discharge voltage is highly dependent on the surface properties,
tending to be lower for the graphitized carbons. Similarly, the charging
voltages (s. Fig. 2b) are also clearly lower for the grapitized carbons,
despite the fact that their surface-normalized charge current densities
are higher than those of the non-graphitized carbons. The reason for
this effect is not yet understood and is subject of current investigations.

Previously we found that much higher first-discharge capacities
are obtained in mixtures of DME and propylene carbonate (PC) or in
water-contaminated solvents if compared to pure DME31 or DEGDME
in the current study. Surprisingly, the discharge of Li-O2 cells at
120 mA/gcarbon using non-graphitized cathodes and 0.2 M LiTFSI in
TEGDME also yields "4–fold higher first-discharge capacities (see
Table III and Figure 3a) that are consistent with the typically reported
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Figure 3. Comparison between discharge capacity (1st cycle) of Li-O2 cells
with non-graphitized carbon cathodes using different non-aqueous electrolytes:
0.1 M LiClO4 in DME, 0.2 M LiTFSI in DEGDME and 0.2 M LiTFSI
in TEGDME. a) Specific discharge capacity (mAh/gcarbon) and b) surface-
normalized discharge expressed in µC/cm2

S external. The cells are galvanostat-
ically cycled at 120 mA/gcarbon after a 30 minutes rest period at OCV in pure
100 kPaabs O2. The error bars represent the standard deviation from at least 3
repeat experiments.
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values for TEGDME in the literature.15,19 If the discharge capacities
are normalized to the electrode surface area (Table III, Figure 3b), val-
ues of !1500–2000 µC/cm2

external are obtained in TEGDME instead
of !350–580 µC/cm2

external for DEGDME and DME; these values
would equate to the formation of 6–8 monolayers of a hypothetical
Li2O2 surface film (!2–3 nm thick) in TEGDME instead of the above
discussed 1–2 monolayers formed in DEGDME or DME. A similar
behavior can be found when comparing the reported discharge film
thicknesses on a glassy carbon electrode, reported to be !5 nm in
DME by Viswanathan et al.34 and !70 nm in PC by Albertus et al.32

While the observed trend is analogous to that shown in Fig. 3b or
Table III, the about ten–fold difference in film thickness in DME may
in part be related to the above discussed uncertainty of the roughness
factor of the glassy carbon electrode and to differences in the surface-
normalized discharge current densities (!1 µA/cm2

surface in32 and34

vs. those in our study, listed in Table III). In addition, the much higher
product layer thickness obtained in PC by Albertus et al.32 may also
be related to the very high reactivity of PC with superoxide radicals
in comparison with TEGDME, leading to a higher degree of slightly
soluble reaction intermediates which can then react to the final prod-
uct (e.g., via comproportionation of solubilized LiO2 to Li2O2) either
away from the electrode surface or in form of a “cracked” film.31

Therefore, the formation of thicker product films on the electrode sur-
face might be correlated with the degree of reactivity of the electrolyte
with ORR intermediates (i.e, with O2

"• and/or LiO2).
The !4-fold capacity enhancement in TEGDME compared

to DEGDME shown for non-graphitized carbon black electrodes
(Figure 3, Figure 4a), is also observed for graphitized carbons as is
shown in Figure 4b for a VA-type electrode. Furthermore, !500 mV
lower initial charging potentials are observed in TEGDME on both
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Figure 4. a) Comparison between the cell voltage profile (1st cycle) of Li-
O2 cells with E-type cathodes (non-graphitized) using different non-aqueous
electrolytes with 0.2 M LiTFSI: in DEGDME (–) and in TEGDME(– · –).
b) Comparison between the cell voltage profile (1st cycle) of Li-O2 cells
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galvanostatically cycled at 120 mA/gcarbon after a 30 minutes rest period at
OCV in pure 100 kPaabs O2.

Figure 5. Revisited version of the reaction scheme proposed by Freunberger
et al.15 for Li2O2 formation reactions in parallel with electrolyte
decomposition.

carbon surfaces. This peculiar difference in the initial charging voltage
would seem to be related to the formation of more easily oxidizable
species in TEGDME compared to DEGDME, since the charging on-
set potentials in DEGDME for all carbons (!3.5–3.7 VLi, Figure 2b)
agrees very well with the calculated overpotential of ! 0.6 V for
solid Li2O2 oxidation in aprotic Li-O2 systems.33 The reactivity of
TEGDME with ORR intermediates was already proposed by Fre-
unberger et al.,15 although Li2O2 was demonstrated to be the major
discharge product; the authors proposed a reaction mechanism that
proceeds via hydrogen extraction by the superoxide radical on the
TEGDME molecule, with the formation of a soluble hydroperoxo-
anion (HO2

") that in presence of Li+ ions can react further to Li2O2
(see Figure 5), which then can precipitate in the electrode pores rather
than on the carbon surface, thereby increasing the discharge capacity.
The reaction mechanism proposed in Figure 5 (a revised version of
the one proposed by Freunberger et al.15) illustrates how the slow but
continuous electrolyte decomposition upon cycling can be consistent
with the observed formation of Li2O2 as major solid discharge prod-
uct (formed by reaction with the soluble HO2

" intermediate) and, in
fact, could even explain the enhanced discharge capacity through the
TEGDME decomposition reaction which would lead to the formation
of mobile peroxo-intermediates capable of diffusing away from the
electrode surface and thus delay the formation of a passivating film.
For this hypothesized mechanism, the lower initial charging potential
in TEGDME (Fig. 4) would be explained by the higher reactivity for
the oxidation of solubilized HO2

" to O2 and H+ compared to the
oxidation of solid Li2O2.

Regarding cell cyclability of all the carbon-based electrodes
(Figure 7), DEGDME based electrolytes show an unusual behav-
ior, i.e., the discharge capacity increases during the first 3–4 cycles
and then fades in the subsequent 5 cycles. We tried to rationalize that
curious behavior (occasionally found in the literature3,29) with two
different hypotheses: one, considered less likely, might be the poor
wettability of the carbon surface by the electrolyte, which could be im-
proved by potential cycling; the other, considered more likely, could be
the modification of the electrolyte composition by its decomposition at
high potential during cell charging or even during repeated discharge.
In order to examine the second hypothesis, Li-O2 cells were assem-
bled with fresh 0.2 M LiTFSI in DEGDME, that had been subjected
to the electrolyte decomposition test (see Fig. 1 and Experimental
Section). Subsequently, a cell with this pre-oxidized DEGDME was
tested using the regular cycling procedure. Figure 6 shows the com-
parison between voltage profiles (1st cycle) of Li-O2 cells with E-type
based electrodes obtained using fresh (solid line) and pre-oxidized
(dotted line) DEGDME. The pre-oxidized electrolyte provided about
!3–fold capacity in comparison to the fresh electrolyte (Figure 6), ap-
proaching the results obtained with TEGDME (!1800 mAh/gcarbon)
and the charge profile resembles very well the one obtained using
fresh TEGDME (compare Figure 6 with Figure 4a, dotted lines). The
discharge curve is now composed of basically two voltage plateaus
(Figure 6), both lower than the one observed with fresh DEGDME; a
lower discharge voltage, already discussed above, was demonstrated
in our previous work31 to be a peculiar feature of unstable electrolytes
toward ORR intermediates and could be rationalized by the presence
of more easily oxidizable solubilized HO2

" species. A !500 mV
lower onset voltage for the charge process in degraded DEGDME
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(Figure 6) suggests that the same feature observed in pure TEGDME
(Figure 4) could be correlated to the electrolyte degradation, in one
case produced voluntarily by means of a cell polarization procedure
(pre-oxidized DEGDME), while in the other case produced upon cell
discharge (TEGDME).

After electrolyte aging, the cyclability of a Li-O2 cell with 0.2
LiTFSI in pre-oxidized DEGDME (Figure 7) loses its peculiar capac-
ity increase in the first few cycles and resembles the profile obtained
in fresh TEGDME, characterized by an abrupt capacity fading in the
first 6 cycles. Comparing the cycling profile observed in DME (albeit
with a different salt) and DEGDME where the capacity increases in
the first 3–4 cycles with that of either pre-oxidized DEGDME or with
TEGDME where the capacity fades continuosly with cycling suggests
that reactive electrolyte components or more reactive electrolytes lead
to higher first-cycle capacities.

In summary, the use of TEGDME, instead of lower molecular
weight ethers, seems to delay the formation of a passivating film on
the cathode surface upon cell discharge, delivering in this way !4-fold
higher discharge capacity and the formation of apparent 6–8 mono-
layers of “Li2O2” instead of the 1–2 monolayers which were found to
be sufficient to stop the ORR in less reactive electrolytes like DME
and DEGDME. This result can be rationalized by the reactivity of
TEGDME proposed by Freunberger et al.;15 this hypothesis is fur-
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ther supported by the observation that both the discharge capacity
(Figure 4a) and cycle behavior (Figure 7) of a TEGDME-based elec-
trolyte resemble the behavior of pre-oxidized DEGDME-based elec-
trolyte. We are aware of the presence of organic impurities in the
solvents used and of their possible effect on the first-cycle discharge
capacity, however the influence of chain length on the stability of gly-
mes seems to be an acceptable explanation for higher capacities ob-
served in TEGDME. First, differences in reactivity of various glymes
were already shown in the supporting information of,15 where triglyme
was reported to decompose in larger extent than diglyme, despite their
chemically similar structure. Second, the stability of carbon radicals
in hydrocarbon molecules, as well as carbocations, is known to in-
crease with the branching (i.e. tertiary radicals are more stable than
primary) and chain length due to hyperconjugation,43,44 thus justify-
ing higher radical stability (i.e. higher instability toward superoxide)
of longer chain glymes. The reaction of TEGDME with a fraction
of the superoxide radicals created during discharge likely yields re-
action products that allow ORR intermediates to leave the electrode
surface, thereby delaying the formation of a passivating Li2O2 film.
Similarly, pre-oxidized DEGDME-based electrolyte contains decom-
position products (apparently produced also upon cycling) that show
the very same effect on cell performance as intrinsically more reactive
TEGDME.

The high specific capacity with TEGDME-based electrolytes, al-
beit most likely related to electrolyte decomposition, can be main-
tained over more than the 6 cycles shown in Fig. 7, when the discharge
and charge capacity is limited to a fraction of the possible first-cycle
capacity, a method which has been used in previous studies.4,6 Figure 8
shows the cyclability of two Li-O2 cells using TEGDME-based elec-
trolyte for a cycling procedure, where discharge and charge capacity
are limited to either 0.2 mAh (corresponding to !300 mAh/gcarbon or
17% of the maximum discharge capacity) or to 0.5 mAh (correspond-
ing to !760 mAh/gcarbon or 42% of the maximum discharge capacity),
with a lower cutoff voltage of 2.4 VLi; the charging potential is limited
here to 4.2 VLi, i.e., charging is done potentiostatically once this upper
limit is reached. The cycle life of the cells is improved in comparison
with the regular galvanostatic cycling (Fig. 7), and up to 11 and 26 cy-
cles are obtained for 0.5 and 0.2 mAh capacity, respectively (Figure 6).
We do not believe that the improvements achieved by controlling the
cycling protocol are due to the easiness of recharge of thinner Li2O2
layers on the cathode surface (!nm range), since several authors have
shown that the complete recharge of micrometric Li2O2 particles in
non-catalyzed electrodes is possible; we think instead that the crit-
ical concentration of side products of electrolyte degradation (both
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upon charge and discharge) that bring to cell failure is reached after
a longer number of cycles. Although it seems apparently possible to
improve Li-O2 cell cyclability by carefully controlling the cycling
procedure, the continuous decomposition of the electrolyte is obvi-
ously an issue which needs to be resolved in the future. The latter
is evidenced by the steeper potential increase during the first part of
the charge (galvanostatic region, not shown) with each cycle, and was
at least partially shown to be related to the increased formation of
Li2CO3 from reaction with the carbon support,45 and oxidation (e.g.
formiate, acetate) or polymerization products from reaction with the
electrolyte.15 In conclusion, improved electrolytes and more stable
electrode materials are needed for non-aqueous Li-air batteries.

Conclusions

In this article we used seven commercial carbon blacks, character-
ized by different degrees of microporosity and specific surface area, in
order to demonstrate the direct correlation between the first discharge
capacity in ether based electrolytes of non-catalyzed Li–air carbon
cathodes and their accessible surface area. We found out that using
DME and DEGDME based electrolytes, which are considered sta-
ble toward superoxide attack, the discharge capacity of Li–O2 cells is
proportional to the externally accessible surface area of non-catalyzed
carbon-based electrodes: the surface normalized discharge (in terms
of µC/cm2

external) is similar for all the electrodes, corresponding to a
passivating film of 1–2 monolayers of Li2O2 deposited on the cathode
surface. Li–O2 cells assembled with TEGDME based electrolyte de-
liver !4–fold higher intial discharge capacity in comparison to DME
and DEGDME, corresponding to the formation of 6–8 monolayers of
Li2O2 on the carbon surface. The impressive capacity enhancement
given by TEGDME, together with the evidence that the cyclability
obtained using that electrolyte resembles the one obtained using pre-
oxidized DEGDME, suggests that TEGDME is much more reactive
in comparison to its lighter homologues in a Li–O2 cell.
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3.3  Stability of Superoxide Radicals in Glyme Solvents for 
Non-Aqueous Li-O2 Battery Electrolytes 

In this paper, we reported a thorough study on the reactivity of superoxide ion 
radicals (O2

-!) with glyme solvents and their degradation products. This work 
enlightened the discrepancies in discharge capacity and cycling behavior discussed in 
the previous section for Li-O2 cells using glymes of different chain length as 
electrolyte solvents.  

Glymes were proved to be substantially more stable solvents compared to alkyl 
carbonates in presence of oxygen reduction reaction intermediates in Li-O2 cells, 
allowing the precipitation of the desired product Li2O2 during Li-air battery 
discharge, and thus improved cycle life. However, discrepancies in terms of stability 
towards chemical sources of superoxide radicals (e.g. KO2) were reported in the 
literature. More precisely, tetraglyme was previously reported to be slowly attacked 
by O2

-! cycle after cycle in Li-air cells, that results in the formation of Li2CO3 and 
short chain (Li)carboxylates [11]. On the other hand, no noticeable degradation was 
observed on discharge for its smaller homologues monoglyme [37] (or 
dimethoxyethane, DME) and diglyme. Moreover, as shown in Section 3.2, by 
discharging Li-air cells using electrolyte solutions based on tetraglyme "as received", 
substantially higher capacities were obtained than with shorter glymes. As higher 
capacities were previously related to the reaction of ORR intermediates with the 
electrolyte solution's components (Section 3.1), those results suggested that despite 
the nearly identical chemical structure, glyme chain length should have an influence 
on their stability.  

In order to clarify that point, K.U. Schwenke (main author of the paper) studied 
the stability of those solvents by exposing them to a commercial, chemical O2

-! 
source, KO2, and measuring the variation of the UV-vis absorption of O2

-! as a 
function of time [74]. By mixing unstable solvents like propylene carbonate (PC) 
with O2

-!, a rapid drop in the UV-vis absorption of the latter was observed as the 
degradation reaction proceeded; on the other hand, a negligible reduction of 
absorption intensity could be noticed with monoglyme and diglyme in a time scale of 
about 15 hours. In contrast with the results with its smaller homologues, tetraglyme 
"as received" was found to be highly unstable.  

However, nuclear magnetic resonance investigation of that solvent revealed 
several impurities, suggesting that the results previously obtained (both from the UV-
vis method and by battery cycling) could have been affected. Indeed, after tetraglyme 
was purified by distillation over sodium, we were able to obtain stable UV-vis 
absorption profiles.  

My role in that project was to understand the influence of impurities arising by 
solvent degradation (chemical and electrochemical) on the performance of Li-air 
batteries. Li-air cells were cycled between 2-4.5 VLi using different electrolyte 
solvents; monoglyme, diglyme, tetraglyme "as received", purified tetraglyme, and 
electrochemically degraded tetraglyme. Monoglyme, diglyme and purified tetraglyme 
provided the same discharge capacities in the first cycle and similar cycle life 
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behavior; more precisely, the discharge capacity increased from ≈200 mAh/gcarbon in 
the first cycle, up to a maximum of 1000-1500 mAh/gcarbon at the 3rd/4th cycles, and 
subsequently decayed. This behavior was previously observed (Section 3.2), and 
suggested the degradation of the electrolyte solvent and the introduction of impurities 
that, by reacting with ORR intermediates, delay the passivation of the electrode 
surface. That hypothesis was strongly supported by the results reported in this paper, 
whereby higher capacities can be achieved already in the first cycle by introducing 
those impurities deliberately (by using impure or electrochemically degraded 
tetraglyme).  

In conclusion, we demonstrated that the chemical structure of glymes is very 
stable towards superoxide attack; the presence of impurities can reduce the apparent 
solvent stability and introduce artifacts in battery testing, thus great care must be 
taken to purify solvents prior to use for Li-air cell testing.  
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Stability of superoxide radicals in glyme solvents for
non-aqueous Li–O2 battery electrolytes†

K. Uta Schwenke,* Stefano Meini, Xiaohan Wu, Hubert A. Gasteiger and
Michele Piana

Glyme-based electrolytes were studied for the use in lithium–air batteries because of their greater stability
towards oxygen reduction reaction intermediates (e.g., superoxide anion radicals (O2

!")) produced upon
discharge at the cathode compared to previously employed carbonate-based electrolytes. However, con-
tradictory results of glyme stability tests employing KO2 as an O2

!" source were reported in the literature.
For clarification, we investigated the reaction of KO2 with glymes of various chain lengths qualitatively
using 1H NMR and FTIR spectroscopy as well as more quantitatively using UV-Vis spectroscopy. During our
experiments we found a huge impact of small quantities of impurities on the stability of the solvents.
Therefore, we studied further the influence of impurities in the glymes on the cycling behavior of Li–O2

cells, demonstrating the large effect of electrolyte impurities on Li–O2 cell performance.

Introduction

The development of energy storage devices is gaining substantial
importance in the process of replacing fossil fuels – in the past
apparently inexhaustible and easily accessible – by variable
renewable energy sources. Electrification of the vehicular fleet
is believed to be an important step towards the set-up of a
decentralized storage network and the significant reduction of
fossil fuel consumption. However, the highest energy storage
density of state-of-the-art lithium ion batteries is too low to meet
consumer’s demands.1,2 One promising approach, which could
lead up to a 4-fold increase in specific energy density, is the
replacement of the lithium-intercalation compounds at the
cathode of the lithium ion battery with an oxygen electrode.3

While at the beginning of non-aqueous rechargeable Li–O2

battery research lithium was expected to react with oxygen
during discharge to yield Li2O and Li2O2,4 up to now the
formation of Li2O was never clearly verified.5–10 However, also
the rechargeable Li–O2 battery based on the formation of Li2O2

does not provide a truly reversible oxygen chemistry, which is
believed to be mainly due to the reactivity of currently used
electrolytes with the discharge intermediates and products at the
Li–O2 cathode.11

Besides low viscosity, low volatility, and high oxygen solubility,
the desired properties of a suitable electrolyte are anodic stability
at high potentials, passivation of metallic lithium, and stability
versus oxygen reduction reaction intermediates produced upon
discharge at the cathode.12 Initially, standard alkyl carbonate
based electrolytes known from Li-ion batteries were
employed.4,13–15 But later it was shown using Fourier transform
infrared (FTIR), nuclear magnetic resonance (NMR) and Raman
spectroscopies, as well as using differential electrochemical
mass spectrometry (DEMS) that the main discharge products
at the cathode are C3H6(OCO2Li)2, Li2CO3, HCO2Li, CH3CO2Li,
CO2, and H2O rather than the desired Li2O2.6,8,16 A theoretical
study revealed as the dominant decomposition pathway the
nucleophilic attack of superoxide radicals (O2

!"), produced
during the reduction of O2 upon discharge, on the O-alkyl carbon
atom of organic carbonates.17

Hence, research was focused on ether-based electrolytes,
which were judged to be more stable to O2

!" attack18,19 and
attracted attention through high oxygen solubility and low
viscosity to facilitate oxygen transport.20 The high molecular
weights of long glymes, such as tetraglyme, are correlated with
their advantageous low volatility. In contrast to carbonate
based electrolytes, Li2O2 was found to be the main discharge
product when employing glyme-based electrolytes.7,8,21 How-
ever, the selection of a suitable solvent requires the indepen-
dent understanding of the di!erent reactivity issues such as the
degradation of the Li-anode,7 the electrolyte including conducting
salts,22 the cathode materials like carbons,23 binders and cata-
lysts24 as well as the influence of atmospheric components like
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H2O25 and CO2.26 To separate the various contributions to the
reactivity, model systems must be developed. Rotating ring
disc electrode voltammetry (RRDE) was recently successfully
employed to quantify the stability of electrolytes against
O2
!".27 As with the RRDE method reactions in the order of

seconds are observed, it applies only to highly reactive electro-
lytes towards O2

!" like propylene carbonate (PC). Therefore we
investigated now further the long term stability of O2

!" in the
clearly more stable glymes, even though their long term stability
is still controversially discussed in the literature.

While Freunberger et al. proposed a mechanism of O2
!"

induced decomposition of the glymes during discharge,21 tests
with chemically generated radicals, using KO2 as a precursor,
lead to the conclusion that DME (monoglyme) is stable against
superoxide radical attack.19 Testing tetraglyme, degradation
products were once detected28 and once not.24 Due to these
discrepancies in the literature, we decided to carefully repeat
those qualitative experiments with glymes of various chain
lengths, employing KO2 as a superoxide radical source.
Although KO2 will be never present in a Li–O2 cell its usage is
a convenient experimental approach, as KO2 is commercially
available. Additionally, it was recently shown that the presence
of a lithium salt in the KO2 solution may increase the chemical
reactivity of the superoxide radicals by forming LiO2, but it did
not change the stability ranking between different solvents.29

Since the solubility of KO2 varies in different solvents, it is
mandatory to use for more quantitative results a stable solution
of superoxide radicals to which the solvent under investigation
can be added. DMSO was found to dissolve a maximum of KO2

without reaction. Furthermore, several studies using DMSO as a
solvent reported that the concentration of superoxide radicals
can be observed using ultraviolet-visible spectroscopy (UV-Vis)
as O2

!" is absorbing UV-light with a maximum at 250–
275 nm,30–34 which allows the quantification of superoxide
radical reactivity. During our investigations we noticed the
necessity of purification of the examined solvents. The influ-
ence of impurities in the glymes on the cell cycling behavior
was therefore also carefully studied.

Experimental
Solvents

Acetonitrile (Sigma-Aldrich, 99.8%), dimethyl sulfoxide (DMSO,
Sigma Aldrich, 99.99%), diethylene glycol dimethyl ether
(diglyme, Sigma Aldrich, Z99.5%), monoethylene glycol dimethyl
ether (monoglyme, Sigma Aldrich, 99.5%), propylene carbonate
(PC, Sigma Aldrich, Z99.5%), tetraethylene glycol dimethyl ether
(tetraglyme, Sigma Aldrich, Z99%) and triethylene glycol
dimethyl ether (triglyme, Sigma Aldrich, 99%) were dried prior
to use over Sylobead MS 564C zeolites (3 Å, Grace Davision) and
stored in an argon-filled glovebox. All used solvents contained
r5 ppm water, as determined by Karl Fischer titration (Titroline
KF, Schott Instruments, Germany).

Tetraethylene glycol dimethyl ether was for reasons of
comparison purified by fractional distillation (25 cm Vigreux
column) over metallic sodium. The last fraction was collected at

approximately 100 1C under vacuum and contained the in the
following called ‘‘distilled tetraglyme’’ which was transferred
into the glovebox without exposure to air. ‘‘Degraded tetraglyme’’
was obtained directly within fully assembled Li–O2 cells by
anodic oxidation of the distilled tetraglyme-based electrolyte at
high potentials, increasing the cell voltage in one hour lasting
incremental steps of 100 mV from 4.0 to 4.9 V. Further details
can be found in our previous work.35

Qualitative investigation using 1H NMR and FTIR spectroscopy

To investigate qualitatively the reactivity of the di!erent solvents
in contact with chemically generated O2

!", an excess of 0.45 g
potassium superoxide (KO2, 96.5%, Alfa Aesar, used as received)
was added to 5 g of the solvent under investigation in an argon-
filled glovebox (Jacomex, Dagneux, France, o1 ppm of H2O and
O2). We did not use crown ethers to facilitate the dissolution of
KO2 as decomposition products were detected after contact of
KO2 with 18-crown-6 (Sigma Aldrich, 99%). Even if this reactivity
could have come from impurities in the crown ether, we decided
to avoid any additional source of uncertainty. Additionally, it was
recently stated that no qualitative di!erence exists between
experiments with and without crown ether.29 Due to very low
solubility of KO2 in the glymes, we stirred the dispersions for
8 days to ensure su"cient solid/liquid reaction time. Subse-
quently, we separated the liquid phase from the solid residue by
centrifugation. Most of the remaining solvent was finally
removed from the solid under vacuum: monoglyme at room
temperature, diglyme at 50 1C, triglyme at 65 1C and tetraglyme
at 80 1C. Both phases were analyzed by FTIR (diamond-ATR,
Spectrum Two, Perkin Elmer, USA, located inside an argon-filled
glovebox) and 1H NMR (250 MHz, 128 scans, Avance I, Bruker
Instruments, Germany). The solid residues were dissolved in
D2O (Sigma-Aldrich, 99.9 atom% D) and the liquid phases mixed
with DMSO-d6 (Sigma-Aldrich, 99.9%, water content r5 ppm).
The signals of the deuterated solvents were used as reference for
the 1H NMR chemical shift.

Potassium acetate (Sigma Aldrich, Z99%), potassium carbonate
(K2CO3, Merck, puriss.), potassium formate (Sigma Aldrich, Z99%)
and potassium hydroxide (KOH, Merck, p.a.) were used without
further purification for reference spectra.

Quantitative investigation using UV-Vis spectroscopy

For quantitative analysis, KO2 in the right amount to obtain a
3 mM solution was stirred in DMSO for 90 min in an argon-
filled glovebox (O2 o 0.1 ppm, H2O o 0.1 ppm; MBraun,
Germany) to ensure complete dissolution. Furthermore, this
time was su"cient for reaction of water traces in DMSO with
the added KO2. As two superoxide radicals react with one water
molecule31,32 the final O2

!" concentration might be up to 20%
lower, assuming a water content of 5 ppm in DMSO which
corresponds to a concentration of 0.3 mM. 0.7 ml of the
obtained KO2 solution was filled into a quartz cuvette with a
sealed screw cap (1/ST/C/Q/2 mm, Starna, USA) and a UV-Vis
spectrum was recorded (Lambda35, Perkin Elmer, USA) to
determine the initial absorbance which correlates with the
O2
!" concentration. Then, a 50-fold molar excess of the solvent
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under investigation (n(solvent)/n(KO2) = 50, 8–23 ml depending
on the solvent) was added to the solution in the glove box. Due
to the large molar excess of solvent, the solvent degradation
rate is expected to be pseudo-first-order with respect to O2

!".
Solvent addition was defined as the starting time of the reac-
tion. Spectra were collected at constant temperature (25 1C) and
corrected with a baseline of the corresponding mixture of
DMSO and the solvent. To visualize the decay of the superoxide
radical concentration, the absorbance at 270 nm was plotted
versus time. The dilution of the KO2 solution due to addition of
different volumes of the examined solvents was arithmetically
corrected.

Cycling of Li–O2 battery cells

Cathodes were prepared as described previously35 by Mayer-rod
coating an ink composed of Vulcan XC72 carbon (Tanaka,
Japan), isopropanol (IPA, Sigma Aldrich, 99.9%) and lithium-
ion exchanged Nafions solution (LITHions with 10.6 wt% in
IPA from Ion Power, USA) with a binder/carbon ratio of 0.5/1 g/g
onto a Celgard C480 separator. The ink was prepared by
sonicating carbon and solvent for 20 minutes (Branson 250
probe-sonifier). Subsequently, LITHions solution was mixed
into the ink with a spatula for half a minute. After coating, with
a Mayer rod that provides 100 mm wet-film thickness, and
solvent evaporation at room temperature, 15 mm diameter
electrodes were punched out, dried under dynamic vacuum at
95 1C for 6 hours in a glass oven (Büchi, Switzerland) and
transferred for cell assembly into an argon-filled glove box
(O2 o 0.1 ppm, H2O o 0.1 ppm; MBraun, Germany) avoiding
further exposure to ambient air. The average carbon loading
was 0.38 # 0.05 mgcarbon cmelectrode

"2.
Electrolytes were prepared with lithium bis-(trifluoromethane-

sulfonyl)-imide (LiTFSI, Sigma Aldrich, 99.95% metal basis),
which was vacuum dried at 150 1C for 24 hours before use.

The cell design and assembly used in our group were
extensively described in previous work.25 The used cells consist
of a 316Ti SS anode current collector and a cathode current
collector separated by a Kel-F spacer. The sealing of the system
is ensured by two Teflon O-rings and the contact between the
cell components is made by a 316 SS compression spring. The
cells were assembled by placing a lithium disk (17 mm diameter,
0.45 mm thick, 99.9%, Chemetall, Germany) onto the anode
current collector, wetting it with 40 ml of the electrolyte and
covering it with two Celgards C480 separators, which were
afterwards wetted with additional 40 ml of the electrolyte. The
cathode was placed onto the separators before adding further
40 ml of the electrolyte. Electrical contact was made with a
stainless steel mesh (21 mm diameter, 0.22 mm diameter wire,
1.0 mm openings, Spörl KG, Germany). The cell was sealed with
four screws at a torque of 6 Nm, then connected to an oxygen
line and purged with O2 at 80 sccm for 35 seconds.

Cycling consisted of a galvanostatic discharge/charge at
120 mA gcarbon

"1 between 2.0–4.5 V vs. Li/Li+ at room temper-
ature after minimum 30 minutes rest at open circuit voltage
(OCV). All electrochemical tests were performed using a multi-
potentiostat VMP3 from Bio-Logic, France.

Analysis of cathodes involved disassembling the cells in the
glovebox, rinsing the electrodes with 1 ml acetonitrile and
removing the solvent under dynamic vacuum at room temper-
ature. The washed and dried electrodes were investigated using
FTIR spectroscopy placing them directly on a MIRacle germa-
nium ATR from Pike Technologies. Afterwards the electrodes
were soaked for 30 min in 0.7 ml D2O to collect 1H NMR
spectra. Lithium acetate (Sigma Aldrich, 99.95%), lithium
carbonate (Li2CO3, Sigma Aldrich, Z99%) and lithium formate
monohydrate (Sigma Aldrich, 98%) were used for reference
spectra.

Results and discussion
Qualitative investigation using 1H NMR- and
FTIR-spectroscopies

Previous studies, which investigated solvent stability against
superoxide radicals generated from KO2, showed only spectro-
scopic analysis of the solid reaction products but not of the
remaining solution.24,28 Although main decomposition products
seem to be non-soluble salts,6,21 we decided to check also the
remaining solution. As expected, NMR-signals of the di!erent
investigated glymes with a chemical shift between 3 and 4 ppm
did not vary due to contact of the solvents with KO2 and also no
new signals were detected after exposure to KO2. However, the
strongly enlarged NMR spectra of the glymes before and after
contact with KO2 (Fig. 1) revealed that impurities, which were
present in tetraglyme and triglyme, showing NMR signals at
around 4.5 ppm and 8.2 ppm, disappeared during reaction
(marked by the boxes (orange) in Fig. 1c and d). Other impurity
signals with low chemical shifts at around 0.5–2 ppm, which
were observed in all spectra and which belong probably to alkyl
groups, remained on the other hand unchanged. The amount of
each of the different impurities was estimated to be at maximum
0.5–1%, integrating the different signals in comparison to the
glyme signals set to 100% and using the assumption that each
impurity signal would arise from only one hydrogen atom (actual
concentration may be substantially lower). Identification of the
impurities was more difficult than expected, as a gas chromato-
graphic analysis coupled to mass spectrometry (GC-MS) of tetra-
glyme did not reveal any substance matching to the vanishing
signals of the NMR spectra. We hypothesize that these impu-
rities could be the result of the instability of glymes at high
temperatures and/or in the presence of UV-radiation and oxygen,
conditions possibly arising in an industrial plant during produc-
tion, purification, and packing. The increase of impurities with
the chain length of the glymes can probably be explained by the
increasing boiling point with chain length, which complicates
their purification as it requires higher temperatures in the
distillation process so that additional decomposition processes
may occur. Regarding the NMR spectra, most probable candidates
for the reactive impurities are unsaturated-oxygenated hydro-
carbons, such as vinyl ethers and vinyl esters. Those substances,
e.g., substituted vinyl-methyl ethers, exhibit 1H NMR signals at
around 4–5 ppm, in agreement with the experimental data reported
in Fig. 1 for as-received triglyme and tetraglyme. The presence of
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impurities with CQO moieties is supported using FTIR-spectro-
scopy. Fig. 2 shows that the spectra of tetraglyme before and
after stirring with KO2 are almost identical (black and dark green
lines in Fig. 2). The only difference consists of an absorption
band at 1725 cm!1 which is typical for CQO stretching vibra-
tions; it belongs to the reacting impurities, as it also vanished
after distillation (a light green line in Fig. 2). It was therefore
mandatory to compare the reactivity of purified and as-received
tetraglyme, before assessing about the stability versus superoxide
radicals. As can be seen in Fig. 1e, we succeeded to remove the
reactive impurities by distillation.

The investigation of the solid residues confirmed our
assumption that impurities in the di!erent glymes a!ect their
stability against superoxide radicals. While the residues in the
distilled tetraglyme as well as in the more purely produced
monoglyme and diglyme had a yellowish color like KO2, the
solid residues obtained from triglyme and tetraglyme con-
tained a large white fraction. NMR spectra of the solid phases
(Fig. 3) of the KO2 suspensions with non-purified tetraglyme
and triglyme show singlets of formate (8.5 ppm) and acetate
(1.9 ppm) as well as some minor signals at around 3.8 ppm,
which are consistent with previous work.10,21 Integration of the
NMR signals suggests a 5- to 10-fold excess of formate com-
pared to acetate. Additionally, large amounts of carbonate were
detected using FTIR spectroscopy, indicated by the character-
istic bending out-of-plane vibration at 880 cm!1 (Fig. 4).
Furthermore, formate was identified by the sharp absorption
band at 760 cm!1, whereas the vibration bands of acetate could
only be seen by careful comparison. While tiny amounts of
acetate were also detected in the NMR spectrum of the diglyme
residue (not visible in the magnification of Fig. 3), none of the
typical decomposition products were found in the residues of
monoglyme and distilled tetraglyme. The FTIR spectra of the
solid residues of distilled tetraglyme, monoglyme and diglyme
are similar to the spectrum of the employed KO2, which is
dominated by the bands of carbonate impurity. These impurity
bands remained unchanged during reaction. The very weak
band of the superoxide bond stretching vibration at 1100 cm!1 36,37

can be seen upon closer inspection. The solid residues from
diglyme and much less pronounced monoglyme show additionally

Fig. 1 1H NMR spectra (DMSO-d6) of the liquid phase of the saturated KO2-solution in
(a) monoglyme, (b) diglyme, (c) triglyme, (d) tetraglyme as-received, and (e) distilled
tetraglyme, compared with the solvent spectra prior to addition of KO2. Signals around
3–4 ppm belong to the glymes, the signal at 2.5 ppm including satellite signals to the
solvent. Impurity signals with low chemical shifts remain mainly unchanged after
reaction with KO2 whereas impurity signals highlighted by the boxes (orange) vanished.

Fig. 2 FTIR spectra of the liquid phase of the saturated KO2-solution with
as-received tetraglyme after 8 days of exposure compared with the spectra of
as-received and distilled tetraglyme prior to addition of KO2. The inset shows the
spectra enlarged.
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some vibrational absorption bands at 1150 and 1230 cm!1.
Freunberger et al. assigned vibrations between 1000 and
1300 cm!1 to polyethers/esters.21 A definitive assignment, how-
ever, cannot be given. Most striking are the results of the solid
residue from distilled tetraglyme as neither in the NMR (Fig. 3) nor

in the FTIR spectrum (Fig. 4) any other compounds than D2O, KO2

(including its impurities), and very tiny amounts of tetraglyme
were detected. Even vacuum drying at 80 1C for 7 hours to remove
as much as possible of the latter to improve spectrum quality, did
not lead to a reaction between KO2 and the glyme, so that we
believe that the glymes are not attacked by O2

"!. However,
impurities, whose quantity increases with the chain length of the
glymes, are reacting with O2

"!. The fact that Takechi et al. used the
solvents as-received28 whereas Black et al. distilled the solvents
prior to the experiments,24 can explain the discrepancies between
their results.

Quantitative investigation using UV-Vis spectroscopy

To ensure that purified tetraglyme is intrinsically stable and
that the di!erence in stability after purification is not simply
due to a possibly better solubility of KO2 by the impurities, we
used DMSO to generate a defined amount of O2

"!. The absor-
bance band with a maximum at 255 nm allows us to quantify
the initial concentration of superoxide radicals and to follow
their rate of reaction with the added solvent. Fig. 5 shows that
the superoxide radicals reacted with the non-purified tetra-
glyme as the absorbance decreases substantially after adding
the solvent. For further evaluation, we plotted the absorbance
at 270 nm, where DMSO does not yet absorb significantly, for
the di!erent reaction mixtures versus time (Fig. 6). As the O2

"!

starting concentration, indicated by absorbance, varied with a
standard deviation of 5% due to the error of the balance and
slightly fluctuating water content in DMSO, we normalized the
measured values to the absorbance of the KO2 solution prior to
addition of the solvent under investigation. Fig. 6 confirms the
qualitative results from the above NMR analysis: the O2

"!

concentration decreased considerably in the solutions with
as-received tetraglyme and triglyme, while it remained essen-
tially constant for monoglyme, diglyme and especially distilled
tetraglyme (Fig. 6b). The ‘‘reactivity of the glymes’’ increased
thereby with the amount of impurities and correlated with the
amount of decomposition products found using FTIR and

Fig. 3 1H NMR spectra (D2O) of the solid residue of saturated KO2-solutions in
the di!erent glymes compared with the spectra of potassium acetate and
formate. The signal at 4.79 ppm belongs to HDO and was used as reference.
Signals around 3.5 ppm belong to residues from the higher boiling glymes due to
incomplete drying of the solid residues.

Fig. 4 FTIR spectra of the solid residue of the KO2-suspension in the di!erent
glymes compared with reference spectra of potassium superoxide, potassium
carbonate, potassium acetate and formate.

Fig. 5 Baseline corrected UV-Vis spectra of potassium superoxide in DMSO
containing a 50 molar equivalent excess of tetraglyme at the beginning of the
reaction and after 18 hours. The vertical line at 270 nm corresponds to the
wavelength used for further evaluation.
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NMR. In the presence of a 50-fold excess of added solvent, we
expected to be able to quantify the stability of O2

!" by the
pseudo first order reaction rate constant k. In the case of a first
order reaction, k corresponds to the slope in a plot of the
natural logarithm of the absorbance, which is directly propor-
tional to the logarithm of the concentration, versus time.

To compare our method to previous results by RRDE,
we examined a solution with PC. Due to a very high k of
78 min"1,27 corresponding to a half-life of 0.53 s, the reaction
was as expected ‘‘completed’’ before the collection of the first
spectrum and, consequently, the absorbance was very low and
did not change any more substantially with time (Fig. 6a).
However, the absorbance did not drop to zero, which is most
likely due to a changed DMSO/PC background caused by either
the products formed from chain reactions initiated by the
reaction of O2

!" with PC or by the formation of hydrogen
peroxide and dimethyl sulfone when water traces contained
in the DMSO react during the 90 min stirring with KO2.31 The
pseudo first order reaction rate constant could also not be
determined for triglyme and tetraglyme, as O2

!" reacted with
impurities rather than with the glymes. We could, however,
estimate k of the reactions with monoglyme, diglyme, and
distilled tetraglyme from a semi-logarithmic plot between
2–18 h (the initial 2 hours were not used due to some deviation
from linear behavior, most likely caused by trace water added
with the solvents). All estimated k-values were in the order of
10"5 min"1, which is well below the upper limit of 1.14 min"1

determined by RRDE for diglyme containing 0.8 M TBATFSI
at 25 1C (determined by the RRDE method described in ref. 27).

Since even the rate constant of the DMSO background was in
the same order of magnitude, we believe that the slightly higher
k of diglyme and monoglyme was also caused by small amounts
of impurities, whereas distilled tetraglyme was found to be
intrinsically stable against superoxide radical attack.

A similar method using UV-Vis spectroscopy to test O2
!"

stability in di!erent ionic liquids can be found in the literature
not related to battery science. Comparing the maximum rate
constant of 10"5 min"1 determined for the clean glymes to the
k-values reported for ionic liquids (1-n-butyl-2,3-dimethyl-
imidazolium tetrafluoroborate, [BMMI+][BF4

"]: k = 0.15 min"1;33

1-hexyl-1-methyl-pyrrolidinium bis (trifluoromethylsulfonyl)
imide, [HMPyrr+][TFSI"]: k = 1.14 # 10"3 min"1 34), the stability
of glymes against superoxide radical attack is clearly superior.
We thus confirm the theoretical predictions that glymes are not
attacked by superoxide radicals.19

Cycling of Li–O2 battery cells

Purifying tetraglyme did not only enhance the solvent resis-
tance against superoxide radical attack, but also changed the
Li–O2 cell cycling behavior dramatically. Therefore, we discuss
in the following paragraph the influence of impurities on the
voltage profile of the first discharge–charge cycle, on the
decomposition products found after discharge and charge in
the cathode, and on the cycling behavior. Regarding the first
cycle, electrolytes based on as-received tetraglyme (Fig. 7, dark
green curve) delivered a ca. 3–4-fold higher discharge capacity
in comparison to diglyme and monoglyme (Fig. 7, red and blue
curves). As reported in our recent work,35 an intrinsic instability
of tetraglyme was given as one of the acceptable explanations
for the observed higher capacities, possibly related to a decrease
in glyme stability towards O2

!" with increasing chain length.
Nevertheless, we were aware of the presence of organic impu-
rities in the as-received tetraglyme and their possible effect
on discharge capacity. Indeed, the specific capacity in the first
discharge of Li–O2 cells using a distilled tetraglyme based
electrolyte (Fig. 7, light green curve) resembles the ones
obtained with the shorter homologues diglyme and monoglyme.

Fig. 6 (a) Plot of the absorbance at 270 nm versus time of KO2 dissolved in pure
DMSO and after addition of monoglyme, diglyme, triglyme, tetraglyme
as-received and distilled, as well as PC, (b) y-axis zoom of Fig. 6a for a better
distinction of the less reactive solvents. The error bars represent the standard
deviation from three repeat experiments; absorbances are normalized to the
absorbance of the starting solution of KO2 in DMSO.

Fig. 7 First discharge–charge cycle between 2.0 and 4.5 V at 120 mA gcarbon
"1

of Li–O2 cells using a Vulcan carbon cathode and as electrolyte 0.2 M LiTFSI in
monoglyme, diglyme, as well as as-received, distilled and degraded tetraglyme.
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The correlation between the spectroscopic data and the electro-
chemical tests confirmed that impurities contained in the
as-received glyme rather than the chain length were actually
the cause of the different electrochemical behavior of as-received
tetraglyme compared to monoglyme and diglyme. We reported
earlier that the first discharge capacity is limited to a critical film
thickness of 1–2 monolayers of Li2O2,35 presumably due to the
passivation of the cathode surface by the discharge products.38

If, however, the superoxide radicals do not only form LiO2, which
then disproportionates to Li2O2 as desired,39,40 but also react
with electrolyte constituents leading to slightly soluble inter-
mediates that leave the electrode surface, the discharge can be
substantially prolonged. Furthermore, it does not seem to be
important whether the solvent itself is reactive towards O2

!" as
in the case of PC41 or whether reactive impurities are present in
the electrolyte. The latter can also be introduced deliberately by
electrooxidative degradation of the electrolyte (Fig. 7, brown
line)35 or can arise from water-contaminated oxygen.25 As the
reaction intermediates might diffuse away from the electrode,
the discharge products can deposit elsewhere or form an inhomo-
geneous film, which would allow for higher discharge capacities.
Interestingly, the discharge potential shows an inflection at
around 550 mA h gcarbon

"1 (after 70–80% of the full discharge)
when using impure tetraglyme (either degraded or as-received),
presumably related to impurities or oxidized impurities after
reaction with O2

!". This inflection is much more pronounced
for the degraded electrolyte containing more impurities and also
for electrolytes containing a clearly reactive solvent like PC.25,41

Even though we have not yet fully understood the origin of this
potential step, it is a useful indicator for reactive and impure
electrolytes. Also, during charge two plateaus were observed
(Fig. 7). The lower at around 3.5 V was previously assigned to
the charge of Li2O2 and the higher close to 4.5 V to the decom-
position of the electrolyte and the charge of products different
from Li2O2.11,41–44 Even though the second plateau is much more
pronounced for the curve of the impure tetraglyme cells, it is also
visible using the purified solvent, indicating formation of side
products. However, it has to be noted that there is no evidence
that the majority of products charged at this high voltage consist
of carbonates as still lots of oxygen were detected via mass
spectrometry41 and salts different from Li2O2 do not yield O2

during charge.45

To investigate when decomposition products are formed, we
analyzed electrodes after the first discharge and after the first
charge using NMR and FTIR spectroscopy. As expected, after
discharge of the cell with as-received tetraglyme, we observed
huge amounts of decomposition products like carbonate, acetate,
and formate (Fig. 8c, d, 9c and d). Formate was the most
important substance detectable by NMR, which is consistent with
the reactivity study using KO2 where formate was also found to be
the main impurity detected by NMR (cf. Fig. 3). Surprisingly, lower
amounts of reaction products were also detected after the dis-
charge of the distilled tetraglyme cell (Fig. 9a). We believe that
these products derive from the superoxide-mediated oxidation of
hydroperoxides formed by the glymes in contact with oxygen and
not of reaction of superoxide radicals with tetraglyme directly.46

This decomposition pathway was excluded in our investigations of
glyme stability against superoxide radicals as all experiments were
conducted under argon.

While no significant amount of the decomposition products
from the cell with the as-received tetraglyme could be charged,
it was possible to remove large parts of the side products during
the first recharge using a cell with distilled tetraglyme (compare
Fig. 8d with Fig. 8b). While the FTIR-spectrum after charge of
the distilled tetraglyme cell (Fig. 9b) was without significant
di!erence to the pristine electrode spectrum (Fig. 9e), some small
traces of decomposition products could still be detected with
NMR (Fig. 8b). As stated recently by Chen et al.,47 small amounts
of acetate formation seem to be less critical as most of it can be
removed during charge below 4 V. However, in our study only
small quantities of formate seemed to be decomposed during
charge, probably due to the fact that the cell voltage did not stay
su"ciently long at high values. These remaining discharge pro-
ducts as well as decomposition of the electrolyte during the end of
charge11,41 lead to an accumulation of impurities during cycling.

The influence of this growing amount of impurities was
studied by continued cell cycling. Indeed, it was confirmed that
the accumulated impurities inhibited the formation of a homo-
genous passivating Li2O2 film during the following discharges
as the discharge capacity of the cells using the ‘‘pure glymes’’
increased during the first cycles (Fig. 10), presumably caused by
the increase of reactive electrolyte impurities. The discharge
capacities reached a maximum in the 3rd cycle before fading

Fig. 8 1H NMR spectra of D2O extracts of LITHions bonded Vulcan cathodes
cycled in 1 M LiTFSI in tetraglyme between 2.0 and 4.5 V at 120 mA gcarbon

"1,
(a) 1st discharge distilled tetraglyme, (b) 1st recharge distilled tetraglyme, (c) 1st
discharge as-received tetraglyme, (d) 1st recharge as-received tetraglyme.
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completely during the subsequent cycles. The correlation
between maximum discharge capacity and chain length of
glymes (shorter glymes yield higher maximum discharge capacity)
could be caused by a higher oxygen solubility and lower visco-
sity of monoglyme compared with tetraglyme.48 However, these
factors seemed to play only a role if enhanced discharge
capacity due to impurities was observed. The cyclability curve

of as-received tetraglyme resembles the other glymes’ curves
from the 3rd cycle on, suggesting that the non-purified tetra-
glyme behaves like a degraded electrolyte. The amount of
remaining side products on the cathode was too important to
be significantly decomposed during charge (Fig. 8 and 9), so
that the cathode blockage would lead in less cycles to complete
cell failure. Electrooxidation of the distilled tetraglyme leads to
discharge capacity behavior similar to PC,41 which indicates
more impurities in degraded than in as-received tetraglyme. In
summary, we observed a continuous fading of capacity for
reactive electrolytes (PC)25 and electrolytes containing reactive
impurities, while stable and pure electrolytes displayed a
maximum discharge capacity during the third cycle.

Although distilled tetraglyme was found to be stable against
superoxide radical attack, the di!erences in the voltage profiles
of cells employing distilled and as-received tetraglyme vanished
after the 3rd cycle, as shown in Fig. 11. The normalization of
the cell voltage profiles to the respective discharge capacity as
shown in Fig. 11 (non-normalized raw data can be found in
the ESI† in Fig. S1) allows us to easily ascertain that the
plateau near 3.5 V, associated with charging of Li2O2, decreased
during cycling, while the plateau near 4.5 V, associated partially
with carbonate species electrooxidation,41,42,45 became increas-
ingly dominant. Furthermore, the charging onset potential,
which was characteristically high for the first cycle of the ‘‘clean
glyme electrolytes’’ (ca. 3.5 V, Fig. 7, light green curve),
approached the lower onset potential of the as-received glyme
cells (ca. 3.1 V, Fig. 7, dark green curve) during the subsequent
cycles. The change in this charging onset potential of the

Fig. 9 FTIR spectra of LITHions bonded Vulcan cathodes cycled in 1 M LiTFSI in
tetraglyme between 2.0 and 4.5 V at 120 mA gcarbon

!1, (a) 1st discharge distilled
tetraglyme, (b) 1st recharge distilled tetraglyme, (c) 1st discharge as-received
tetraglyme, (d) 1st recharge as-received tetraglyme and for comparison (e)
pristine electrode, (f) lithium carbonate, (g) lithium formate, (h) lithium acetate.

Fig. 10 Comparison of the change in specific discharge capacity upon cycling
between 2.0 and 4.5 V at 120 mA gcarbon

!1 of Li–O2 cells using a Vulcan carbon
cathode and as electrolyte 0.2 M LiTFSI in monoglyme, diglyme, as well as
as-received, distilled and degraded tetraglyme. The error bars represent the
standard deviation from three repeat experiments.

Fig. 11 Cell voltage profiles of the first five cycles of Li–O2 cells using as
electrolyte 0.2 M LiTFSI in (a) tetraglyme as-received and (b) distilled tetraglyme,
normalized to the respective discharge capacity of each cycle.
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distilled tetraglyme cell is comparable to that observed with
diglyme cells, which were recently studied using on-line mass
spectrometry.41 There, O2 evolution was detected at the
expected rate of 2e!/O2 at the beginning of each charging
curve. This could suggest that impurities accumulated in the
electrolyte evolve oxygen at the same rate as Li2O2 (i.e., at 2e!/O2)
or more likely act as a mediator for peroxo-species at the
electrode surface, which facilitate the charging reaction analo-
gous to what was reported by Chase et al.49 In fresh and pure
electrolytes, the absence of impurities leads to solid, crystalline
Li2O2 and thus to higher voltages at the beginning of the charge,
indicated by the initial peak in the first-cycle charging voltage
with monoglyme, diglyme and distilled tetraglyme (Fig. 7). As
this feature is missing from the 2nd cycle on (see, e.g., Fig. 11b),
it can be concluded that the accumulation of electrolyte impu-
rities during cycling as well as deposition of reaction products
which block the cathode prevents reversible charge–discharge
cycles for Li–O2 cells using glyme-based electrolytes.

Conclusions

In this work we demonstrated that solvents of the glyme series
are su!ciently stable against superoxide radical attack to be
used as Li–O2 battery solvents. No decomposition products
were detected using 1H NMR and FTIR spectroscopy after
long-term exposure of the pure solvents to KO2. We noticed
that solvent purity is essential for assessing solvent reactivity
and could clarify discrepancies in the literature with regard to
the stability of glymes towards O2

"!. We proposed UV-Vis
spectroscopy for more quantitative determination of the stability
of various solvents towards superoxide radical attack. It was
shown that the developed method is extremely sensitive to small
amounts of reactive impurities present in the solvent under
investigation. As impurities can change the cell-voltage profile
dramatically, especially during the first cycle, we believe that the
UV-Vis method is a simple tool for first screening of stable and
pure Li–O2 battery cell solvents.

Although the glymes do not react with superoxide radicals if
they are su!ciently pure, the cycling behavior of pure glymes in
Li–O2 cells from the third cycle on does not differ any more
from impure electrolytes. Furthermore, even after the first
discharge in a distilled tetraglyme based electrolyte, decom-
position products are observed by NMR and FTIR. The stability
against superoxide radicals is therefore only the first step in the
search of a suitable electrolyte. The electrolyte of a rechargeable
Li–O2 battery cell has also to be stable against autooxidation in
oxygen and against electrooxidation, especially in the presence
of Li2O2.
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D. Roy, Chem. Phys. Lett., 1994, 228, 410–416.

38 V. Viswanathan, K. S. Thygesen, J. S. Hummelshoj, J. K.
Norskov, G. Girishkumar, B. D. McCloskey and A. C. Luntz,
J. Chem. Phys., 2011, 135, 214704–214710.

39 C. O. Laoire, S. Mukerjee, K. M. Abraham, E. J. Plichta and
M. A. Hendrickson, J. Phys. Chem. C, 2010, 114, 9178–9186.

40 Z. Peng, S. A. Freunberger, L. J. Hardwick, Y. Chen,
V. Giordani, F. Barde, P. Novak, D. Graham, J.-M.
Tarascon and P. G. Bruce, Angew. Chem., Int. Ed., 2011, 50,
6351–6355.

41 N. Tsiouvaras, S. Meini, I. Buchberger and H. A. Gasteiger,
J. Electrochem. Soc., 2013, 160, A471–A477.

42 B. M. Gallant, R. R. Mitchell, D. G. Kwabi, J. Zhou, L. Zuin,
C. V. Thompson and Y. Shao-Horn, J. Phys. Chem. C, 2012,
116, 20800–20805.

43 Y.-C. Lu and Y. Shao-Horn, J. Phys. Chem. Lett., 2012, 93–99.
44 R. Black, J.-H. Lee, B. Adams, C. A. Mims and L. F. Nazar,

Angew. Chem., Int. Ed., 2013, 125, 410–414.
45 S. Meini, N. Tsiouvaras, K. U. Schwenke, M. Piana, H. Beyer,

L. Lange and H. A. Gasteiger, Phys. Chem. Chem. Phys., 2013,
DOI: 10.1039/C3CP51112J.

46 V. S. Bryantsev and F. Faglioni, J. Phys. Chem. A, 2012, 116,
7128–7138.

47 Y. Chen, S. A. Freunberger, Z. Peng, F. Barde and P. G.
Bruce, J. Am. Chem. Soc., 2012, 134, 7952–7957.

48 J. Read, K. Mutolo, M. Ervin, W. Behl, J. Wolfenstine,
A. Driedger and D. Foster, J. Electrochem. Soc., 2003, 150,
A1351–A1356.

49 G. V. Chase, S. Zecevic, T. W. Wesley, J. Uddin, K. A. Sasaki,
P. G. Vincent, V. Bryantsev, M. Blanco and D. D. Addison,
US Pat., 0028137 A1, 2012.

Paper PCCP

Pu
bl

is
he

d 
on

 2
0 

M
ay

 2
01

3.
 D

ow
nl

oa
de

d 
by

 T
ec

hn
is

ch
e 

U
ni

ve
rs

ita
et

 M
ue

nc
he

n 
on

 1
3/

06
/2

01
3 

13
:0

1:
37

. 
View Article Online

http://dx.doi.org/10.1039/c3cp51531a


Supplementary Information 

for 

Stability of superoxide radicals in glyme solvents for non-aqueous Li-O2 battery 

electrolytes 

 

K. Uta Schwenke, Stefano Meini, Xiaohan Wu, Hubert A. Gasteiger and Michele Piana 

Institute of Technical Electrochemistry, Technische Universität München,

 Lichtenbergstr. 4, D-85748 Garching, Germany 
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3.4  Conclusions 
In this chapter, some of the performance limitations of Li-O2 batteries were 

studied with particular regard to the discharge. The oxygen reduction reaction carried 
out at the positive electrode surface using relatively high rates (≈100 mA/gcarbon) in 
purified ether-based non-aqueous electrolyte solutions leads to the deposition of a 
thin layer of discharge products that increases the resistivity at the electrode/solution 
interface. The critical thickness at which that passivation layer stops the ORR and 
thus the discharge process is on the order of ≈0.5 nm, accounting to 1-2 monolayers 
of Li2O2, assuming the latter as the only discharge product. As the discharge capacity 
is proportional to the external surface (average of ≈500 µC/cm2

external), whereby 
external refers to surface comprising the mesoporosity of the electrode (pores >2 nm 
wide), the use of highly mesoporous electrode materials (e.g. Ketjen Black carbon 
black) results in higher capacities expressed as [mAh/gcarbon]. However, as the stored 
capacity is limited to surface, the full theoretical potential of Li-air technology 
consisting in filling electrode porosity with discharge products cannot be achieved at 
practical discharge rates. 

The formation of a passivation layer of discharge products on the positive 
electrode active surface is however delayed by substances that react with ORR 
intermediates, enhancing their mobility or producing more soluble intermediates. This 
is the case when, for example, H2O and alkyl carbonates are added to the electrolyte 
solutions. The sensitivity of Li-O2 cells to impurities can lead to severe artifacts in the 
capacity measurements when solvents containing substantial amounts of them are 
used. 

The poor cycle life obtained using electrolyte solutions based on glymes solvents 
(≈10 cycles) can be attributed to the continuous loss of rechargeability of the cells or, 
in other words, to the increasing charge overpotential that results in lower capacity 
recovery, cycle after cycle. The observed capacity fading can be explained by the 
accumulation of alternative discharge products (e.g. Li2CO3), resulting from 
electrolyte solvent degradation and carbon corrosion, in the electrode matrix. 
Limiting the discharge capacity to lower controlled values can apparently mitigate 
capacity fading, probably by limiting the accumulation of "inert" (i.e. not 
rechargeable below 4.5 VLi) discharge products. 
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Chapter 4  
!

Understanding the Charge Process of Li-Air 
Batteries: the Role of Electrolyte Solution and 
Electrode Material on Reversibility and Cycle Life  
 

 
In the previous chapter, preliminary results on the cycle life of Li-O2 cells using 

glyme-based electrolyte solutions were shown. Despite sporadic exceptions [75,76], 
the poor cycle life of Li-O2 batteries with positive electrodes based on carbon (e.g. 
carbon blacks or carbon fibers, as well as carbon nanotubes) is an common feature in 
most scientific reports in the field [9]; for example, a maximum of 27 cycles could be 
obtained in our laboratories by limiting the discharge to 17 % of the total capacity of 
a Ketjen Black electrode (corresponding to ≈300 mAh/gcarbon) using tetraglyme 
solvent (Section 3.2). That number of cycles is insufficient for any application for 
which a rechargeable battery is required. But what are the fundamental reasons that 
cause capacity fading in a Li-O2 battery? In order to answer that question, it is 
important to obtain further knowledge of the mechanisms governing the recharge (i.e. 
electrooxidation of discharge products) of a Li-O2 cell.  

The discharge of a Li-O2 cell involves the consumption of O2 from the gas phase 
producing Li2O2; accordingly, the charge should theoretically yield O2 gas as the 
electrooxidation of Li2O2 proceeds, at a rate of 2 e-/O2 according to the reaction: 

!"!!! ⟶ !! + 2!"! + 2!!     (Re. 4.1) 

The electrooxidation of Li2O2 on carbon surfaces can be carried out at cell 
voltages below 4.5 VLi, using convenient charge currents of 50-100 mA/gcarbon 

[71,77]. On the other hand, the poor capacity retention of Li-O2 cells suggests the 
production of non-Li2O2 species arising from the degradation of the electrolyte 
solution or carbon black corrosion. As the higher cut-off voltage in our cycling 
experiments is 4.5 VLi, those non-Li2O2 species should start to be electroactive only at 
higher potentials, and they accumulate in the electrode matrix; that leads to pore 
clogging and permanent passivation of the electroactive surface [13].  

In this chapter, the rechargeability of Li-O2 batteries is studied by comparing the 
electrochemical behavior and the gases evolved from both discharged electrodes 
(Section 4.1) and pre-filled with possible discharge products (Section 4.2), namely 
Li2O, Li2CO3 and LiOH; those studies revealed in which conditions those species 
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would accumulate upon cycling, determining the observed capacity fading. Secondly, 
a fundamental study on the reactivity of Li2O2 with carbon and electrolyte solution 
upon charge, as well as the nature of the oxygen species evolved during Li2O2 
electrooxidation (Section 4.3). Based on the collected data, several strategies for 
enhancing rechargeability and cycle life of Li-O2 batteries were proposed. 

 

4.1  A Novel On-Line Mass Spectrometer Design for the Study of 
Multiple Charging Cycles of a Li-O2 Battery 

In this paper, we presented a novel mass spectrometer design for the quantitative 
determination of volatile substances in the headspace of a Li-O2 cell. The paper 
reports on the construction features and capability of the On-line Electrochemical 
Mass Spectrometer developed by Dr. Nikolaos Tsiouvaras, main author of the 
manuscript, as well as the experimental details that complete the brief description 
reported in Section 2.7.  

As previously discussed, the technical novelty of that setup consists in the 
connection between the battery cell hardware and the mass spectrometer. A calibrated 
capillary leak of ≈1 µl/min allows the sampling of the battery headspace and, 
differently to more common DEMS setups, the one-stage pressure reduction from 
ambient pressure (battery) to the high vacuum of the mass spectrometer. This allows 
the continuous determination of the concentration of gases as they are evolved from 
the electrodes and accumulate in the electrochemical cell headspace. The low sample 
rate used permits in-situ measurements in completely sealed cell configuration for up 
to 30 hours, without substantially changing the inner pressure of the cell.  

The path for obtaining reliable results with OEMS was sprinkled with many 
issues, mostly regarding the reproducibility of the discharge capacity values of Li-air 
cells discharged in the same conditions. More precisely, Li-O2 cells cycled at the 
OEMS often provided 2-5 fold higher capacities than equivalent cells cycled using a 
regular potentiostat available in our laboratory. It was already known that water 
contaminated O2 feed results in discharge capacities up to one order of magnitude 
higher than water-free cells (Section 3.1), however, no substantial amounts of H2O 
were detected by the Mass Spectrometer in the gas phase.  

My role at that point was to optimize non-catalyzed carbon black (Vulcan XC72) 
electrodes and support Dr. Tsiouvaras in troubleshooting those reproducibility issues. 
With our combined strength we were able to understand that traces of H2O in the O2 
supply line were transported by the O2 flow into the electrochemical cell (all cells 
were purged with O2 for 5 minutes before discharging), wherein they were absorbed 
by the electrolyte solution and enhanced discharge capacity. That artifact was simply 
removed by flushing the O2 supply line for at least one hour before connecting to the 
electrochemical cell. A systematic coordinated study of several parameters revealed 
that by using separators of different chemical nature, i.e. glass fiber instead of the 
most common porous polymeric membranes, the discharge capacity also increased by 
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a factor of ≈3 with diglyme as electrolyte solvent. This effect is not yet fully 
understood, but we strongly believe that adsorbed species on the glass surface (e.g., 
H+ or alkali metal ions K+, Na+) could play a major role, as we noticed that the effect 
is strongly mitigated by Li+ exchanging the material in a Li+ containing electrolyte 
solution prior to cell assembly.  

The reliability of the OEMS setup was subsequently proved by determining the 
gases and their current normalized evolution rates upon charge of previously 
discharged non-catalyzed carbon electrodes; by comparing an electrolyte solvent 
(propylene carbonate, PC) known to be highly unstable towards oxygen reduction 
reaction intermediates with the stable diglyme (Section 3.3), we could benchmark the 
system and characterize evolved gases (mostly CO2 with PC, mostly O2 with diglyme, 
in accord with the literature [37]). Based on the nature of diglyme solvent fragments 
detected by the OEMS when cell voltage is increased at values >4.5 VLi, I proposed a 
possible degradation mechanism of that electrolyte solvent on carbon surfaces, 
included in the discussion of the paper. 

Despite diglyme was revealed to be a stable and reliable electrolyte solvent as 
discharge is concerned (Section 3.3), this paper pointed out that O2 recovery by 
charging a discharged electrode (i.e., by electrooxidizing Li2O2) is not complete 
(overall O2 evolution efficiency ≈75 %). Substantial amounts of CO2 evolved at the 
end of the charge suggested that parasitic reactions of O2 or Li2O2 (sort of 
"combustive agents") occur with either the electrolyte solvent or the carbon electrode 
(reduced species and thus "combustible"). That evidence, corroborated by several 
reports from other groups in the field [58-60], triggered two other fundamental 
studies on rechargeability of Li-O2 cells reported in Sections 4.2 and 4.3 respectively.  

Analysis of evolved gases of multiple cycles with diglyme solvent revealed that 
the specific amount of O2 evolved ([molO2/mAh]) decreases with cycle number, in 
accord with the decreasing amount of Li2O2 produced on Vulcan XC72 electrodes 
upon cycling (Table 3.1). That evidence suggests that discharge products alternative 
to Li2O2 such as Li2O, whose formation is indicated by product selectivity 
measurements (Table 3.1), cannot be recharged below 4.7 VLi, and accumulate in the 
electrode matrix upon cycling. 
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Multiple Charging Cycles of a Li-O2 Battery
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In this work we present a novel on-line electrochemical mass spectrometer design, which enables quantitative gas evolution analysis
with a sealed battery design, applied to the study of the charging processes in a Li-O2 battery. Successive charge/discharge cycles
were performed using Vulcan-carbon based positive electrodes in electrolytes composed of 0.2 M LiTFSI and two different solvents:
i) propylene carbonate (PC), and, ii) bis(2-methoxyethyl) ether (diglyme). Results on the PC based electrolyte reveal a strong
potential dependence of the evolved gaseous products which is maintained throughout subsequent cycles, consisting predominantly
of O2 below 3.7 V and of predominantly CO2 above 3.7 V. The observed capacity fading is most likely caused by the gradual
accumulation of discharge products which can only be oxidized at high anodic potentials. With diglyme electrolyte, the predominant
gas during charging is O2. However, while the number of electrons/O2 closely corresponds to the oxidation of Li2O2 at the beginning
of each charging cycle (2 e!/O2), it increases with potential and with the number of cycles, suggesting the gradual formation of
other oxygen-containing discharge products which can only be oxidized at high potential with the parallel formation of CO2.
© 2013 The Electrochemical Society. [DOI: 10.1149/2.042303jes] All rights reserved.
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Li-O2 batteries, promising a significant increase in energy density
over conventional lithium-ion batteries,1–4 have been attracting much
attention over the past years. Originally, it was assumed that Li2O2
would be the predominant discharge product at the positive electrode
(generally referred to as cathode) of Li-O2 batteries based on aprotic
organic electrolytes, formed either directly at the electrode surface5

or through superoxide intermediates (O2
!and/or LiO2);1,6,7 also, early

experiments with Li2O2-filled electrodes showed that O2 is evolved
during charging of Li2O2.8

These first studies in the field employed the standard alkyl carbon-
ate based electrolytes used for Li-ion batteries,1,7–11 but later on it was
shown that alkyl carbonates are susceptible to nucleophilic attack by
superoxide radicals, leading to the formation of Li2CO3 and lithium
alkyl carbonates, and are thus unsuitable for Li-O2 batteries.12–16 At-
tention has thereafter been shifted to ether-based electrolytes, particu-
larly the glymes, which are more stable in the presence of superoxide
radicals.17,18 Consequently, Li2O2 was found to be the predominant
product during the initial discharge of Li-O2 cathodes,13,19–21 even
though their stability is nowadays also believed to be compromised
upon cycling.13,20,22 While the decomposition mechanism of ether-
based electrolytes is not as easily understood as in the case of alkyl
carbonates, there is evidence that ether-based electrolytes gradually
degrade during both the discharge and the charge process.20

In several of the above mentioned studies13,20 as well as in many
other recent publications,23–25 mass spectrometry is employed as a
means to determine the electrolyte decomposition products as well as
the products produced during battery charging. Most mass spectrom-
etry systems rely upon differential pumping26–29 (hence the name dif-
ferential electrochemical mass spectrometry or DEMS), and the first
systems of this kind appeared in the mid-80s.29 Differential pumping
refers to a two-stage pressure reduction, whereby a continuously sam-
pled ambient pressure gas stream is first expanded into low vacuum
(ca. 0.1-1 mbar) through a properly sized aperture or capillary pumped
with a roughing pump, and then expanded into the high vacuum (ca.
10!6 mbar) of the mass spectrometer recipient. The advantage of this
two-stage expansion is that gas fractionation can be avoided, thereby
simplifying quantitative analysis. While this approach is ideal when
gas sample flow rates on the order of 1 mL/min can be provided,
as is the case for open flow systems (e.g., flow-cells30), its use is
less straightforward in the case of closed systems like batteries where
the sample gas volume is limited. In the latter case, it is therefore
necessary to either use a carrier gas which is continuously purging
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through the battery cell,27 or to intermittently purge the gas head-
space of the battery cell into the differentially pumped inlet of the
mass spectrometer.13 The disadvantage of these approaches, apart
from their complexity, is the fact that there is no longer a sealed vol-
ume from which the sampling is performed; instead there is a dynamic
flow system that is more prone to contamination, particularly when
considering that the necessary gas flow rates of #1 mL/min are large
compared to the typical electrolyte volume in a small-area battery cell
(#10–100 µL for a #1 cm2 cell).

In the present work, we are introducing a new type of on-line
electrochemical mass spectrometer (OEMS) system, which to our
knowledge has not been used in battery testing so far, permitting
continuous gas head-space sampling from a sealed volume over ex-
tended periods of time. The main components of the system can be
seen in Figure 1, whereby the connection between the sealed gas
head-space (9.0 mL) of the battery cell (left-hand-side of Fig. 1) and
the mass spectrometer (right-hand-side of Fig. 1) is made through
a calibrated crimped-capillary leak which limits the gas flow rate to
#1 µL/min while still providing response times on the order of 1
second. Thus, gas evolution from anodic/cathodic electrolyte decom-
position or during charging of Li-O2 battery cathodes can be monitored
continuously over approximately 10 hours with only minor changes
in gas head-space pressure. Despite gas fractionation caused by the
one-step expansion into high vacuum, the mass spectrometer signals
can be quantified by means of calibration gases. Using this OEMS
system, we will examine the anodic stability of an alkyl carbonate and
an ether based electrolyte as well as the gas product evolution during
the first and subsequent charging cycles of Li-O2 cathodes.

Figure 1. On-line electrochemical mass spectrometer (OEMS) system with a
Li-O2 battery cell (internal gas head space of 9 mL) connected directly through
a calibrated crimped-capillary leak (#1 µL/min) to a mass spectrometer with
a closed ionization cage at a pressure of #10!6 mbar. All gas products evolved
in the battery cell are continuously sampled,

http://dx.doi.org/10.1149/2.042303jes
mailto:nikos.tsiouvaras@tum.de
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Experimental

Electrode and Electrolyte Preparation: Positive electrodes were
prepared by coating a carbon/binder ink onto a glass fiber (GF) sepa-
rator (Fioroni Filters 259 grade) using a Mayer-rod (100µm wet film
thickness). The ink, with a binder/carbon ratio of 0.5/1 g/g was pre-
pared by first sonicating Vulcan XC72 carbon (Tanaka, Japan) and
isopropanol (Sigma-Aldrich, 99.9%) for 10 minutes with a Branson
250 digital probe-sonicator. Subsequently, the appropriate amount
of LITHion solution (10.6%wt. Li-exchanged Nafion in isopropanol
from Ion Power, USA) was stirred into the ink with a spatula for ca. half
a minute. The solvent was left to evaporate from the coating at room
temperature and then 15 mm diameter electrodes (1.77 cm2 area) were
punched out from the dry coating. Finally, the electrodes were dried
under dynamic vacuum at 95!C for 6 hours in a glass oven (Büchi,
Switzerland) prior to use and directly transferred to an Ar filled glove
box without any further contact with ambient air. The carbon loading
of the electrodes was obtained by weighing the electrodes in the glove
box and subtracting the weight of the GF separator; the carbon load-
ings ranged from 0.57 to 1.11 mgcarbon/cm2 (corresponding to 1.0 to
1.96 mgcarbon for the various cathode electrodes) and the actual load-
ing for each experiment is given in the figure captions. When trying
to compare the anodic electrolyte oxidation currents usually recorded
on glassy carbon electrodes with those measured on high-surface area
carbon electrodes (see below), it is useful to estimate their actual car-
bon surface area: the specific carbon surface area available outside of
micropores obtained from BET measurements on these electrodes is
"140 m2/gcarbon,31 which equates to an electrode roughness factor of
800 to 1500 cm2

carbon/cm2
electrode.

Electrolytes used were prepared with battery grade LiTFSI (Sigma-
Aldrich, 99.99% trace metal basis) as lithium salt; prior to use, the
salt was vacuum dried at 150!C for 24 h in a Büchi oven. Anhydrous
bis(2-methoxyethyl) ether (“diglyme”: Aldrich, 99.5%) and propy-
lene carbonate (“PC”: Aldrich, 99.7%) were dried over Sylobead MS
564C zeolites (3Å, Grace Division) and stored in an Ar-filled dry
box. Each of the solvents was mixed with LiTFSI to yield a 0.2 M
LiTFSI electrolyte with a water content of below 4 ppm (Karl Fischer
titration).

Battery cell assembly.— The cell used for the experiments was the
one designed by our group and already described in the literature,32

the only modification being the additional port for connecting the
crimped-capillary leak to the mass spectrometer (see Fig. 1). Cells
were assembled in an Argon-filled glove box: i) placing a 17 mm
diameter lithium foil onto the lower part of the cell (negative elec-
trode); ii) covering the lithium foil with a 28 mm diameter binder-free
glass fiber separator (Fioroni Filters 259 grade); iii) adding 120 µL of
electrolyte; and, iv) covering the separator with the above described
15 mm diameter carbon electrode (GF side of the electrode facing
the 28 mm diameter GF separator); electrical contact is made with a
stainless steel mesh (see32).

OEMS set-up.— The mass spectrometer in the OEMS system is a
Pfeiffer Vacuum QMA 410 with a closed cross-beam ionization cham-
ber, attached to a high-vacuum recipient with a 300 l/s turbomolecular
pump (Pfeiffer). The gas from the head-space of the battery cell is
sampled at a flow rate of "1 µL/min through a calibrated crimped-
capillary leak (Ar leak rate of 1.8 10#8 mbar · mL/s at 24!C; from
VTI Technologies, USA) and is guided through a tube directly into a
differentially pumped cross-beam ionization chamber. The resulting
pressure in the ionization chamber is "1 · 10#6 mbar and "1 · 10#7

mbar at the off-axis secondary electron multiplier (SEM) of the mass
spectrometer, allowing for quantification of ppm-level gas constituents
(detection limit of "10#14 mbar). The SEM voltage was optimized
by determining the highest potential for which the ratio between the
Argon isotopes remained constant (1400 V in our system) without
producing ion currents that would deteriorate the detector (typically
below 10#7 A).

The advantage of using a crimped-capillary leak is its very low
leak rate combined with a fast response time (on the order of 1 sec-
ond). However, like all single stage pressure reduction inlets and
contrary to differentially pumped gas inlets, crimped-capillaries do
cause mass fractionation of the sampled gas due to the fact that the
flow at the high-pressure side of the capillary is viscous and changes
to Knudsen diffusion toward the low-pressure side.33 As the objective
of this work is a quantitative study of the gases evolved during the
anodic oxidation of electrolyte and during the charging of Li-O2 bat-
teries, the signals of the components of interest must be calibrated
using calibration gas mixtures with the same background matrix.
Considering that all mass-spectrometric analysis was done with an
argon filled battery head-space (see below), a calibration gas with
low concentrations of oxygen and carbon dioxide in argon was used
(2000 ppm each of O2, CO2, CO, and H2 in argon; Westfalen AG,
Germany). The detection limits of the system have been approxi-
mately calculated assuming that a real signal increase is one that is
above 10% of the background. By this approximation the detection
limits for O2, CO2, and CO should be placed in the range of tenths of
ppm, whereas for H2 and H2O (H2O calibration was done by leaking
air into the system) should be placed in the scale of hundredths of
ppm.

During all experiments the battery cell is connected to a Gamry
Series G300 potentiostat and placed in a climatic chamber (KB
20, from Binder, Germany) programmed to maintain a tempera-
ture of 25!C. All potentials are reported with respect to the Li/Li+

potential.
As Li-O2 batteries are assembled in a charged state, the system

was first discharged in the presence of O2 at ambient pressure. Once
the discharge was completed (discharge rate of 120 mA/gcarbon to
a cutoff potential of 2 V), the cell was purged with Ar until the
mass spectrometer detected no more O2. Subsequently, calibration was
performed by filling the cell with the calibration gas; after calibration
of the mass spectrometer signals, the gas head-space in the cell was
replaced with pure argon prior to starting the charging cycle (charging
rate of 120 mA/gcarbon to a cutoff potential of 4.7 V), during which the
evolved products were followed with the mass spectrometer, recording
currents at mass/charge-ratios (m/z) ranging from 1 to 90. An example
of the analysis of a typical charging experiment can be seen in Figure 2.
Figure 2a shows the first charging curve of a discharged Li-O2 battery
cell with the PC based electrolyte together with the concentration of
the only products registered by the mass spectrometer during charging,
namely O2 and CO2 (Fig. 2b); here, the mass spectrometer detector
currents for a given m/z-ratio (averaged over 1.2 s) were converted into
concentrations by means of the above determined calibration factors
(note that the relevant m/z ratio for each compound was referenced
to the m/z = 36 argon isotope signal to minimize the effect of minor
variations in the base pressure of the mass spectrometer recipient). The
molar gas evolution rates (see Fig. 2c), which correspond to the time
derivative of the gas concentrations, are obtained by first smoothing the
concentration vs. time data with a Savitzky-Golay smoothing routine,
then using a central finite difference method (order of h4) to obtain
the evolution rate in ppm/s, and finally converting them into the molar
gas evolution rate (in nmol/s) using the cell volume (9.0 mL) and the
ideal gas law.

To analyze gas evolution rates during Li-O2 battery charging, par-
ticularly when only one product is detected at a given time, it is
often convenient to express the molar evolution rate (in [nmol/s])
in terms of current-normalized molar flow rates (in [µmol/(As)]),
since a 2-electron oxidation process (e.g., the oxidation of Li2O2 to
O2 and 2 Li+) would correspond to a rate of 5.18 µmol/(As) inde-
pendent of the applied current. The later corresponds to (2 · F)#1,
where F is the Faraday constant (96485 As/mol), so that experi-
ments conducted at different absolute currents can be compared eas-
ily (e.g., electrodes with different carbon loadings charged at equal
carbon-mass normalized currents). Molar flow rate (in µmol/s) can
be calculated from the here current-normalized flow rates shown in
Figs. 5–8 by multiplication with the total current given in the Figure
captions
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Figure 2. OEMS data processing example for the galvanostatic charging of a
discharged Li-O2 cell with a Vulcan carbon // GF cathode (0.57 mgcarbon/cm2)
and 0.2 M LiTFSI in PC electrolyte: a) cell voltage vs. charging capacity at
120 mA/gcarbon (corresponding to 122 µA total current) after a first discharge a
the same rate; b) mass spectrometer signals for O2 and CO2 (in ppm) obtained
from the calibration coefficients derived from calibration gas mixtures; c) time
derivative of the concentration signal in (b) and conversion into a molar gas
evolution rates.

Results and Discussion

Electrolyte stability investigation.— Prior to conducting Li-O2 bat-
tery charge/discharge experiments, the anodic stability of the PC and
diglyme based electrolytes was determined. Figure 3a presents the
anodic current versus potential curves obtained from potential-step
experiments on as-prepared Vulcan carbon cathodes under argon (i.e.,
prior to any discharge reaction under oxygen). The anodic oxidation
currents in Figure 3a are given in terms of carbon mass normalized
currents in order to provide a straightforward comparison with the
charge/discharge currents used in Li-O2 battery testing (120 mA/gcarbon
in our study). For both PC and diglyme based electrolytes, anodic ox-
idation currents of 20–25 mA/gcarbon are reached at a potential of 4.7
V, which we have set as the positive voltage cutoff for all subsequent
Li-O2 battery tests. Essentially identical anodic electrolyte decom-
position currents were obtained under O2 on non-discharged Vulcan
carbon cathodes, so that the maximum parasitic current during Li-O2
battery charging will be !20% based on our charging current of 120
mA/gcarbon.

Studies on the anodic stability of electrolytes can be found in
the literature for several aprotic solvents and salts.34–38 The reported
anodic stability of PC based electrolytes obtained from experiments
with low surface area glassy carbon electrodes ranges from 5.3 V (with
LiClO4

34) and 6.0 V (with Et3MeNPF6
38) all the way up to 6.3 V (with
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Figure 3. Anodic stability of PC and diglyme based electrolytes with 0.2 M
LiTFSI on a Vulcan carbon // GF cathode (1.12 mgcarbon/cm2) working elec-
trode under argon: a) Electrolyte oxidation currents versus potential; b) O2 and
CO2 evolution rates at each potential; c) highest mass spectrometer ion current
signals recorded for diglyme. Experiments were performed potentiostatically
in steps of 0.1 V from 3.6 to 5 V (20 minutes per step).

LiTFSI36,37), whereby the electrolyte stability potential limit is usually
defined at a current density between 0.1 and 1.0 mA/cm2. Based
on these values, one might have expected much lower electrolyte
corrosion currents below 5 V for the PC based electrolyte than those
shown in Fig. 3a ("0.1 mA/cm2 at 4.95 V in Fig. 3a). This apparent
discrepancy, however, is due to the fact that the active carbon surface
area of high surface area carbon electrodes (roughness factor of "1250
cm2

carbon/cm2
electrode for the electrodes shown in Fig. 3) will obviously

lead to higher anodic electrolyte decomposition currents than on low
surface area glassy carbon electrodes, as was discussed previously
for high surface area carbon or oxide electrodes.34,38 Therefore, the
interference from anodic electrolyte decomposition must always be
evaluated on the actual working electrodes, particularly in the case
of Li-O2 battery experiments, where the geometric current densities
are usually only on the order of 0.1 mA/cm2 (e.g., "100 mA/gcarbon
for "1 mgcarbon/cm2

electrode). Assuming that the anodic stability of
1,2-dimethoxy ethane (DME) is comparable to diglyme, most of the
literature would predict a lower anodic stability for glymes than for
propylene carbonate.34,36 This is different from our findings, which
suggest similar anodic stability for PC and diglyme up to 4.8 V; our
data are thus more consistent with the similar anodic stability of DME
and PC reported by Tobishima and Okada.39

Figure 3b shows the O2 and CO2 evolution rates versus cathode
potential. In the case of PC, the highest signal is observed for CO2 in
accordance with earlier reports by McCloskey et al.13 However, this
CO2 evolution rate is extremely low and at potentials below 4.9 V,
the number of electrons consumed per evolved CO2 molecule is close
to 100, which suggests that other non-detected (i.e., non-volatile) de-
composition product/intermediates are formed. While CO2 was also
observed as the main anodic decomposition product of PC with 1 M
LiPF6 by Ufheil et al.,40 we did not observe the additional formation
of minor amounts of acetone as suggested in their study (i.e., we ob-
served no signals at m/z values 43 and 58). In the case of diglyme,
mass spectrometric signals are not detected up to 4.8 V, even though



A474 Journal of The Electrochemical Society, 160 (3) A471-A477 (2013)

high oxidation currents of up to !100 mA/gcarbon (corresponding to
!0.1 mA/cm2

electrode) are observed, clearly indicating the formation
of non-volatile decomposition products or of surface film formation.
Volatile products are only detected above 4.8 V, consistent with the
behavior of DME reported by McCloskey et al.13 Next to very low
formation rates of oxygen and carbon dioxide (see Fig. 3b), the for-
mation of dimethyl ether is indicated by ion currents at m/z values
of 46, 45, and 29 (see Fig. 3c), with intensity ratios as expected for
dimethyl ether (see NIST database CAS 115-10-6); unfortunately, due
to a lack of the corresponding calibration gas, its evolution rate could
not be quantified. Mechanistically, the formation of dimethyl ether
suggests an oxidative scission of the carbon-carbon bonds in diglyme;
one possible reaction path could be a process analogous of the Kolbe
electrolysis reaction in which a !-cleavage reaction produces dimethyl
ether and radicals:

Li-O2 battery charge/discharge behavior.— The first five
charge/discharge cycles of Li-O2 cells with the different electrolytes
are presented in Figure 4. The first discharge capacity in pure PC
(Fig. 4a) is similar to what we had reported previously for PC/DME
(1/2 and 1/4),32 and the subsequent strong capacity fading is consis-
tent with other literature reports.3,41 On the other hand, the discharge
capacity of the diglyme cell is increasing over the first few cycles,
reaching a maximum at the third cycle. The same behavior was ob-
served for DME and diglyme electrolyte,31 which is likely related to
the formation of electrolyte decomposition products during the first
discharge and charge cycle. Here, it should be noted that glyme based
electrolytes are considered significantly more stable toward superox-
ide radical attack during discharge compared to alkyl carbonates,19,42

even though recent data by Freunberger et al.20 indicate some decom-
position of glyme based electrolytes already during the first charge.
One of the suggested decomposition products in the latter study is
water, in which case the observed increased discharge capacity in
subsequent cycles could be explained based on the previously ob-
served capacity enhancing effect of water.32 For further insight, the
OEMS is used to evaluate the evolution of volatile products during
subsequent charging cycles.

In the first charging cycle of a cell with PC-based electrolyte,
the only gaseous products detected are O2 and CO2 (see Fig. 5),
in accordance with other literature results with PC/DME-based
electrolyte.13,43 Analogous to these previous works, small amounts
of O2 are evolved at low potentials, corresponding to approximately
!2.6 e"/O2. The fact that this value is rather close to the theoretical
value for the oxidation of Li2O2 suggests that small amounts of Li2O2
are formed even in PC-based electrolyte, consistent with previous
measurements13,44 but contrary to the observations by Freunberger et
al.45 As the potential increases, the O2 evolution rate vanishes (Fig. 5b)
and CO2 evolution initiates, reaching rates of !1.2 e"/CO2 toward the
end of discharge at the positive cutoff potential of 4.7 V. When the pos-
itive cutoff potential is reached, the CO2 evolution rate still amounts to
!1.1 nmol/s (or !1.1 µmol/(gcarbon · s) when normalized to the carbon
mass), which is two orders of magnitude higher than the CO2 evolution
rate from the electrolyte shown in Fig. 3b (!0.016 nmol/s or !0.008
µmol/(gcarbon · s)), indicating that 4.7 V is not sufficient to oxidize all

Figure 4. Li-O2 battery charge discharge cycles between 2.0 and 4.7 V on a
Vulcan carbon // GF cathode at 120 mA/gcarbon in 0.2 M LiTFSI electrolyte
based on: a) PC (0.57 mgcarbon/cm2) and b) diglyme (1.11 mgcarbon/cm2).
The cell was connected to the mass spectrometer and discharged in ambient
pressure O2 and charged in Ar (see Experimental).

the products formed during the first discharge. This is consistent with
the charge/discharge data in Fig. 4a, where the discharge capacities
are always larger than the corresponding charging capacities. There-
fore, the observed capacity fading shown in Fig. 4a is clearly related
to the inability to completely remove the discharge products during
charging up to 4.7 V. Unfortunately, owing to the excessive electrolyte
oxidation currents above 4.7 V (see Fig. 3a), a higher positive cutoff
potential is not feasible. During subsequent charging cycles, the O2
and CO2 evolution patterns and rates do not change significantly (Fig.
5b), despite the substantial loss of capacity; in addition, O2 evolution
rates at low potential still suggest the presence of minor amounts of
Li2O2 (albeit strongly diminished).

Further insight into the nature of the discharge products evolu-
tion during charge/discharge cycling can be gained by plotting the
gas evolution rates versus potential, as is shown in Fig. 6a. Interest-
ingly, despite the significant capacity fading, the O2 evolution rates
are only a function of potential, vanishing at !3.7 V independent of
cycle number. On the other hand, CO2 evolution initiates at a higher
potential in the first charging cycle than in subsequent cycles, which is
likely related to the effect of electrolyte degradation products formed
in the first charging cycle. Since the evolution of O2 and CO2 occurs
in different potential ranges (exclusively O2 below !3.7 V and ex-
clusively CO2 above this potential), the average number of electrons
per mol of evolved gas can be determined and is shown in Fig. 6b.
For CO2, this value is near !2 e"/CO2, for the first charging cycle
and !1.5 e"/CO2 for all subsequent cycles, suggesting the decom-
position of Li2CO3 and alkyl carbonate species as was suggested by
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Figure 5. Li-O2 battery data from Fig. 4a (0.2 M LiTFSI in PC electrolyte;
Vulcan carbon // GF cathode with 0.57 mgcarbon/cm2): a) charging potential
profiles under Ar (at a current of 120 mA/gcarbon corresponding to 120 µA);
b) current-normalized evolution rates of O2 and CO2 during cell charg-
ing, whereby a 2-electron oxidation process would correspond to a rate of
5.18 µmol/(As) if only one product is formed (2.59 µmol/(As) for a 4-electron
process).

other authors.8,45 On the other hand, the average number of electrons
per evolved O2 varies between 3 to 4 e!/O2 over all cycles, sug-
gesting that even if some small amounts of Li2O2 are formed during
discharge as was proposed previously.13,44 Although H2O and H2 are
also reported as products produced during the charging of cells with
PC-based electrolyte,45 we did not observe any potential-dependent
changes in the corresponding mass spectrometric current signals at
m/z-values of 18 and 2, respectively. Since the baseline values of H2O
and H2 in most mass spectrometer set-ups are usually rather high, it is
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b) Average number of electrons consumed per evolved O2 or CO2, integrated
over the potential region below 3.7 V for O2 and above 3.7 V for CO2.
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Figure 7. Li Li-O2 battery data from Fig. 4b (0.2 M LiTFSI in diglyme
electrolyte; Vulcan carbon // GF cathode with 1.11 mgcarbon/cm2): a) charg-
ing potential profiles under Ar (120 mA/gcarbon corresponding to 236 µA);
b) current-normalized evolution rates of O2 and CO2 during cell charging,
whereby a 2-electron oxidation process would correspond to a rate of 5.18
µmol/(As) if only one product is formed (2.59 µmol/(As) for a 4-electron
process).

not clear whether the signals in the study by Freunberger et al.45 have
been sufficiently above the background to be meaningful.

In contrast to cells with PC-based electrolyte, O2 is the main
charging product in cells with diglyme-based electrolyte, with CO2
only being formed toward the end of the charge as shown in
Fig. 7. In the first charging cycle, the O2 evolution rate contin-
uously decreases with increasing potential, analogous to what has
been observed for pure DME-based electrolytes.13,43,46 As is shown in
Fig. 7b, the initial O2 evolution rate corresponds to "2 e!/O2, con-
sistent with the oxidation of Li2O2 and in agreement with what was
shown for DME-based electrolytes13,43,46 for which Li2O2 formation
was demonstrated by XRD and Raman.13 Similarly, the predominant
formation of Li2O2 was also shown by FTIR during the first discharge
cycle in tetraglyme.20 At the end of the first charging cycle, however,
the CO2 evolution rate reaches "1.1 nmol/s ("0.5 µmol/(gcarbon · s)),
which is more than an order of magnitude higher than the CO2 evolu-
tion rate from diglyme electrooxidation inferred from Fig. 3b ("0.02
nmol/s or "0.01 µmol/(gcarbon · s)). This could be explained taking into
account the observation by Freunberger et al.20 that a small fraction
of difficult-to-oxidize species other than Li2O2 are produced during
the first discharge in glyme-based electrolytes. An alternative expla-
nation could be that in a parallel to the fuel cell process, amounts of
H2O produced in the cell during the discharge20 trigger the carbon
corrosion resulting in CO2 evolution. As the CO2 evolution decreases
with each subsequent cycle, although the H2O concentration should
be increasing, the first hypothesis seems to be more probable which
would unfortunately imply, as in the case of PC-based electrolyte,
that not all discharge products can be oxidized at our cutoff potential
of 4.7 V on non-catalyzed carbon electrodes (again, higher positive
cutoff potentials are not feasible due to excessive electrolyte oxidation
currents).

In the subsequent discharge cycles, there is a striking inflection in
the O2 evolution rates, with the O2 evolution rates increasing again at
the onset of CO2 evolution (Fig. 7b). Currently, our only explanation
for this phenomenon is that this might correspond to the kinetically
hindered oxidation of Li2O2 (partially) covered by other discharge
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Figure 8. a) Potential dependent O2 and CO2 gas evolution rates (current-
normalized) for 0.2 M LiTFSI electrolyte based on diglyme, as derived from
Fig. 5b; b) Average number of electrons consumed per evolved O2 over the
first five charging cycles, based on the data shown in Figs. 7b.

products like Li2CO3 (as proposed by McCloskey et al.46 and consis-
tent with recent data by Gallant et al.47) or by lithium formate, lithium
acetate or polyether/ester species (as proposed by Freunberger et al.20).
This is also based on our observation, that no O2 evolution occurs dur-
ing oxidation of other oxygen-containing lithium species when using
electrodes pre-filled with Li2O (oxidative decomposition on a non-
catalyzed cathode ca. 4.9 VLi), LiOH(at 4.9 VLi, removal confirmed
by FTIR), or Li2CO3 (at 4.8 VLi, removal confirmed by FTIR).48 The
fact that this increased O2 evolution rate at high potentials becomes
more pronounced after several charge/discharge cycles is consistent
with the observation of an increasing fraction of non-Li2O2 species in
discharged electrodes (in tetraglyme) with increasing cycle number.20

Finally, it may be noted that the initial high-potential peak during the
galvanostatic charging of Li2O2 pre-filled electrodes (see Fig. S10
in49) is probably also related to a surface-film contamination of Li2O2
particles.

Examining the potential dependence of the O2 and CO2 evolution
rate in Fig. 8a, one can discern maybe more clearly that the first cycle
is distinctly different from the subsequent cycles, probably due to
the contamination of the electrolyte by decomposition species formed
during the first charging process (analogous to the case with PC-
based electrolyte, Fig. 6a). Figure 8b shows the average electrons per
O2 evolved over each charging cycle with diglyme-based electrolyte.
The value of !2.6 e"/O2 for the first cycle is somewhat lower than
reported for DME-based electrolyte on either carbon-fiber paper (!3.2
e"/O2

13) or on a Vulcan-carbon electrode (!3.0 e"/O2
43). This value

increases with the number of cycles, reaching !3.5 e"/O2 for the fifth
charging cycle, thus differing more and more from the ideal of 2 e"/O2
for pure Li2O2. This behavior is consistent with the reported gradual
buildup of other discharge products with cycle number observed by
FTIR in tetraglyme-based electrolyte,20 reflecting the instability of
glyme-electrolytes over lithium-O2 battery charge/discharge cycles.

Effect of the separator.— Glass fiber separators are widely used
in Li-ion batteries, providing a porous and mechanically stable sub-
strate for the electrolyte. In this work, they were used as electrode
substrate and as separator between anode and cathode due to their
excellent wettability with PC, which precluded the use of polypropy-
lene/polyethylene separators (e.g., Celgard) as they are not sufficiently
wettable with PC. When comparing the initial discharge rates of nom-
inally identical Vulcan-carbon based electrodes coated either on glass
fiber separator (“GF”) or on Celgard (“CG”) in diglyme based elec-

Figure 9. Li-O2 battery first discharge to 2.0 V at 120 mA/gcarbon in diglyme
with 0.2 M LiTFSI. Cells were assembled with two different types of elec-
trodes/separators: i) Vulcan cathodes coated on glass fiber separator (“GF”)
and using an additional glass fiber separator between anode and cathode (0.95
± 0.15 mgcarbon/cm2); or, ii) Vulcan cathodes coated on Celgard (“CG”) and
using an additional Celgard separator between anode and cathode (0.40 ± 0.05
mgcarbon/cm2).

trolyte, however, we noted that 3- to 5-fold higher discharge capacities
were obtained for the former (see Fig. 9). Previously, we had observed
these higher initial discharge capacities for Vulcan-carbon electrodes
coated on Celgard and using a Celgard separator could be obtained
if PC/DME (!500 mAh/gcarbon

32) or tetraglyme based electrolytes
(!800 mAh/gcarbon

31) were used, a phenomenon which we had asso-
ciated with the reactivity of the electrolyte with superoxide radicals
and/or contaminants in the electrolyte.31 If this were true, one would
conclude that the glass fiber separator interacts in some way with the
electrolyte, either introducing small levels of impurities or scavenging
electrolyte components as has been reported in the literature.50 The
observed higher capacity when using glass fiber separators (s. Fig. 9)
could in principle also be related to different electrode morphologies,
but preliminary experiments with Vulcan-carbon electrodes coated on
Celgard but assembled into a cell with a glass fiber separator show
high capacities, suggesting that it is indeed the glass fiber separator
interaction with the electrolyte and not any differences in electrode
morphology which is responsible for the higher capacities. Although
the exact reasons for the capacity-enhancing effect of the glass fiber
separator are not fully understood at this point, the gas evolution be-
havior during charging in diglyme electrolyte with carbon electrodes
coated on glass fiber separator (Fig. 7) is the same as that obtained
for carbon electrodes coated on Celgard (data not shown). Therefore,
the conclusions based on the carbon electrodes coated on glass fiber
separator apply to all non-catalyzed carbon electrodes, despite the
differences in first discharge capacity.

Conclusions

We presented a new on-line mass spectrometer design, which en-
ables the quantitative analysis of the charging product in lithium-air
battery cells. Experiments on the anodic stability of diglyme and PC
showed that electrolyte oxidation currents and gas evolution rates on
Vulcan-carbon electrodes are sufficiently small up to 4.7 V. Above
these potentials, the very low evolution rates of predominantly CO2
are observed for PC, whereas significant evolution rates of CO2, O2,
and dimethylether are observed for diglyme.

Over successive charge and discharge cycles in a PC electrolyte,
the charging processes are characterized by the exclusive evolution of
small amounts of O2 at potentials below 3.7 V and the evolution of
large amounts of CO2 above 3.7 V. These small amounts of O2 suggest
that some Li2O2 is produced in every discharge cycle, whereas the CO2
evolved originates from the dominant discharge products in PC, viz.,
Li2CO3 and alkyl carbonates. The remaining high CO2 evolution rates
at the end of the charging cycle (i.e., at the positive cutoff voltage



Journal of The Electrochemical Society, 160 (3) A471-A477 (2013) A477

of 4.7 V) and the fact that the charging capacity is always lower
than the associated discharge capacity clearly indicate the incomplete
decomposition of the discharge species during charge, leading to their
gradual accumulation in the cathode, which is the most likely cause
of the observed capacity fading.

While O2 is the main charging product in diglyme electrolyte, its
evolution rate only corresponds to the theoretical 2e!/O2 for Li2O2
during the initial part of each charging cycle, and then increases in
value. At "4.5 V, however, the oxygen yield increases again, accom-
panied by the onset of CO2 evolution, suggesting the oxidation of
other oxygen-containing discharge products which can only be oxi-
dized at high potential. The average number of e!/O2 during charging
increases with the number of charge/discharge cycles, indicating a de-
crease in the Li2O2 yield during discharge. The incomplete oxidation
of these species for a cutoff potential of 4.7 V again are the most likely
cause for the observed capacity fading.
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4.2  Rechargeability of Li-Air Cathodes Pre-Filled with Discharge 
Products Using an Ether Based Electrolyte Solution 

The paper entitled "Rechargeability of Li-air cathodes pre-filled with discharge 
products using an ether based electrolyte solution: implications for cycle-life of Li-air 
cells" is reported in this section. The electrooxidation of several possible discharge 
products, namely Li2O2, LiOH, Li2CO3 and Li2O was investigated by charging model 
carbon electrodes pre-filled with those commercially available compounds. Those 
electrodes were galvanostatically charged and characterized by XRD or IR 
spectroscopy at different state of charge (SOC), in order to understand to which 
extent those products can be removed by electrooxidation and thus the electrodes can 
be recharged. Furthermore, the gases evolved upon charging were quantitatively 
determined by On-line Electrochemical Mass Spectrometry (OEMS).  

Li2O2 electrodes charged galvanostatically provided a characteristic cell voltage 
profile with a defined electrooxidation plateau at ≈4.1 VLi and a defined end of 
charge. O2 was the only gas evolved until the theoretical capacity of the electrode for 
the expected reaction Li2O2 → O2 + 2 e- is reached. At that point, substantial amounts 
of CO2 were detected, suggesting a parasitic reaction of Li2O2, mild oxidant, with the 
carbon electrode [58-60] (Section 4.3). Despite some degree of irreversibility, Li-air 
electrodes containing only Li2O2 are rechargeable. 

On the other hand, electrooxidation of LiOH and Li2CO3 (proposed as possible 
discharge products when a H2O and CO2 contaminated O2 feed is used) was possible 
on non-catalyzed carbon at high potentials (>4.8 VLi), however at the expense of 
electrolyte solution's stability (no O2 was evolved as it would be expected). XRD 
studies at different state of charge revealed that Li2O cannot be electrooxidized on 
carbon surfaces, however charge of Pt-catalyzed Li2O electrode is feasible. Similarly 
to LiOH and Li2CO3 electrodes, the process is highly irreversible and no O2 is 
evolved.  

Those results have the implication that Li2O2 can be the only acceptable discharge 
product of rechargeable, non-aqueous Li-air batteries. As other products do not 
evolve O2, the drop of O2 evolution upon cycling discussed in the previous section 
can be explained by the accumulation of those in the electrode matrix, leading to 
capacity fading and cell failure. 
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Rechargeability of Li–air cathodes pre-filled with
discharge products using an ether-based electrolyte
solution: implications for cycle-life of Li–air cells†

Stefano Meini, Nikolaos Tsiouvaras,* K. Uta Schwenke, Michele Piana, Hans Beyer,
Lukas Lange and Hubert A. Gasteiger

The instability of currently used electrolyte solutions and of the carbon support during charge–discharge in
non-aqueous lithium–oxygen cells can lead to discharge products other than the desired Li2O2, such as
Li2CO3, which is believed to reduce cycle-life. Similarly, discharge in an O2 atmosphere which contains H2O
and CO2 impurities would lead to LiOH and Li2CO3 discharge products. In this work we therefore investigate
the rechargeability of model cathodes pre-filled with four possible Li–air cell discharge products, namely
Li2O2, Li2CO3, LiOH, and Li2O. Using Online Electrochemical Mass Spectrometry (OEMS), we determined the
charge voltages and the gases evolved upon charge of pre-filled electrodes, thus determining the reversibility
of the formation/electrooxidation reactions. We show that Li2O2 is the only reversible discharge product in
ether-based electrolyte solutions, and that the formation of Li2CO3, LiOH, or Li2O is either irreversible and/or
reacts with the electrolyte solution or the carbon during its oxidation.

1. Introduction

Li–air battery technology promises to overcome the limitations
of the state-of-the-art storage systems for automotive applica-
tions.1 Due to their E4-fold higher theoretical specific energy
compared to Lithium ion batteries (LiBs) based on LiMO2 (M = Mn,
Ni, Co) intercalation materials,2 non-aqueous Li–air technology
could allow the full electrification of the vehicular fleet, considered
to be a promising path for drastically reducing CO2 emissions
from fossil fuel combustion.

Unfortunately, Li–air cells still suffer from poor round-trip
efficiency and poor rate capability;3–6 furthermore, many of
the commonly used non-aqueous electrolyte solutions react
with superoxide radical (O2

!") intermediates produced during
the oxygen reduction reaction (ORR),7–9 so that the charge–
discharge behavior of Li–O2 cells is strongly influenced by the
choice of electrolyte solution.9 For example, alkyl carbonate
blends were shown to be unstable in the presence of ORR
intermediates,8–13 leading to cell failure due to the irreversible
formation of decomposition products (e.g., Li2CO3 and Li-alkyl

carbonates) that, unlike the desired Li2O2, can be oxidized only
at very high potentials.8 Since glymes are very stable in the
presence of superoxide radicals,11,12,14–16 they have been studied
extensively as Li–air battery electrolyte solutions in recent
years.9,17–19 In these electrolyte solutions, Li2O2 was determined
to be the predominant discharge product using a variety of
characterization techniques,8,9,20,21 but after several charge–
discharge cycles, the Li2O2 fraction in the electrode was found
to decrease.17,20,22 The gradual formation of discharge products
other than Li2O2 was recently suggested to be due to the reactivity
of the carbon materials commonly used for Li–air electrodes,23–25

and to the instability of ether solvents.17,18,20,23,26,27 In a recent
report by Thotiyl et al., Li–O2 cell cycling using 13C-labeled
electrodes allowed the distinction between degradation of the
carbon or of the solvent. Severe carbon corrosion leading to
Li2CO3 was observed only during charge above 3.5 VLi and on
the other hand, solvent degradation was observed during both
discharge and charge.28 Both processes are responsible for the
accumulation of Li2CO3 upon cycling.

Thermodynamically, the electrochemical reaction between
Li and O2 can lead to Li2O2 and Li2O (Table 1, reactions (1) and (2)).
However, Li–air battery operation in H2O and CO2 contaminated
oxygen (e.g., atmospheric air contains H2O (up to E3%) and
CO2 (E400 ppm), would thermodynamically favor LiOH
and Li2CO3 formation (see Table 1 for the thermodynamics of
the different possible reactions during discharge and charge).
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Water was demonstrated to be a strong capacity enhancer for
Li–air batteries in our previous work.29

The reproducibly higher discharge voltage of a Li–O2 cell
operated with water contaminated oxygen suggested the electro-
chemical formation of LiOH rather than Li2O2 as a discharge
product, consistent with the higher reversible potential of the
former process (Table 1, reactions (3) and (1)). Similarly, Takechi
et al.30 and Gowda et al.31 demonstrated that Li2CO3 is indeed
formed during discharge products in CO2 contaminated oxygen.
In addition to the formation of discharge products other than
Li2O2 caused by impurities in the oxygen feed, the above
discussed reactivity of the carbon support and of the electrolyte
solution during charging will likely lead to the accumulation of
discharge products other than Li2O2 upon cycling. Therefore, the
rechargeability of a Li–air cell will depend on whether Li2O2,
Li2O, Li2CO3, and LiOH can be reversibly electrooxidized to Li,
O2, CO2, and H2O (reactions (8)–(13) in Table 1) within the
operating potential window of a Li–air cathode.

Model electrodes assembled in the discharged state, i.e., pre-
filled with a defined discharge product were shown to be useful
tools for investigating the basic principles of rechargeability and
catalysis in Li–air battery research. Lu et al.34 and recently
Harding et al.35 performed basic studies on the Li2O2 decom-
position kinetics in non-catalyzed and noble metal catalyzed
carbon cathodes, demonstrating the effectiveness of Au and Pt as
catalysts for Li2O2 electrochemical decomposition in non-aqueous
electrolyte solution. Giordani et al. determined the oxygen evolu-
tion activity for carbon and transition-metal catalysts, out of which
a-MnO2 showed the highest activity and dramatically lowered

(E0.7 V) the charging potential of a Li2O2 pre-filled electrode at
70 mA gcarbon

!1.36 DEMS studies carried out by Xu et al. confirmed
O2 as the main gas evolved during the charge of a Fe2O3 catalyzed
Li2O2 electrode,37 as expected from reaction (8) (see Table 1) and
as was observed in our own work.25

The chargeability of lithium (alkyl)carbonate pre-filled electrodes
was first studied by Freunberger et al., who observed the electro-
chemical decomposition of those compounds at potentials near
E4.0 VLi in a-MnO2 nanowire catalyzed carbon electrodes.8 In
their work, a-MnO2 showed interesting catalytic activity for
Li2CO3 decomposition, whereas non-catalyzed carbon electrodes38

or Fe2O3-catalyzed carbon electrodes36 had a very low activity for the
oxidation of Li2CO3 in pre-filled electrodes. As expected from
Table 1, reaction (9), CO2 was the main gas being evolved during
the anodic oxidation of lithium (alkyl)carbonates; however, in
contrast to reaction (9), no evolved O2 could be detected, which
was hypothesized to be due to the reaction of oxygen evolution
reaction (OER) intermediates with the electrolyte solution.8,36,38

Despite the variety of studies on Li2O2, not many reports
examined the rechargeability of LiOH, Li2CO3, and Li2O pre-filled
electrodes; the latter possible discharge product was recently
claimed on platinum electrodes.39 McCloskey et al. reported on
potential scans of Li2O and Li2CO3 electrodes in a DME-based
electrolyte solution, detecting at potentials Z4.6 VLi H2 and CO2

as main gaseous products evolved respectively.38

Most of the literature studies using pre-filled electrodes,
except the recent paper by Harding et al. who used Lithions

binder,35 are based on the poly vinylidene difluoride (PVdF)
binder and NMP solvent, but as reported by Xu et al.,40 PVdF
and NMP react with Li2O and LiOH and, to a lesser degree even
with Li2O2 during electrode preparation (e.g., PVdF is dehydro-
fluorinated through a mechanism analogous to that reported
for the reaction of PVdF and NaOH by Wootthikanokkhan and
Changsuwan41). Nonetheless, Xu et al. carried out galvanostatic
charge experiments on Li2O pre-filled electrodes (Fe2O3 catalyzed) in
alkyl carbonate electrolyte solutions; although the measurements
were unfortunately compromised by the corrosion of the cathode
current collector, no O2 was detected using on-line mass spectro-
metry during charging to 4.5 VLi.

37 Similarly, no oxygen evolution
was observed from Li2O pre-filled electrodes when charged to 5.0 VLi

in dimethoxy ethane (DME) based electrolyte solutions.9

Further investigations on Li2O and LiOH electrooxidation
therefore require alternative electrode preparation procedures
in order to exclude parasitic reactions with the electrode binder
and the solvent used for electrode preparation. In particular,
alternatives to NMP–PVdF should (i) be resilient to the attack of
strong bases such as LiOH and Li2O and (ii) properly wet and
disperse the carbon matrix. Unfortunately, alcohol-based solutions
of Li+-exchanged Nafions (i.e., Lithions) used in our previous
work are also not suitable due to their typically relatively high
water content (E1%). In this work, we chose polyethylene oxide
(PEO) and toluene as an alternative binder–solvent pair,
since neither ethers like PEO nor hydrocarbons such as toluene
are attacked by strong bases like LiOH and Li2O, thereby
preserving the integrity/purity of both compounds during
electrode preparation.

Table 1 Gibbs free energy (standard conditions), reversible potential, and theoretical
capacity of electrochemical and chemical reactions expected upon discharge and
recharge of a Li–air device, assuming no parasitic reactions involving electrolyte
solution or electrode materials take place. The theoretical capacity values are
calculated assuming material/carbon weight ratios of 1/1. The theoretical
capacity for Li2O2 electrooxidation is calculated considering that the as received
active material is guaranteed as 90% pure (technical grade)

No Possible discharge reactions
DG1/
kJ mol!1

Erev/
VLi

Capacity/
mA h gcarbon

!1

1 2Li+ + 2e! + O2 - Li2O2 !570.2 2.96 1168
2 4Li+ + 4e! + O2 - 2Li2O !561.2 2.91 1794
3 4Li+ + 4e! + 2H2O(vap) + O2 - 4LiOH !654.4 3.39 2238
4 4Li+ + 4e! + O2 + 2CO2 - 2Li2CO3 !737.7 3.82 718
5 Li2O + H2O(vap) - 2LiOH !93.2 — —
6 2LiOH + CO2 - Li2CO3 + H2O !83.3 — —
7 2Li2O2 + 2H2O(vap) - 4LiOH + O2 !168.3 — —

No Possible charging reactions
DG1/
kJ mol!1

Erev/
VLi

Capacity/
mA h gcarbon

!1

8 Li2O2 - 2Li+ + O2 + 2e! 570.2 2.96 1051
9 2Li2CO3 - 4Li+ + 2CO2 + O2 + 4e! 737.7 3.82 718
10 4LiOH - 4Li+ + O2 + 2H2O(vap) + 4e! 654.4 3.39 2238
11 2LiOH - 2Li+ + O2 + 2H+ + 4e! 883.0 4.57 2238
12 LiOH - Li+ + "OH + e! 425.7 4.41a 1119
13 2Li2O - 4Li+ + O2 + 4e! 561.2 2.91 1794

a DGf value of the "OH radical refers to the gas phase.32 All other
thermodynamic data were extracted from ref. 33. For more details on
the thermodynamic calculations, refer to the supporting information of
our previous work (ref. 25).
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The aim of this work is to examine the rechargeability of
Li–air cathodes when, due to contaminations and/or parasitic
reactions, Li2O2 is not the only discharge product. To pursue
that objective, model electrodes pre-filled with Li2O2, Li2CO3,
LiOH, and Li2O were prepared using the PEO binder dissolved
in toluene. The compositional integrity of the as-prepared pre-
filled electrodes was verified using thermogravimetric analysis
coupled with mass spectrometry (TGA-MS), X-ray diffraction
(XRD), and Fourier transform infrared spectroscopy (FTIR).
Subsequently, the rechargeability of pre-filled non-catalyzed
electrodes in a diglyme-based non-aqueous electrolyte solution
was studied using an on-line electrochemical mass spectrometry
(OEMS) system,17 supported by ex situ XRD and FTIR analysis.
Furthermore, we investigated the influence of a platinum catalyst
on the electrooxidation processes during the charging of pre-filled
electrodes, which was particularly striking in the case of Li2O. We
believe that the data reported in this paper will serve as a useful
tool for further understanding rechargeability issues and cycle-life
limitations of non-aqueous Li–air batteries.

2. Experimental
2.1. Electrode preparation

Li2O2 powder (Aldrich, 90%) was used as received with no
further milling/grinding due to its low particle size (E1 mm).
Vulcan carbon (VC) electrodes pre-filled with Li2O2 (Li2O2/VC)
look uniform, and the salt is barely distinguishable from the
carbon support. On the other hand, Li2CO3 (Aldrich, 99%
purity), LiOH (Aldrich, 98% purity), and Li2O (Aldrich, 97%)
powders are composed of E100–200 mm large particles, there-
fore we reduced their particle size by ball-milling prior to
electrode preparation. After ball-milling it was possible to
obtain a uniform distribution of all active materials in the
electrode matrix; only E1 mm particles are observed by SEM in
the final coatings (agglomerates >1 mm are mostly dispersed
during sonication, see Fig. S1, ESI†). PEO-bonded non-catalyzed
Li2O2 and Li2CO3 electrodes with a binder/carbon ratio of
0.2/1 g/g were prepared by coating an ink composed of a 1/1 g/g
mixture of each lithium compound and Vulcan XC72 carbon
(VC), of toluene (Aldrich, 99.5%, o1 ppm water), and of PEO
(Aldrich, Mw = 400 000 g mol!1) onto a Celgards C480 separa-
tor. The same procedure was used for Li2O and LiOH electro-
des, but the binder/carbon ratio was reduced to 0.1/1 g/g due to
strong agglomeration during ink preparation. The Pt-catalyzed
electrodes were prepared using a similar procedure, adjusting
the amount of catalyst (Pt/VC, 37% Pt on Vulcan XC72, Tanaka,
Japan) to maintain the same active material/carbon ratio as in
the non-catalyzed pre-filled electrodes and using a 0.3/1 g/g
binder/carbon ratio. The compositions of all the electrodes
prepared in this study are summarized in Table 2.

The inks were prepared using the following procedure:
1/1 wt mixtures of carbon (or Pt/VC equivalent to get a 1/1 active
material/carbon ratio) and each lithium compound (mixed by
hand in a mortar for 15 min) were added to a PEO–toluene
solution, and sonicated under an Ar atmosphere for 10 minutes
using a Branson 250 digital probe-sonifier. The ink was coated in

an Ar-filled glove box (O2 o 1 ppm, H2O o 1 ppm; Jacomex,
France) onto a Celgards C480 separator using a Mayer-Rod.
After evaporation of the solvent at room temperature in the
glove-box, 15 mm diameter cathode electrodes were punched
out. The electrodes were dried under dynamic vacuum over-
night at 50 1C in a glass oven (Büchi, Switzerland) prior to cell
assembly. During the entire electrode preparation process, any
exposure to ambient air was carefully avoided.

2.2. X-ray di!raction (XRD) analysis

X-ray powder di!raction data of the electrode coatings and of
the Li2O pre-filled electrodes were collected using a Stadi MP
di!ractometer (STOE, Germany) equipped with a one dimen-
sional silicon strip detector Mythen 1K (Dectris, Switzerland)
and monochromatized Mo(Ka1) radiation (l = 0.7093 Å, 50 kV,
40 mA) in Debye–Scherrer or transmission geometry. The
silicon strip detector allowed to simultaneously collect data in
an angle range of 18.841 2y and the high energy Mo(Ka1) X-ray
radiation roughly halved the values of the 2y reflection posi-
tions compared with the commonly used Cu(Ka1) radiation; the
combination of these two features allowed us to collect the
most intense part of the diffraction patterns in stationary mode
(i.e., without moving the detector or the sample), avoiding the
loss of data-collection time due to goniometer movement,
thereby maximizing the signal to noise/ratio. The detector
was centered for Li2O samples at 20.3951 2y (getting a 2y range
between 10.9751 and 29.8151 with a step of 0.0151) and for all
the other samples at 18.4551 2y (getting a 2y range between
9.0351 and 27.8751 with a step of 0.0151); if not specified otherwise,
the data-collection times were 15 minutes, 40 minutes or 2 hours,
depending on the type of sample used.

For as-prepared pre-filled electrodes, XRD patterns were collected
for 40 minutes in Debye–Scherrer geometry by scratching the
electrodes off the Celgards separator, transferring them into a
0.7 mm diameter glass capillary for XRD, and sealing the
capillary (all done in an Ar-filled glove-box). This method
allowed us to enormously improve the signal/noise ratio of
the diffracted beam and to avoid any possible reaction between

Table 2 Target composition and measured carbon loadings of all electrodes
used in this work. The abbreviations VC and Pt/VC stand for Vulcan XC72 carbon
and 37 wt% Pt/Vulcan XC72, respectively

Electrode
Catalyst/
support

Target composition/%
(C/cat/Li-compound/PEO)

Carbon loading/
mg cm!2

VC Vulcan XC72 83/0/0/17 0.38
Li2O2/VC Vulcan XC72 45/0/45/10 0.39
Li2CO3/VC Vulcan XC72 45/0/45/10 0.39
LiOH/VC Vulcan XC72 47/0/47/6 0.38
Li2O/VC Vulcan XC72 47/0/47/6 0.38
Pt/VC 37.5% Pt/

Vulcan XC72
51/34/0/15 0.41

Li2O2/Pt 37.5% Pt/
Vulcan XC72

34/22/34/10 0.30

Li2CO3/Pt 37.5% Pt/
Vulcan XC72

34/22/34/10 0.51

LiOH/Pt 37.5% Pt/
Vulcan XC72

34/22/34/10 0.57

Li2O/Pt 37.5% Pt/
Vulcan XC72

34/22/34/10 0.47
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the lithium oxides or hydroxides and the ambient atmosphere
(see Fig. 4).

Regarding the direct analysis of the Li2O pre-filled electrodes
before and after charge, the above glass-capillary technique
cannot be applied, since scratching-o! electrode coatings from
a used electrode and transferring it into the capillary is very
di"cult and introduces the risk of contamination. On the other
hand, using electrodes supported on the Celgards separator in
an XRD transmission cell is di"cult due to the low amount of
active material loading (0.38–0.57 mg cm!2, see Table 2) and
due to the high reactivity of LiOH and Li2O with CO2 and water
vapor in ambient air. This is illustrated by the XRD patterns
collected on a Li2O pre-filled electrode for 15, 30, and 80 minutes,
using a standard sample holder for transmission (STOE,
Germany), where a single electrode was sandwiched between
two 10 mm thick cellulose acetate foils. The results, shown in
Fig. 1a, demonstrate that Li2O reacts very quickly to form
monohydrated LiOH with water permeating from the ambient

through the cellulose acetate foils: both Li2O and LiOH"H2O
have their main reflection peak at 15.31 2y, and its increase in
intensity from 15 to 80 min evidences the increased amount of
diffracting atoms due to reaction and incorporation of water
into the structure; in addition, a new reflection for LiOH"H2O
appears at E16.81 2y after 30 min, increasing after 80 min of
exposure of the sample holder to ambient air. The permeation
of water through the cellulose acetate film is due to the high
water permeability of the cellulose acetate foils (>4000 #
10!13 cm3

STP cm cm!2 s!1 Pa!1 at 25 1C42). Indeed, when the
cellulose acetate foils are replaced with 15 mm thick aluminum
foils (practically impermeable to gases), the diffusion of water
into the electrode and its subsequent reaction with Li2O is much
decreased (see Fig. 1b). In this case, the formation of LiOH is still
observed by its main reflection at E14.81 2y for acquisition
times of >2 hours, which is due to the diffusion of water from the
edge of the foil to the electrode.

To overcome this problem, we designed a custom-made
sample holder using a thin PTFE gasket between the Al foils
of the transmission cell to improve the sealing; in addition, in order
to increase the signal-to-noise ratio, we also cut the electrode into
four pieces which we then stacked inside the transmission cell
sample holder. The resulting di!raction patterns are shown in
Fig. 1c, demonstrating not only the expected four-fold increase
of the signal-to-noise ratio (compare the patterns after 2 h
acquisition time in Fig. 1b and c), but also the excellent sealing
of the cell, which prevents the intrusion of water from the
ambient for more than 8 hours (LiOH formation becomes only
detectable after 14 h). This XRD transmission cell design and
this measurement methodology were used to collect ex situ data
for the Li2O pre-filled electrodes after charging in a Li–O2 cell
(see Fig. 9c and 13c).

2.3. Thermal analysis (TA)

Quantitative analysis of electrode compositions is crucial to
verify the preservation of lithium compounds during the electrode
preparation process. Simultaneous thermogravimetric (TGA) and
calorimetric (DSC) analyses of final electrode coatings were
performed on a Mettler Toledo TGA/DSC 1 instrument coupled
to a Pfei!er Vacuum Thermostar Mass Spectrometer for evolved
gas analyses (EGA). Electrode samples for TA were obtained by
scraping pre-filled electrode coatings o! the support followed by
grinding the mixtures in a mortar for 5 minutes. All samples
were prepared in an Ar-filled glovebox and directly transferred
to the TA furnace in covered sapphire crucibles. After sample
insertion, the furnace was purged with Ar at 120 mL min!1 for
10 min at 25 1C to minimize trace amounts of ambient air
during measurements. Subsequently, the samples were heated
from 25 1C to 925 1C at 10 K min!1 in Ar (60 mL min!1) and
then held at 925 1C in 67 vol% O2/Ar for 60 min in order to
combust the organic components (Vulcan XC72 and PEO).
Under these conditions, only Li2O and the Pt-catalyst are left
as residues, and the original electrode composition can be back
calculated from the total weight loss. Reference measurements
of pure Li compounds or mixed with carbon are reported and
extensively discussed in our previous work.25

Fig. 1 X-ray di!raction patterns collected in stationary mode on the Celgards-
supported Li2O/VC pre-filled electrode after various times of exposure to an
ambient atmosphere. (a) Electrode placed between two 10 mm cellulose acetate
foils in a standard sample holder for transmission (15 min data acquisition); (b)
electrode placed between two 15 mm Al foils in the same sample holder (2 hours
data acquisition); (c) electrode cut into four pieces, stacked on top of each other
between two 15 mm Al foils PTFE gasket sealed sample holder (2 hours data
acquisition). The strong reflection between 17 and 17.71 2y in (b) and (c) is due to
the Al foils. The expected reflections from the ICDD database for Li2O (PDF 12-
0254), LiOH"H2O (PDF 25-0486) and LiOH (PDF 85-1064) are indicated by the
ticks on the x-axis.
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2.4. FTIR-ATR analysis

Li2CO3 and LiOH electrodes at di!erent state-of-charge (SOC)
were analyzed using an FTIR spectrometer (Perkin–Elmer
Spectrum Two) equipped with a MIRacle germanium ATR (Pike
Technologies) and housed in an argon glove box. Li2CO3 is
characterized by its asymmetric stretching (E1450 cm!1) and
out-of-plane bending (E850 cm!1) vibrations; LiOH can be
characterized by its O–H stretching (E3700 cm!1) vibration
(Fig. 2). Li2CO3 and LiOH electrodes were studied at different
state-of-charge, namely 0% (referred to as ‘‘2 h OCV’’, whereby
electrodes were built into an electrochemical cell and dis-
assembled after a 2 h rest at OCV), 50%, and 100% charged,
in order to monitor the electrooxidation of the active materials.
After charging to the desired SOC, electrochemical cells were
disassembled, and the cathodes were dried overnight at 40 1C
in a glass oven under dynamic vacuum.

Fig. 2 shows the IR spectra of electrodes immersed in
electrolyte solution (0.2 M LiTFSI in diglyme) and dried over-
night; since the new absorptions between 1300 and 1000 cm!1

due to LiTFSI do not superimpose with Li2CO3 and LiOH
signals, no further handling of the electrodes was performed
(i.e., electrodes were not washed with solvents). All spectra

obtained using that procedure are normalized to the TFSI anion
absorption band at 1200 cm!1.

2.5. Electrochemical measurements

0.2 M LiTFSI in diglyme was used as non-aqueous electrolyte
solution. LiTFSI (Aldrich, 99.95% metal basis) was vacuum
dried at 150 1C for 24 hours before use. Anhydrous diglyme
(Aldrich, Z99%) was stored for at least 24 hours over Sylobead
MS 564C zeolites (3 Å, Grace Division) before use. The water
content of the final electrolyte solution was below 8 ppm (Karl
Fischer titration).

The electrochemical cell design was extensively discussed in
our previous work29 and it consists of a 316Ti SS anode current
collector and a cathode stainless steel mesh current collector
separated by a Kel-F spacer. The sealing of the system is ensured
by two Teflon O-rings, and the contact between cell components
is made by a 316 SS compression spring. For on-line mass
spectrometry measurements, the cells were equipped with a
capillary leak to the mass spectrometer.17

A 17 mm + lithium disk (0.45 mm thick, 99.9%; Chemetall,
Germany) is placed onto the anode current collector, wetted
with 40 mL of electrolyte solution, and covered with two Celgards

C480 separators. The cathode is placed onto the separators before
and after dropping 40 mL of electrolyte solution and then covered
with a 21 mm + stainless steel (316 SS) mesh (0.22 mm + wire,
1.0 mm openings, Spörl KG, Germany) cathode current collector.
The cell is sealed with four screws at a torque of 6 N m.

The anodic stability of the electrolyte solution was tested
by applying a series of 30 min long potential steps from OCV
(E3 VLi) to 5.5 VLi in 0.1 V increments using Vulcan (VC) and
Pt/Vulcan (Pt/VC) electrodes without active material in an Ar
atmosphere using a Bio-Logic VMP3 multipotentiostat. The
mean of the 10 last current values at the end of each potential
step were normalized to the mass of carbon and plotted in
Fig. 3a. Additional background experiments were performed by
galvanostatically charging VC and Pt/VC electrodes (no active
material) at the same rate which was used for OEMS studies
(i.e., at 120 mA gcarbon

!1; see Fig. 3b).
The gases evolved upon charging of all pre-filled electrodes

were analyzed using an on-line mass spectrometer.17 It consists
of a Pfei!er Vacuum QMA 410 mass spectrometer connected to
the closed electrochemical cell through a calibrated capillary
leak with a leak rate of approximately 1 mL min!1, and allows
the detection of masses between 1 and 128 amu. To quantify
gas evolution rates, a calibration gas with oxygen and carbon
dioxide in argon was used (2000 ppm each; Westfalen AG,
Germany), allowing to convert the mass spectrometer signals
into concentrations (note that the relevant m/z ratio for each
compound was referenced to the m/z = 36 argon isotope signal
to minimize the e!ect of minor variations in cell and mass
spectrometer base pressure). The time derivatives of the gas
concentrations then yield the molar gas evolution rates (in
[nmol s!1]). Particularly when predominantly one gas species
is produced at a given time, the interpretation of the data is
more straightforward if the molar evolution rates are converted
to current-normalized gas evolution rates (in [mmol A!1 s!1]),

Fig. 2 FTIR-ATR spectra from bottom to top of: (i) LiOH (light magenta line) and
Li2CO3 (orange line); (ii) PEO-bonded LiOH/VC electrode (magenta line) and PEO-
bonded Li2CO3/VC electrode (red line); (iii) LiOH/VC electrode (violet line) and
Li2CO3/VC electrode (wine line) both after immersion in a 0.2 M LiTFSI in diglyme
electrolyte solution followed by vacuum drying overnight at 40 1C (these are used
as reference for all other FTIR-ATR measurements).
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since a 2-electron oxidation process (e.g., the oxidation of Li2O2

to O2 and 2 Li+) would correspond to a rate of 5.18 mmol A!1 s!1,
independent of the applied current (equating to (2F)!1, where F
is the Faraday constant (96 485 A s mol!1).

3. Results and discussion
3.1. Characterization of pre-filled electrodes

In order to assure that the lithium compounds for pre-filled
electrodes have not undergone reaction during the electrode
processing steps (e.g., Li2O tends to become LiOH very quickly if
exposed to traces of water), we will first examine the as-prepared
pre-filled electrodes by XRD and TGA-MS. Fig. 4 shows the XRD
patterns of all as-prepared pre-filled electrode coatings, both
catalyzed with platinum and non-catalyzed.

Besides the broad di!raction signals of Pt nanoparticles
centered at 2yE 181 and E211 observed for catalyzed electrodes,
each coating provides the characteristic pattern of the di!erent
active materials (see the ticks between the non-catalyzed and
Pt-catalyzed data in Fig. 4a–d), demonstrating that our novel

electrode preparation method for pre-filled electrodes indeed
enables to preserve the integrity of all active materials. Only in
the case of Li2O pre-filled electrodes, the presence of LiOH
contamination is observed (indicated by the small shoulder at
2y = 14.821 as well as the weak reflections at 2y = 16.251 and
23.061). Regardless of its origin, the quantity of the LiOH
contamination in Li2O must be determined in order to under-
stand whether it might impact the charging studies with Li2O
pre-filled electrodes.

The total amount of active materials in the pre-filled electro-
des can be determined by TGA-MS analysis as was outlined in
detail in our previous work.25 We will briefly illustrate the basic
principles of this method by discussing the TGA-MS analysis
data for a non-catalyzed and a Pt catalyzed Li2O pre-filled
electrode shown in Fig. 5. Increasing the temperature of a
non-catalyzed Li2O pre-filled electrode under argon, the first
observed process is the thermal decomposition of the binder
(starting at E300 1C), producing H2O which subsequently
converts Li2O into LiOH. The latter then reacts with carbon
between 400 and 600 1C, leading to the formation of Li2CO3,
which decomposes above 600 1C by reacting with the carbon

Fig. 3 (a) Anodic stability of 0.2 M LiTFSI in diglyme versus potential on Vulcan (PEO-
bonded VC electrode, 0.38 mgcarbon cm!2, black dots) and Pt/VC (PEO-bonded Pt/VC
electrode, 0.41 mgcarbon cm!2, green dots), obtained by measuring the current at the
end of 30 minute long potential steps. (b) Background of a galvanostatic charge
at 120 mA gcarbon

!1 for both Vulcan (VC, 80.7 mA, black line) and Pt (Pt/VC,
87.1 mA, green line) PEO-bonded electrodes (no active material) using 0.2 M LiTFSI
in diglyme. While the x-axis is simply a time axis (120 mA h gcarbon

!1R1 hour), it is
expressed in terms of ‘‘specific capacity’’ in order to allow better comparison with the
other galvanostatic charging curves reported in this work.

Fig. 4 X-ray di!raction patterns of final PEO-bonded non-catalyzed and Pt-
catalyzed pre-filled electrodes using 0.7 mm diameter glass capillaries as sample
holders. The expected reflections from the ICDD database are shown by the ticks
between the two data of each compound (a: Li2O2, PDF 73–1640; b: Li2CO3, PDF
22–1141; c: LiOH, PDF 85–1064; d: Li2O, PDF 12–0254). The broad reflections
centered at 2yE 181 and 2yE 211 observed for all catalyzed samples are due to
the Pt nanoparticles of the catalyst, while the broad reflection at about 11.51 2y is
due to the carbon support.
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support into Li2O and CO (for a detailed discussion see ref. 25).
Once a temperature of 925 1C is reached, the gas atmosphere is
switched from argon to a mixture of 67 vol% O2 in Ar, which
leads to the combustion of all organic species and of the carbon
support, leaving Li2O as the only residue, so that its weight
fraction in the as-prepared pre-filled electrode can be determined.
The already complex reaction sequence for a non-catalyzed Li2O
pre-filled electrode becomes more complicated when Pt is added
as an electrocatalyst (see MS traces in Fig. 5b). Nevertheless, the
final decomposition residues at the end of the above described
TGA program is always Li2O (residue) plus platinum in the case
when Pt-catalyzed pre-filled electrodes were used.

Since, analogous to Li2O, all the other active materials
(i.e., Li2CO3, LiOH, Li2O2) convert into Li2O at the end of the
above TGA program, a match between the theoretical and
the measured Li2O residue (plus Pt in the case of catalyzed
electrodes) provides an indication about the integrity of the
active material after the whole electrode preparation procedure.

If the residue mass deviates significantly from that calculated
for the design composition (active material to carbon weight
ratio of 1 g/1 g), the chemical nature of the active material must
have been changed during the electrode preparation process.
For example, a lighter than expected residue for Li2O2, LiOH,
and Li2O electrodes would indicate a reaction with H2O/CO2

during electrode preparation. A comparison of theoretical vs.
measured residues is given in Table 3, together with a calcu-
lated active material to carbon weight ratio assuming that no
reaction had taken place during electrode preparation.

The calculated active material to carbon weight ratios for
non-catalyzed pre-filled electrodes (see right-hand-side of
Table 3) are within !10% of the target value, which validates
our electrode preparation process. In the case of Pt catalyzed
electrodes the deviation is somewhat larger, but this is likely
related to the oxidation of the Pt nanoparticles to PtO2 at the
end of the TGA program. The lighter than expected residue of
Li2O/VC (E"1.3%) confirms the XRD results, suggesting that
Li2O/VC electrodes are slightly contaminated with LiOH. How-
ever, that deviation corresponds to only E2–2.5% of LiOH in
the final electrode, i.e., r5% if normalized to the active
material mass. Considering that Li2O employed in this work
was 97% pure (see Experimental section), the impurity mostly
being LiOH,25 the added contamination is negligible, and in
fact the back-calculated Li2O/carbon ratio of 0.95 (Table 3)
matches the theoretical value of 1. In general, both TGA and
XRD confirm that the integrity of even the most reactive Li
compounds is indeed preserved during the whole electrode
preparation and characterization processes.

3.2. OEMS analysis of non-catalyzed pre-filled electrodes

3.2.1. Charge of the Li2O2/VC electrode. Fig. 6 shows the
galvanostatic charge of a non-catalyzed Li2O2/VC electrode
coupled with evolved gas analysis by OEMS.

At first the charge process starts with a high potential peak
at E4.65 VLi (first 100 mA h gcarbon

"1). This phenomenon was
already shown in a recent publication by Harding et al.,35 but it
has no unambiguous explanation yet. The authors hypothesize
a surface coating of LiOH (detected by XRD35) on Li2O2 particles
that must be removed (i.e. oxidized) before Li2O2 oxidation can

Fig. 5 TGA-MS analysis of as-prepared pre-filled electrode coatings: (a) PEO-
bonded Li2O/VC coating and (b) PEO-bonded Li2O/Pt coating. The coatings are
scraped o! the Celgards support in an Ar-filled glovebox and introduced in the
TGA furnace within sapphire crucibles. After a linear temperature scan at 10 K min"1

up to 925 1C in an Ar atmosphere, the gas is switched to 67 vol% O2 in Ar and the
temperature is held at 925 1C to combust all organic components, leaving a residue
of Li2O and Pt.

Table 3 Theoretical and measured Li2O (+Pt) residues for as-prepared electrode
coatings obtained by TGA-MS analysis. The active material/carbon weight ratio in
the pre-filled electrodes is calculated assuming that the chemical composition of
the active material in the as-prepared electrode was unchanged during the
electrode preparation process. Pt-catalyzed Li2O2 electrodes violently decompose
at T > 250 1C, making it impossible to obtain a reliable residue value

Electrode
Theoretical residue
(Pt + Li2O)/%

Measured
residue/%

Active material/
carbon weight ratio
from measured residue/g/g

Li2O2/VC 29.2 30.5 0.99
Li2CO3/VC 18.2 19.1 1.07
LiOH/VC 29.3 30.9 1.07
Li2O/VC 47.0 45.7 0.95
Li2O2/Pt 44.1 N.D. N.D.
Li2CO3/Pt 35.8 36.8 1.31
LiOH/Pt 43.2 45.9 1.35
Li2O/Pt 56.0 57.3 1.05
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start. Thermal analysis performed in our lab on Li2O2 indeed
revealed LiOH and Li2CO3 as impurity in the as-received batch,
comprising E5% of the total Li2O2 mass.25 This hypothesis is
apparently confirmed by the much lower oxygen evolution rate
observed in the high voltage region, very close to the 4e!/O2 line
(a 4e!/O2 process is expected for LiOH electrooxidation, see
reactions (10) and (11) in Table 2): we will discuss that more in
detail after the charge of LiOH is presented. The remaining part
of the charge of a Li2O2 electrode is performed at E4.15 VLi,
whereby O2 is the only gas evolved in agreement with reaction
(8) in Table 2. Interestingly, also in this region the oxygen
evolution rate doesn’t fully match with the theoretical value of
2 e!/O2, but rather on the order of 2.3e!/O2, as previously
shown by McCloskey et al. for discharged Li–air electrodes in
DME.22 The electrolyte solution decomposition current at
4.15 VLi for 0.2 M LiTFSI in diglyme lies at E3 mA gcarbon

!1

(Fig. 3a), E2.5% of the 120 mA gcarbon
!1 drawn during the

charge experiment. Since the deviation in the O2 evolution
rate is more on the order of E15% of the theoretical value,
electrolyte solution corrosion at high potentials cannot directly
explain the mismatch between theory and experiments. The
integral O2 evolved through the whole measurement corre-
sponds to 1.06 " 10!5 moles, to be compared with the expected

1.39 " 10!5 moles introduced as Li2O2 in the electrochemical
cell, corresponding to an O2 recovery efficiency of 77%. Those
values allow us to calculate an overall experimental e!/O2 value
of 2.6 that excellently matches the overall value obtained for the
charge of discharged carbon cathodes reported in our previous
work (also 2.6e!/O2).17

If we continue to apply a current after the end of Li2O2

electrooxidation (i.e. at C > Ctheor), the potential raises up to the
electrolyte solution decomposition potential of E4.75 VLi,
typical for the rate applied (Fig. 3b). After the potential reached
that value, a small but significant CO2 evolution is detected
from the electrode, related to the electrooxidation of Li2CO3

originating by the reaction of Li2O2 with the carbon support at
potentials >3.5 VLi.

28 As reported in our previous work,17 CO2

is detected at the end of the charge of a previously discharged
Li–air cathode also, but in much higher quantities; that is
probably due to the much higher contact area between a
Li2O2 coating on the carbon support.27

The strong negative O2 evolution rate, i.e. the oxygen consumption
observed in the whole high potential region at C > Ctheoretical

agrees with the overall e!/O2 value higher than the theoretical
(2.6 instead of 2.0) value integrated over the entire capacity
range C r Ctheoretical, and with the actual deviation observed
in the low potential region (E0.3e!/O2). In fact, an oxygen
consumption superimposed to the OER would lead to lower
oxygen evolution values, therefore introducing a systematic
artifact in all our measurements, in particular for those performed
at high potential. The deviation of the experimental O2 evolution
rate from the theoretical value could have in principle three
possible explanations, namely; (i) oxygen consumption at the
lithium metal anode, (ii) the direct reaction of ‘‘nascent oxygen’’
(alias atomic ‘‘O’’) with the carbon support,25 and (iii) the thermal
reaction of molecular oxygen with electrolyte solution fragments
(free radicals) produced as a result of electrolyte solution
corrosion.17 On the other hand, the strong oxygen consumption,
after Li2O2 is quantitatively electrooxidized, can be reasonably
attributed to the thermal reaction of molecular oxygen with the
free radicals produced by electrolyte solution corrosion, and it is
in a way potential-dependent. As it will be discussed later, this
phenomenon could play a major role in determining the oxygen
evolution rate for the other discharge products explored (namely
Li2CO3, LiOH and Li2O) since their electrooxidation takes place
at cell voltages Z4.8 VLi, leading to systematic artifacts of the
OEMS data regarding O2 evolution.

3.2.2. Charge of the Li2CO3/VC electrode. Fig. 7 shows the
galvanostatic charge of a non-catalyzed Li2CO3/VC electrode
using an ether-based electrolyte solution.

The development of the cell voltage can be rationalized as
three di!erent charging phases. At 0 o C o 400 mA h gcarbon

!1 a
plateau at E4.8 VLi with a concomitant CO2 evolution at E2 e!/CO2

expected for Li2CO3 electrooxidation (reaction (9), Table 2) is
observed. This is the region where nearly a pure Li2CO3

electrooxidation takes place. Comparing the voltages at which
Li2CO3 and Li2O2 electrodes are charged on carbon with the
OEMS study of the charge of a discharged Vulcan electrode,17 it
seems reasonable to estimate the overpotential observed for the

Fig. 6 (a) Galvanostatic charge of non-catalyzed the Li2O2 pre-filled electrode
(0.39 mgcarbon cm!2) at 120 mA gcarbon

!1 (corresponding to 82.8 mA) using 0.2 M
LiTFSI in diglyme, and (b) gas evolution rates for CO2 and O2 (O2 only gas expected
from Li2O2 electrooxidation: no other gas but CO2 was detected in significant
amounts). The black dotted line indicates the specific capacity of 1051 mA h gcarbon

!1

for the expected reaction Li2O2 - 2 Li+ + O2 + 2e!, whereas the blue dotted line
indicates the expected evolution rate corresponding to 2e!/O2.
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charge of pre-filled electrodes related to the much higher
particle size at E0.5 V. In fact, as Li2O2/VC electrodes are
charged at 4.1–4.2 VLi and the Li2CO3/VC electrode charge
onset lies at 4.8 VLi, typical features of the charge voltage of a
discharged Vulcan electrode are a plateau at 3.6–3.7 VLi, where
Li2O2 is electrooxidized, and a plateau at E4.3 VLi, at which CO2

evolution starts to take place;17 thus, the potential difference
between model and real electrodes (i.e. the ‘‘particle size effect’’)
is E0.5 V, and we expect it to be similar for LiOH and Li2O
electrooxidation as well.

At 400 o C o 1500 mA h gcarbon
!1 the cell voltage raises to

E5 VLi; in this region the CO2 evolution rate shows a constant
decay. Interestingly, according to the background experiments
presented in Fig. 3, the current density that one can sustain on
carbon at that potential is on the order of E1000 mA gcarbon

!1,
definitely higher than the 120 mA gcarbon

!1 set. Finally, at
C > 1500 mA h gcarbon

!1, the cell voltage decays to the value
of E4.75 VLi typical for the electrolyte solution decomposition
potential at the applied rate.

The total CO2 evolved throughout the charging process is
8.10 " 10!6 moles, to be compared to the 9.23 " 10!6 moles
introduced as Li2CO3 in the electrochemical cell, corres-
ponding to a E88% CO2 recovery e!ciency. Despite the much
higher potentials needed for the electrooxidation of Li2CO3 in
comparison with Li2O2 (Fig. 6), thus probably triggering a larger
set of parasitic reactions, the recovered CO2 fraction is always
much higher than the recovered O2 fraction in Li2O2 electrodes
charging. This is also true for catalyzed electrodes (Fig. 10 and
11), and it seems to come along very well with the di"erent
chemical reactivity of those gases (i.e. reactivity O2 c CO2,
evolved fraction of O2 o CO2). Based on reaction (9), Table 2, O2

would also be expected as a gaseous product, however, no O2

evolution was observed during the whole charging process.
Characterization of the electrodes at di"erent state of charge
(SOC), namely 0% (OCV), 50% and 100% (wherein the percentages
refer to the specific capacity corresponding to the end of CO2

evolution, Fig. 7b) shows a decay in the intensity of the typical
absorption bands of the CO3

2! anion, suggesting that Li2CO3 is
indeed being consumed, and thus its electrooxidation rather than
electrolyte solution decomposition is indeed the origin of the CO2

detected with the OEMS. Unfortunately the absorbance of CO3
2!

bands is not fully proportional to the SOC, possibly due to
inhomogeneity of the electrode surface (Fig. S1f, ESI†).

Freunberger et al. proposed a mechanistic hypothesis for the
‘‘missing oxygen’’, based on several intermediates typical of CO3

2!

electrooxidation in aqueous systems. Carbonate (CO3
2!) electro-

oxidation in aqueous systems on Pt electrodes proceeds through
the formation of an intermediate, peroxidicarbonate C2O6

2!,
characterized by an O–O bond.8 In presence of H2O peroxidi-
carbonate ions are unstable, thus they are hydrolyzed leading to
H2O2 and CO2 (2e!/CO2). At the potentials where CO3

2! oxida-
tion takes place on Pt surfaces (i.e. > 1.6 VSCE), H2O2 from
peroxidicarbonate hydrolysis is simultaneously electrooxidized
to O2

43 (overall 4e!/O2, C2O6
2!-to-products). In the assumed

analogy between aqueous and non-aqueous systems in the
paper by Freunberger et al. arises a doubt on how from

peroxodicarbonate ions, C2O6
2!, one can obtain CO2, since a

hydrolysis step cannot take place in water-free non-aqueous
electrolyte solutions. The authors elegantly overcame that by
hypothesizing an intermediate electrooxidation step to C2O4

!#,
subsequently decomposed to CO2 and O2

!#. Since the experi-
ments were performed in alkyl carbonate-based electrolyte
solutions, the missing O2 evolution was explained with the well
characterized reactivity of the superoxide ion radical with the
electrolyte solution solvent.8 However, this explanation cannot
be applied to the electrolyte solutions used in this paper, since,
as reported in one of our recent publications, glymes were

Fig. 7 (a) Galvanostatic charge of the non-catalyzed Li2CO3 pre-filled electrode
(0.39 mgcarbon cm!2) at 120 mA gcarbon

!1 (corresponding to 82.8 mA) using 0.2 M
LiTFSI in diglyme, and (b) gas evolution rates for CO2 and O2 (expected from
Li2CO3 electrooxidation: no other gas was detected in significant amounts). The
black dotted line indicates the specific capacity of 718 mA h gcarbon

!1 for the
expected reaction 2Li2CO3 - 4Li+ + 2CO2 + O2 + 4e!, whereas the red and blue
dotted lines indicate the expected evolution rate corresponding to 2e!/CO2 and
4e!/O2 ratios respectively. (c) IR characterization of the cathodes at di!erent
state of charge: after 2 h OCV, at 50% and 100% of the theoretical capacity.
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demonstrated to be very stable towards superoxide attack.15

The charging of isotopically labeled Li2CO3 (produced by reaction
of Li2O2 obtained during a Li-O2 discharge in DME electrolyte
solutions with isotopically labeled CO2) reported in a recent study
by Gowda et al. also confirms that no O2 is detected during the
electrooxidation of Li2CO3 at potentials Z4.5 VLi in DME-based
electrolyte solutions.31

The complete lack of O2 evolution could be the result of
several mechanisms: (i) if, unlike the aqueous case, recombination
into C2O6

2 of CO3
2! was not possible due to the lack of mobility of

the latter anion in electrolyte solutions where its solubility is little or
none (as in our case), one could expect that electrooxidation
proceeds on a single CO3

2! unit, and a ‘‘nascent O’’ unit is involved
in parasitic reactions with the carbon support. (ii) If, however,
recombination takes place and molecular oxygen is formed, its
reactivity with free radicals produced at high potential (please refer
to Fig. 7 for C > Ctheor) would result in a continuous O2 uptake by
the electrolyte solvent, and correspondingly no O2 would be
detected in the gas phase. The same interpretation can be applied
for all other pre-filled electrodes, in both non-catalyzed and
catalyzed forms, reported in the following sections.

3.2.3. Charge of the LiOH/VC electrode. Fig. 8 shows the
galvanostatic charge of a non-catalyzed LiOH/VC electrode.

Similar to the Li2CO3/VC electrode, the cell voltage remains
higher (E5 VLi) than the electrolyte solution decomposition
potential during the first E2000 mA h gcarbon

!1, about the
theoretical capacity expected (reactions (10) and (11) in Table 2,
both thermodynamically possible within the potential window
explored). Once the theoretical capacity value is reached, a neat
decay in cell voltage is observed, after which a relatively constant
plateau typical for the electrolyte solution decomposition at the
applied current density is reached.

The potential step in the proximity of the theoretical capacity
for the expected LiOH electrooxidation reactions seem to serve as
indication of the completion of the charge process. In order to
confirm that the potential profile observed is somehow related to
LiOH electrooxidation and not to parasitic reactions involving
the electrolyte solution, IR spectra were registered on di!erent
electrodes after 2 h OCV (in a fully assembled electrochemical
cell), 50% and 100% of the theoretical capacity (Fig. 8c); the
decrease in the O–H stretching absorption at E3700 cm!1 confirms
that the potential profile measured is related to LiOH electrooxida-
tion. Another time the total absence of oxygen and other gases raises
doubts on the reaction mechanism.

A few paragraphs before we discussed about the possible origins
of the high voltage peak with the corresponding 4e!/O2 evolution
rate at the beginning of the charge of Li2O2/VC electrodes (Fig. 6).
Although the oxygen evolution rate would theoretically correspond
to LiOH electrooxidation (reactions (10) and (11) in Table 2),
hypothesized to be in the form of a coating on the surface of
Li2O2 particles by Harding et al., the data reported in Fig. 8 seem to
exclude it to be the only process in those first 100 mA h gcarbon

!1. We
rather believe that during that period a mixed electrooxidation of
solvent/Li2O2 or LiOH/Li2O2 is taking place, at a reasonable mixed
potential value of E4.65 VLi for both eventual processes. Unfortu-
nately, that question cannot yet be unambiguously answered.

3.2.4 Charge of the Li2O/VC electrode. Fig. 9 shows the
galvanostatic charge of a non-catalyzed Li2O/VC electrode.

Similar to LiOH, the Li2O galvanostatic charge also (Fig. 9a)
proceeds at cell voltages (E5 VLi) much higher than the electro-
lyte solution decomposition potential, with the di!erence that
no potential feature (i.e. potential steps) indicates the end of
charge, thus suggesting that Li2O cannot be electrooxidized on

Fig. 8 (a) Galvanostatic charge of the non-catalyzed LiOH pre-filled electrode
(0.38 mgcarbon cm!2) at 120 mA gcarbon

!1 (corresponding to 80.7 mA) using 0.2 M
LiTFSI in diglyme, and (b) gas evolution rates for O2 and CO2 (expected gas from
LiOH electrooxidation and common decomposition product respectively: no
other gas was detected in significant amounts). The black dotted line indicates
the specific capacity of 2238 mA h gcarbon

!1 for the expected reaction 2LiOH -

2Li+ + 2H+ + O2 + 4e!, whereas the blue dotted line indicates the expected
evolution rate corresponding to the 4e!/O2 ratio. (c) IR characterization of the
cathodes at di!erent state of charge: after 2 h OCV, at 50% and 100% of the
theoretical capacity.
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carbon surfaces. Also in this case, the total absence of O2 evolution
raises doubts on the correct interpretation of the potential profile,
thus the characterization of the electrode at di!erent state of charge
being mandatory. Since Li2O doesn’t absorb MIR radiation due to
the absence of a truly covalent bond in its structure, XRD had to be
the technique of choice. Indeed, XRD at di!erent SOC (Fig. 9c)
confirms that Li2O (reflection at 2y = 15.31) is unchanged after
several hours of charging (the di!erence between the pristine and
the charged electrodes can arise from some detaching of the
coating from the Celgards during manipulation). Only a LiOH
impurity of the pristine electrode (detected by XRD and TGA as
discussed in Section 3.1) (shoulder at 2y = 14.821) is removed at the
end of the galvanostatic process, another time confirming the
electroactivity of LiOH on carbon.

3.3 OEMS analysis of Pt-catalyzed pre-filled electrodes

One can summarize the results reported up to now with two
main points: (i) the galvanostatic charge of Li2CO3, LiOH and
Li2O pre-filled carbon electrodes takes place at very high
potentials, definitely higher (E300 mV) than the electrolyte
solution decomposition potential at the same rate. (ii) For the
same compounds, i.e. for compounds whose oxygen atoms are
not bonded in some peroxo-unit (O–O), no molecular O2 is
detected in the headspace upon recharge. As discussed above, a
substantial O2 consumption can be observed after the charge of
a Li2O2/VC is finished and electrolyte solution decomposition
takes place at C > Ctheoretical (Fig. 6b); under these conditions, a
stable O2 consumption rate of E!2 mmol A!1 s!1 is observed,
corresponding to a substantial (E40% of the theoretical) O2

evolution rate of 5.18 mmol A!1 s!1 (corresponding to 2e!/O2).
As reported in our previous work,25 that O2 consumption seems
to be somehow potential dependent (or rather dependent on
the fraction of anodic current that is involved in electrolyte
solution corrosion). We therefore believed that an OER
catalyst could enhance O–O recombination and substantially
lower the charge voltage, thus improving the reversibility and
efficiency of the electrooxidation reactions. In the following
sections, the galvanostatic charge of Pt-catalyzed pre-filled
electrodes will be presented.

Although the role of catalysis in Li–air is nowadays a contro-
versial topic, we decided anyway to investigate the influence of
catalysts on the charge performance of pre-filled electrodes. The
commercial catalyst 40% Pt on Vulcan XC72 provided by Tanaka
appeared to be the right choice, since Pt was/is extensively studied
in aqueous systems (e.g. PEMFC), and it was demonstrated in
several reports to be one of the most active catalyst for Li2O2

electrooxidation in non-aqueous systems.35 Furthermore, we had
the hope that a catalyst like Pt could trigger Li2O electrooxidation
also. Finally, the higher oxygen binding energy of Pt compared to
that of carbon44,45 could stabilize reactive oxygen species on its
surface, therefore enhancing O–O coupling and O2 evolution.
Unfortunately, Pt also appears to be a fairly good decomposition
catalyst for organic electrolyte solutions; in fact, the electrolyte
solution decomposition potential for Pt-catalyzed electrodes at
120 mA gcarbon

!1 is E4 VLi, i.e. E0.7 V lower than on non-
catalyzed electrodes (Fig. 3b).

3.3.1. Charge of the Li2O2/Pt electrode. Fig. 10a shows the
galvanostatic charge of a Li2O2/Pt catalyzed electrode; similar to
the non-catalyzed case, O2 and CO2 are evolved substantially
during the charge, the latter being observed only at high
potentials after O2 evolution stops. Although the outstanding

Fig. 9 (a) Galvanostatic charge of the non-catalyzed Li2O pre-filled electrode
(0.38 mgcarbon cm!2) at 120 mA gcarbon

!1 (corresponding to 80.7 mA) using 0.2 M
LiTFSI in diglyme, and (b) gas evolution rates for O2 and CO2 (expected gas from
Li2O electrooxidation and common decomposition product respectively: no other
gas was detected in significant amounts). The black dotted line indicates the
specific capacity of 1794 mA h gcarbon

!1 for the expected reaction 2Li2O - 4Li+ +
O2 + 4e!, whereas the blue dotted line indicates the expected evolution rate
corresponding to the 4e!/O2 ratio. (c) XRD characterization of the cathodes at
di!erent state of charge: pristine (0% charged), at 50% and 100% of the
theoretical capacity. The dotted rectangles encircle the strongest Li2O reflection
(2y = 15.301). The shoulder at 2y = 14.821 belongs to LiOH, contained as impurity.
The strong reflection between 17 and 17.71 2y is due to the Al foils used to
protect the sample.
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catalytic activity of Pt on Li2O2 electrooxidation reported in the
literature35 doesn’t seem to be fully confirmed in our labora-
tory, a Li2O2 electrode can be completely charged at potentials
r4 VLi. In comparison to a non-catalyzed electrode, no high
potential peak in the first 100 mA h gcarbon

!1 is observed.
The O2 evolution rate at low potentials (Fig. 10b) shows a

stronger deviation (E30%) from the theoretical value than on
non-catalyzed electrodes: this corresponds to an integral O2

evolution of 67% of the expected value (0.74 " 10!5 moles
of the 1.12 " 10!5 moles introduced in the cell as Li2O2), alias
3.0 e!/O2. However, the lower O2 consumption rates at high
potentials for C > Ctheoretical, about one half of that observed on
carbon, goes in the direction of mitigating the artifact of concurrent
oxygen consumption and thus of enhancing the O2 evolved/
consumed ratio also for LiOH and Li2O electrooxidation reactions:
if the consumption of O2 was indeed the reason for the ‘‘missing
oxygen’’ from non-catalyzed electrodes, that would allow to detect
substantial O2 evolution on Pt for all other lithium compounds.

The lower O2 consumption rate at the electrolyte solution
decomposition potential on Pt than on carbon could in principle
allow us to increase the O2 evolved/consumed ratio also for the
remaining electrooxidation reactions: if the consumption of O2

was indeed the reason for the ‘‘missing oxygen’’ from non-
catalyzed electrodes, substantial O2 evolution on Pt for all other
lithium compounds should be detected.

3.3.2. Charge of the Li2CO3/Pt electrode. The very high
voltages needed to electrooxidize Li2CO3 on carbon (4.8–5.0 VLi)
drop to a nearly constant plateau at E4.2 VLi on Pt (Fig. 11a),
also in this case higher (E0.2 V) than the electrolyte solution
decomposition potential at the same rate.

In this respect, Pt doesn’t seem to act di!erently than pure
carbon, thus providing similar potential profiles just shifted
0.5–0.7 V down in the potential scale. Interestingly, a potential
step indicating end of charge appears this time also for Li2CO3

in the proximity of the theoretical capacity. In fact, the potential
drop corresponds pretty well to the end of CO2 evolution from
the electrode (Fig. 11b). After the discussed step, further over-
charging the electrode determines a cell voltage of E4 VLi, in
accord with the electrolyte solution decomposition potential on
Pt (Fig. 3b). The constant fading of the strong CO3

2! IR
absorption bands at E1450 cm!1 and E850 cm!1 by advancing
the state of charge (Fig. 11c) confirms another time that the
CO2 evolution observed is indeed the result of Li2CO3 electro-
oxidation/removal. Despite that the CO2 recovery efficiency on
Pt is even higher than on carbon (1.15 " 10!5 mol/1.23 "
10!5 mol, corresponding to E94%, to be compared to the 88%
on carbon, Fig. 7), O2 evolution is still missing.

3.3.3. Charge of the LiOH/Pt electrode. Fig. 12a shows the
galvanostatic charge of a catalyzed LiOH/Pt electrode. Also in
this case the charge voltage is drastically lowered by E1 V to
r4 VLi. In analogy with the LiOH/VC electrode, the charge
process is characterized by a neat voltage drop, however in this
system that potential feature is observed at about one half of
the theoretical capacity expected for the possible reactions
(reactions (10) and (11) in Table 2). This ‘‘alternative’’ theoretical
capacity of LiOH electrodes set by the use of Pt was therefore used
as reference for the IR characterization (Fig. 12c), therefore the
state of charge was corrected on the basis of 1119 mA h gcarbon

!1

considered as ‘‘fully charged’’. The rough inverse proportionality
between the absorbance related to the O–H stretching and the
corrected state of charge (Fig. 13c) confirms that the LiOH
electrooxidation reaction on Pt is indeed completed when the
voltage drop appears.

What has been discussed until now suggests that the
electrooxidation of LiOH on carbon and Pt proceeds over
di!erent intermediates, wherein on Pt only one electron per
OH! unit is extracted, leading to the formation of highly
reactive oxygen species such as #OH adsorbed on the catalyst
surface (reaction (12) in Table 2):

Pt + LiOH - Pt-(#OH) + Li+ + 1e! Ctheor = 1119 mA h gcarbon
!1

Pt-(#OH) + Solv. - Cat + Oxidized Solvent

The higher strength of the Pt–O bond compared to the C–O
bond44,45 should be a substantial driving force for that process
to occur. This mechanism is further supported by the substan-
tial amounts of CO2 detected by OEMS (Fig. 12b), particularly
intense between 500 and 1100 mA h gcarbon

!1, most probably

Fig. 10 (a) Galvanostatic charge of the Pt-catalyzed Li2O2 pre-filled electrode
(0.30 mgcarbon cm!2) at 120 mA gcarbon

!1 (corresponding to 63.7 mA) using 0.2 M
LiTFSI in diglyme, and (b) gas evolution rates for CO2 and O2 (O2 only gas
expected from Li2O2 electrooxidation: no other gas but CO2 was detected in
significant amounts). The black dotted line indicates the specific capacity of
1051 mA h gcarbon

!1 for the expected reaction Li2O2 - 2Li+ + O2 + 2e!, whereas the
blue dotted line indicates the expected evolution rate corresponding to 2e!/O2.
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related to the chemical oxidation of the organic components of
the cell (electrolyte solution, carbon) by relatively adsorbed
oxygen species (the total absence of O2 and CO2 during oxidation
of LiOH/VC, Li2O/VC and Li2O/Pt suggests that the electro-
chemical co-electrooxidation of solvent and carbon proceeds
with no concomitant gas evolution).

3.3.4. Charge of the Li2O/Pt electrode. Pt shows a strong
catalytic activity on the electrooxidation of Li2O (Fig. 13a).

Di!erent than for pure carbon, a neat voltage drop of E1 V
is observed when the theoretical capacity of 1794 mA h gcarbon

!1

is reached, similar to what happens with LiOH/VC and LiOH/Pt
electrodes. The ability of Pt catalysts to enhance Li2O electrodes
rechargeability is unambiguously confirmed by XRD, showing a
fairly good inverse proportionality between Li2O reflexes inten-
sity (2y = 15.251 and 2y = 25.161) and state of charge (Fig. 13c).

Fig. 11 (a) Galvanostatic charge of the Pt-catalyzed Li2CO3 pre-filled electrode
(0.51 mgcarbon cm!2) at 120 mA gcarbon

!1 (corresponding to 108.3 mA) using
0.2 M LiTFSI in diglyme, and (b) gas evolution rates for CO2 and O2 (expected
from Li2CO3 electrooxidation: no other gas was detected in significant amounts).
The black dotted line indicates the specific capacity of 718 mA h gcarbon

!1 for the
expected reaction 2Li2CO3 - 4Li+ + 2CO2 + O2 + 4e!, whereas the red and blue
dotted lines indicate the expected evolution rate corresponding to 2e!/CO2 and
4e!/O2 ratios respectively. (c) IR characterization of the cathodes at di!erent
state of charge: after 2 h OCV, at 50% and 100% of the theoretical capacity.

Fig. 12 (a) Galvanostatic charge of the Pt-catalyzed LiOH pre-filled electrode
(0.57 mgcarbon cm!2) at 120 mA gcarbon

!1 (corresponding to 121.1 mA) using
0.2 M LiTFSI in diglyme, and (b) gas evolution rates for O2 and CO2 (expected gas
from LiOH electrooxidation and common decomposition product respectively: no
other gas was detected in significant amounts). The black dotted line indicates
the specific capacity of 2238 mA h gcarbon

!1 for the expected reaction 2LiOH -

2Li+ + 2H+ + O2 + 4e!, whereas the blue dotted line indicates the expected
evolution rate corresponding to the 4e!/O2 ratio. (c) IR characterization of the
cathodes at di!erent state of charge: after 2 h OCV, at 50% and 100% of the
theoretical capacity.
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However, similar to LiOH, electrooxidation of Li2O on Pt doesn’t
lead to recovery of molecular O2 (Fig. 13b), suggesting another time
its involvement in parasitic reactions with the electrolyte solution.

3.3.5. General consideration on the charge of pre-filled
electrodes. LiOH/Pt and Li2O/Pt electrodes are charged with very
similar voltage profiles, although the capacities are di!erent and

most probably also the reactions, as extensively discussed above.
In fact, when overcharged both electrodes exhibit a very low
electrolyte solution decomposition potential, E1 V lower than
the background (Fig. 14b). We believe that during the charging
process of LiOH and Li2O (to a minor extent Li2CO3), the missing
oxygen originally contained on the active material is reacted with
the organic electrolyte solution leading to the formation of highly
polar decomposition products that can be oxidized at much lower
potential than the diglyme molecules on Pt.

Post-mortem NMR analysis performed on the electrolyte
solution after a full charge of LiOH/Pt and Li2O/Pt did not
however reveal significant amounts of any particular degrada-
tion product except formates and acetates, common oxidative
products of glymes at high potentials in presence of an oxygen
source.15,19 Even IR spectroscopy doesn’t reveal any interesting
absorption more than already observed in a pristine electrode
(PEO as a binder limits the detection polyethers eventually
produced as electrolyte solution decomposition products).
However, the peculiar low voltage when LiOH/Pt and Li2O/Pt
electrodes are overcharged could also be merely due to the
much higher ‘‘missing O’’/diglyme mole ratio for LiOH and
Li2O cells in comparison to Li2CO3 cells (c2!) due to the much
higher molecular weight (and thus much fewer moles) of the

Fig. 13 (a) Galvanostatic charge of the non-catalyzed Li2O pre-filled electrode
(0.47 mgcarbon cm"2) at 120 mA gcarbon

"1 (corresponding to 99.8 mA) using 0.2 M
LiTFSI in diglyme, and (b) gas evolution rates for O2 and CO2 (expected gases from
Li2O electrooxidation and common decomposition product respectively: no other
gas was detected in significant amounts). The black dotted line indicates the specific
capacity of 1794 mA h gcarbon

"1 for the expected reaction 2Li2O - 4Li+ + O2 + 4e",
whereas the blue dotted line indicates the expected evolution rate corresponding to
the 4e"/O2 ratio. (c) XRD characterization of the cathodes at di!erent state of
charge: pristine (0% charged), at 50% and 100% of the theoretical capacity. The
dotted rectangles encircle the strongest Li2O reflection (2y = 15.301). The shoulder at
2y = 14.821 belongs to LiOH, contained as impurity. The strong reflection between
17 and 17.71 2y is due to the Al foils used to protect the sample.

Fig. 14 (a) Comparison between galvanostatic charge profiles at 120 mA gcarbon
"1

of PEO-bonded Li2CO3 (wine line), LiOH (magenta line) and Li2O (blue line) pre-filled
electrodes with a Vulcan XC72 (VC) electrode using 0.2 M LiTFSI in diglyme as non-
aqueous electrolyte solution (data from Fig. 4b, 8a, 9a, and 10a). (b) Comparison
between galvanostatic charge profiles at 120 mA gcarbon

"1 of PEO-bonded,
Pt-catalyzed Li2CO3 (wine line), LiOH (magenta line), and Li2O (blue line) pre-filled
electrodes with a Pt-catalyzed Vulcan XC72 (Pt) electrode using 0.2 M LiTFSI in
diglyme as non-aqueous electrolyte solution (data from Fig. 4b, 12a, 13a, and 14a).
(c) Schematic summary of the main reactions taking place at the electrode surface
when Li2O2, Li2CO3, LiOH, or Li2O are charged in an ether-based electrolyte solution.
The carbon cathode is illustrated as black branched particles.
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latter (Table 4), leading to a higher concentration of decom-
position products and thus preferable electrooxidation of those
instead of diglyme in the LiOH and Li2O cases. Unfortunately, a
clear answer to that cannot be given yet.

Another interesting common feature of all but Li2O2 pre-
filled electrodes studied in this work is the charge voltage
higher or equal than the electrolyte solution decomposition
potential (Fig. 14a and b). A possible reason for that could be
the hindered mass-transport of electrolyte solution at the
electrode active surface o!ered by the presence of a non-
conductive material (e.g. LiOH) in the electrode matrix; that
would cause a slower di!usion of electrolyte solution molecules
to the carbon active sites, leading to a mixed potential between
electrolyte solution decomposition and electrooxidation of the
active material and thus to an ‘‘apparent stabilization’’ of the
non-aqueous electrolyte solution at high potential.

4. Conclusions

In this work we investigated the rechargeability of non-catalyzed
and catalyzed Li–air cathodes pre-filled with the possible
products arising from a discharge of a Li–air battery performed
in H2O and CO2 contaminated oxygen, namely Li2O2, Li2CO3,
LiOH and Li2O. The galvanostatic charge of Li2O2 electrodes,
both non-catalyzed and catalyzed, with concomitant O2 evolu-
tion suggests that if Li2O2 was the only product of a Li–air
battery discharge, one could indeed obtain a reversible cycling.
The data showed in this paper support the widespread accepted
idea that a co-oxidation of the electrolyte solution upon recharge
is unavoidable. The irreversible chemistry associated with the
charge of Li2CO3, LiOH or Li2O seems to close the door to a full
Li–air device, i.e. operated in atmospheric air. On non-catalyzed
carbon surfaces, Li2CO3 and LiOH could be electrooxidized,
although at high potentials, whereas Li2O is electrochemically
active only on catalyzed surfaces like Pt. However, even using Pt
as a catalyst, the recovery of the starting reactants (e.g. O2 for
Li2CO3) seems to be a major challenge. The high potentials
needed for the removal of LiOH and Li2CO3 and thus their
constant accumulation in the cathode matrix, in addition to the
parasitic chemistry associated with their electrooxidation, are
most probably the reason for the poor rechargeability and cycle-
life of Li–air cells, whereby those products could be the result of
contaminants produced upon cell cycling (e.g. refer to the

recent work of Gallant et al., where >100 ppm H2O was found
in a DME electrolyte solution after cycling of a carbon nanotube
electrode). Moreover, the results presented in this work suggest
that any reaction of Li2O2 with the carbon support leading to
Li2CO3, more than only gradually consume the electrode during
cycling, will necessarily have consequences on the electrolyte
solution stability, since one oxygen unit of the CO3

2! ion is never
recovered. Therefore, future Li–air batteries should preferably be
engineered as closed systems, preferably using cathodes and
electrolyte solutions that are stable in contact with and upon
oxidation of Li2O2, only acceptable discharge product of a non-
aqueous Li–air (or rather Li–O2) battery.
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Ball-milling of active materials powders and SEM investigation of final electrodes 
(non-catalyzed carbon). 

LiOH, Li2CO3 and Li2O powders were ball-milled prior to electrode preparation to 

reduce particle size. In order to avoid parasitic reactions and thus contamination of the 

electrodes, LiOH and Li2O were ball-milled without solvent using 3 mm  ZrO2 balls at 

700 rpm in dry Ar atmosphere for one hour (Pulverisette 7 planetary ball-mill, Fritsch, 

Germany); the material/balls ratio was always 1/6 g/g. Using this procedure (Figure S1 

shows Li2O and LiOH ball-milled powders), it was indeed possible to obtain a uniform 

distribution of the active material in the electrode matrix for both LiOH and Li2O powders 

and only ≈1   μm   particles   of   LiOH   and   Li2O are observed by SEM in the respective 

electrodes; apparently, agglomerates > 1 μm  are  mostly  dispersed  during  sonication. 

Due to its chemical stability, making parasitic reactions with most solvents highly 

unlikely, Li2CO3 was wet-milled in NMP in order to try to obtain even smaller particles. A 

2/3 g/g suspension of Li2CO3 in NMP (Aldrich, anhydrous, 99.5 %) was ball-milled for one 

hour at 700 rpm with 3 mm  diameter ZrO2 balls. The Li2CO3/balls   ratio  was   ≈1/5 g/g. 

Despite the quite smaller primary particles of wet-milled Li2CO3 compared to, for instance, 

dry milled LiOH (compare Figure S1 e) and g) ), agglomeration seems to occur during ink 

sonication since relatively large agglomerates (up to several micrometer) can be observed 

in the electrodes by SEM. Nevertheless, the differences in terms of particle size and 

distribution between Li2CO3, LiOH, and Li2O pre-filled electrodes are relatively minor, and 

we therefore expect comparable electrical contact between the active materials and the 

carbon support. 
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Figure S1: SEM micrographs of active material and final pre-filled electrodes based on Vulcan carbon and 
PEO binder: a) Li2O2 as received; b) Li2O2 final electrode; c) dry-milled Li2O sample; d) Li2O final electrode; 

e) dry-milled LiOH sample; and, f) LiOH final electrode; g) wet-milled Li2CO3 sample; and, h) Li2CO3 final 
electrode 
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4.3  Thermal and Electrochemical Decomposition of Lithium 
Peroxide in Non-Catalyzed Carbon Cathodes for Li-Air Batteries 

In this paper, the (electro)chemical and thermal reactions of Li2O2 with the 
electrolyte solvent and the air electrode was investigated. The work here presented 
was edited by Dr. Hans Beyer, and served to get further understanding of the 
reactivity of electrolyte solution and carbon black with both oxygen and Li2O2 via 
thermo gravimetric analysis (TGA) and On-line Electrochemical Mass Spectrometry 
(OEMS). The results obtained provided further insight on the rechargeability of Li-air 
cathodes by identifying the main parasitic reactions and degradation processes. 

As previously discussed in Section 4.2, the charge of pre-filled Li2O2 and 
discharged electrodes using ether based electrolyte solutions leads to an overall O2 
evolution efficiency lower than 80 %. Those evidences are in agreement with other 
reports in the literature [73]. 

Li2O2 decomposes into O2 and Li2O when heated in a TGA furnace at 
temperatures >300 °C. When mixed with carbon black in a 1/1 mass ratio, Li2O2 
thermal decomposition proceeds as a violent reaction in the temperature range 300-
400 °C, and CO is the main gas evolved. As reference experiments performed in 67% 
vol. O2/Ar atmosphere revealed, the combustion of carbon black (the only source of 
C) with dioxygen O2 is not possible at temperature <600 °C; for that reason, our data 
suggest that Li2O2 thermal decomposition proceeds via a "nascent oxygen" (or atomic 
O) intermediate, known to be strongly reactive with carbon materials, leading to CO 
evolution before recombination into O2 can take place [78]. That "nascent oxygen" 
can be quenched by polyethers (in our case, poly(ethyleneoxide) PEO, used as 
binder), and the use of lower temperature scan rates substantially slows down the 
reaction (<10 K/min, whereby TGA analysis was commonly performed at 10 K/min); 
in both cases, the thermal reactions of Li2O2 with carbon and binder lead to Li2CO3 
and LiOH respectively.  

By heating a Li2O2 electrode coating made of Vulcan XC72 carbon black, Li2O2 
and PEO (binder) up to 925 °C, Li2O2 reacts via solid-state reaction yielding LiOH in 
the 250-400 °C range, and subsequently Li2CO3 in the 400-600 °C range, whereby the 
latter is the most stable inorganic Li compound. Li2CO3 particles are finally converted 
into Li2O and CO at temperatures >600 °C. That complex reaction path was fully 
disclosed by analyzing the mass weight loss and the evolved gases of the samples, 
and confronting them with the results obtained from reference experiments performed 
on 1/1 LixCyOz/carbon mixtures.  

On the other hand, charge experiments carried out on discharged Li-O2 cell 
cathodes and pre-filled Li2O2 electrodes revealed that 20-25% of the O2 expected by 
the electrooxidation of the amount of Li2O2 stored in the electrode matrix cannot be 
recovered, and it is thus consumed by parasitic processes. The net O2 consumed by 
processes that cannot be ascribed to measurement artifacts (electrolyte corrosion, 
reaction of freshly plated Li on the Li metal anode with the evolved O2) accounts for 
≈5 % of the total "missing oxygen". Based on the discussed TGA results, we 
hypothesize that electrooxidation of Li2O2 on carbon surfaces proceeds partially via a 
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"nascent oxygen" intermediate. Such a reactivity was previously proposed [29], and 
leads to the irreversible consumption of O2, thus to degradation of the materials and 
cell death.  

My role in this work was to support Dr. Beyer's TGA investigation by preparing 
Li2O2 pre-filled electrodes coatings, and by designing the electrochemical/OEMS 
measurements that support the connection between thermal reactions and 
electrochemistry. Moreover, I concentrated my efforts in studying the 
thermodynamics of carbon in presence of CO2, H2O, O2, O and the solid Li 
compounds Li2O2, LiOH, Li2CO3 and Li2O, in order to determine the values of Gibb's 
free energy of thermal decomposition reactions as a function of temperature. That 
allowed us to disclose the complex reaction paths typical of the thermal 
decomposition of a "discharged" air electrode when heated at high temperature. 

The experimental part of the paper completes the brief introduction of Section 
2.8.5 with further experimental details.  
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Thermal and electrochemical decomposition of lithium
peroxide in non-catalyzed carbon cathodes for Li–air
batteries†

H. Beyer,* S. Meini, N. Tsiouvaras, M. Piana and H. A. Gasteiger

The decomposition of lithium peroxide during the charging process of lithium–air batteries is investigated.
A novel preparation method for electrodes in the discharged state, i.e., prefilled with Li2O2 using polyethylene
oxide as a binder, is presented. The composition and reactivity of Li2O2-prefilled electrodes are examined by
thermal analysis coupled with on-line mass spectrometry. Voltage profiles and gas evolution during the char-
ging process of Li2O2-prefilled electrodes in battery cells are correlated with the thermal decomposition pro-
cess of Li2O2 and its impact on other electrode compounds. It is found that both thermal Li2O2

decomposition and the electrochemical decomposition of Li2O2 during charging enhance the oxidation of
the electrolyte, the binder, and/or carbon, which is suggested to be due to the formation of ‘‘nascent’’ oxy-
gen during Li2O2 decomposition into O2 and Li2O (thermally) or into O2 and lithium ions (electrochemically).

1. Introduction
1.1. Background

The need for sustainable transportation has triggered the research
on electrochemical energy storage and conversion devices with
high energy density. Current electric vehicle range limitations
imposed by the maximum projected specific energy of lithium-ion
batteries of B200 Whnet kgpack

!1 (ref. 1) could be overcome by
non-aqueous lithium–air batteries, which promise a 4-fold higher
specific energy2 while maintaining rechargeability.

However, the development of rechargeable Li–air cells is
facing major challenges such as low rate capability,3 low round
trip efficiency4,5 and poor cycle life.6 These issues have been
discussed extensively in several excellent review articles.7,8 It is
widely accepted that the cycle life fundamentally depends on
the reversible formation/decomposition of lithium peroxide via
the following cathode reaction:2

2Li+ + 2e! + O2 # Li2O2, DE0 = 2.96 V (1)

Although Peng et al.9 recently reported a highly reversible Li–O2

cell where Li2O2 formation on discharge prevailed even after 100
cycles, this result could only be achieved by using dimethyl sulfoxide
as an electrolyte and a gold cathode of presumably limited potential
for practical applications due to its high cost. For the more practical
carbon cathodes, the discharge process is often dominated by side
reactions due to electrolyte decomposition occurring during dis-
charging and/or charging of lithium–air batteries, leading to the
formation of Li2CO3 and lithium alkyl carbonates rather than the
formation of Li2O2. This applies particularly for alkyl carbonate
electrolytes which react readily with the oxygen superoxide radicals
(O2
!) produced during the discharge reaction (i.e., the oxygen

reduction reaction), as was shown by online mass spectrometry
and by ex situ FTIR5,10–14 as well as by the rotating ring disk electrode
method.15 After this discovery, ether based electrolytes, which are
stable towards O2

!,16–20 were shown to lead to the predominant
formation of Li2O2 in the first discharge cycles,5,11,21 but their
stability over the entire discharge–charge cycle still appears to be
insufficient.22,23 This is suggested to be related to the reaction of
Li2O2 with the carbon support, the binder and/or the electrolyte,24

predominantly during the charging reaction.23,25–28 Although car-
bon free electrodes have been suggested to exclude the corrosion of
the electrode support,8 a deeper understanding of the interplay
between the degradation of different cell materials has to be
achieved. In a recent publication, Thotiyl et al.28 have used 13C-
labeled electrodes to distinguish between the degradation of the
electrolyte and carbon. Electrolyte oxidation was seen during dis-
charge and charge, whereas the carbon support was found to be
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calculation of all DGR values presented in this work. See DOI: 10.1039/c3cp51056e
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oxidized only during charge above 3.5 V. Both processes lead to the
accumulation of Li2CO3 upon cycling.

For a more detailed study of the charging process, lithium–air
cathodes have been prepared in the discharged state, i.e., either
prefilled with Li2O2 or with other possible discharge products.10,29–33

However, most experiments were conducted using a poly-vinylidene
fluoride (PVDF) binder,10,29–31 which may affect the charge–
discharge stability due to the reported reactivity of Li2O2 with
PVDF–NMP (n-methyl-2-pyrrolidinone) solutions during electrode
preparation31 and due to the instability of PVDF towards O2

!.19

1.2. Aim and motivation

In this study, we report a novel preparation procedure for Li2O2-
prefilled electrodes, using ink-processing solvents and binders
which are stable in the presence of Li2O2. This allows us to
preserve the chemical composition of Li2O2 and to avoid possible
artifacts deriving from the reaction of Li2O2 with the binder/solvent
during electrode preparation and/or electrochemical measure-
ments.19,30,31 All electrode compositions are characterized using
thermogravimetric analysis coupled with online mass spectro-
metry (TGA-MS), seeking to: (i) verify the chemical integrity of
Li2O2 during the preparation of Li2O2-filled electrodes; (ii) deter-
mine the quantity and nature of impurities in Li2O2; and (iii)
study the chemical stability and reactivity of various electrode
components over a wide temperature range.

The aim of this work is to study the thermal (via TGA-MS) and
electrochemical (via charging of Li2O2 prefilled electrodes) decom-
position of Li2O2 as well as the e!ect of thermal/electrochemical
Li2O2 decomposition on the other Li–air cathode constituents like
the Vulcan carbon, the poly-ethylene oxide (PEO) binder, and the
diethylene glycol dimethyl ether (DEGDME) based electrolyte. The
reactivity of Li2O2-prefilled electrodes under thermal stress is
correlated with their electrochemical charging behaviour. Charge–
discharge voltage profiles of Li–O2 cells are accompanied by the
continuous analysis of gases in the cells’ headspace via an online
electrochemical mass spectrometer (OEMS) developed by our
group,12 which permits the assignment and quantification of
evolved gases during the charging of discharged Li–air electrodes
or Li2O2 prefilled electrodes.

We show that TGA-MS can not only be used to probe the
reactivity of single electrode compounds such as Vulcan carbon,34

lithium peroxide35,36 and PEO,37 but can also be used to gain
insight into possible reaction pathways between all these com-
pounds under thermal stress and, importantly, provides further
insight into the processes occurring during the charging of Li–air
cathodes. Thermal analysis has already been successfully applied
to battery research, though it has mostly been used for electrolyte
stability tests37 or the determination of metal oxide loadings on
carbon-based electrodes,38 but, to our knowledge, never with
focus on the reactivity of lithium salts in Li–air battery electrodes.

2. Experimental
2.1. Electrode preparation

Li2O2 (technical grade, 490% purity), LiOH (98% purity), Li2CO3

(99% purity) and Li2O (97% purity) were purchased from Aldrich

and stored in an argon-filled glovebox (c(O2) o 1 ppm, c(H2O)
o1 ppm, Jacomex, France). Toluene (Aldrich, anhydrous, 99.5%
purity) was stored in the glovebox over Sylobead MS 564C
zeolites (3 Å, Grace Division) and contained o1 ppm water.
PEO (Aldrich, MV = 400 000 g mol!1) and carbon (Vulcan XC-72,
Tanaka) were dried under dynamic vacuum for 48 h at 50 1C
(PEO) or 70 1C (carbon) in a glass oven (Büchi, Switzerland)
before use. LiOH, Li2CO3, and Li2O were ground in a Pulverisette
7 planetary ball-mill (Fritsch, Germany) with 3 mm + ZrO2 balls
prior to use. Li2CO3 was suspended in NMP (Aldrich, anhydrous,
99.5%) at a 2/3 w/w ratio and wet-milled for 1 h at 700 rpm (viz.,
12 milling/rest periods of 5/25 minutes). LiOH and Li2O were
dry-milled for 1 h at 700 rpm in an argon atmosphere (viz.,
30 milling/rest periods of 2/28 minutes) to exclude any reactions
with solvents or ambient air. Li2O2 was used without milling due
to the low average particle diameter of B1 mm of the as-received
material.39

Li2O2-prefilled electrodes were prepared according to the
following procedure: each lithium salt was hand-mixed with
carbon (1/1 wt/wt ratio) in a mortar. Electrode inks were pre-
pared by adding this mixture to a solution of 0.67 wt% PEO in
toluene and sonicating the slurry for 10 minutes under an argon
atmosphere using a Branson 250 digital probe-sonifier. The
PEO–carbon weight ratio was 0.2/1. Electrode inks were coated
onto Celgards C480 separators in the glovebox using the Mayer-
Rod technique. After evaporation of the solvent at room tem-
perature, 15 mm + electrodes (1.77 cm2) were punched out.
The electrodes were dried under dynamic vacuum overnight at
50 1C in the glass oven and directly transferred to the glove box
for cell assembly without any exposure to ambient air. Both
the carbon and Li2O2 loadings of the prefilled electrodes were
0.39 mg cm!2. Non-filled Vulcan carbon electrodes (carbon
loading of 0.38 mg cm!2) were prepared in the same manner.

2.2. Electrochemical measurements

Electrolyte. Lithium bis(trifluoromethanesulfonyl)imide (LiTFSI)
(Aldrich, 99.95%) was vacuum dried at 150 1C for 24 hours before
use. Anhydrous DEGDME (Aldrich, Z99%) was stored for at least
24 hours over Sylobead MS 564C zeolites (3 Å, Grace Division)
before use, resulting in a water content below 10 ppm (determined
by Karl Fischer titration). Electrolytes were prepared by dissolving
0.2 M LiTFSI in DEGDME.

Cell design. The battery cell design has been reported and
extensively discussed in our previous work.40 It consists of a
316Ti SS anode current collector and a cathode current collector
separated by a Kel-F spacer. The system is sealed by two Teflon
O-rings, and the contact between cell components is ensured by a
316 SS compression spring. All battery charging experiments pre-
sented in this work make use of that cell design, with modifications
added for the connection of external devices (e.g., pressure trans-
ducer or mass spectrometer12).

Cell assembly. A 17 mm + lithium disk (0.45 mm thick,
99.9%; Chemetall, Germany) was placed onto the anode current
collector, wetted with 40 ml of electrolyte, and covered with two
Celgards C480 separators. Another 40 ml of electrolyte were
added, then the cathode was placed onto the wetted separators.
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After dripping another 40 ml of the electrolyte onto the cathode,
it was covered by a 21 mm + stainless steel mesh cathode
current collector (316SS, 0.22 mm + wire, 1.0 mm openings,
Spörl KG, Germany). The cell was sealed with four screws at a
torque of 6 N m.

Cell test and online electrochemical mass spectrometry.
Evolved gas analysis upon Li–O2 cell charging was performed
using our OEMS system, extensively described in our previous
work.12 It consists of a closed Li–O2 cell which is connected to a
Pfeiffer Vacuum HiQuad Mass Spectrometer through a calibrated
capillary leak of approximately 1 ml min!1, and allows the detec-
tion of masses between 1–128 amu. After 2 hours rest at OCV, all
Li–O2 cells were cycled galvanostatically at 120 mA gcarbon

!1

between 2.0–4.7 VLi in a temperature-controlled chamber (Binder
KB series) at 25 1C using a Gamry Series G300 potentiostat. Before
every charging process, the cell was purged with Ar for 10 minutes
in order to allow for O2 quantification during charge, whereas
before every discharge process, the cell was purged with O2 at
101.3 kPaabs. When charging Li2O2-prefilled electrodes which were
assembled into the electrochemical cell in the glove box, the cell’s
head space was also filled with Ar.

To quantify gas evolution rates, a calibration gas with oxygen
and carbon dioxide in argon was used (2000 ppm each; Westfalen
AG, Germany), allowing to convert the mass spectrometer signals
into concentrations (note that the relevant m/z ratio for each
compound was referenced to the m/z = 36 argon isotope signal to
minimize the e!ect of minor variations in cell and mass spectro-
meter base pressure). The time derivatives of the gas concentra-
tions then yield the molar gas evolution rates (in nmol s!1).
Particularly when predominantly one gas species is produced at a
given time, the interpretation of the data is more straightforward
if the molar evolution rates are converted to current-normalized
gas evolution rates (in mmol/(As)), since a 2-electron oxidation
process (e.g., the oxidation of Li2O2 to O2 and 2Li+) would
correspond to a rate of 5.18 mmol/(As), independent of the applied
current (equating to (2F)!1, where F is the Faraday constant
(96 485 As mol!1)).

2.3. Thermal analysis (TA)

Di!erential scanning calorimetry (DSC) of lithium peroxide was
conducted on a Mettler Toledo DSC 1 instrument equipped with
a cryostat using nitrogen as carrier gas (flow rate 50 ml min!1).
In an argon-filled glovebox, samples were densely packed into
aluminum crucibles, which were then sealed by cold-welding
and directly transferred to the DSC furnace. Samples were held
isothermal at 5 1C, then heated to 45 1C at 20 K min!1 and finally
held isothermal at 45 1C. The heat capacity, cp(T0), of Li2O2 was
calculated from the baseline-corrected heat flow integrals
between 15 and 35 1C (average of 3 measurements).

Thermogravimetric analysis of electrode materials was per-
formed on a Mettler Toledo TGA/DSC 1 instrument coupled to a
Pfei!er Vacuum Thermostar mass spectrometer for evolved gas
analysis. Electrode samples for TGA-MS were obtained by
scraping electrode coatings o! the Celgard substrate. Samples
of lithium salt–carbon or PEO–carbon were prepared by grind-
ing the mixtures in a mortar for 5 minutes. All samples were

prepared in an argon-filled glovebox and directly transferred to
the TGA furnace. After sample insertion, the furnace was
purged with an Ar flow of 120 ml min!1 for 10 min at 25 1C
to minimize trace amounts of ambient air during measure-
ments. Pure Li salt samples were heated from 25 1C to 1250 1C
at 10 K min!1 in Ar (flow rate = 60 ml min!1) in open alumina
crucibles. Samples of pure carbon were heated from 25 1C to
925 1C at 10 K min!1 in 67 vol% O2–Ar (flow rate = 60 ml min!1)
in alumina crucibles with perforated alumina lids to avoid
sample spills during carbon burn-off. Samples containing
mixtures of Li2O2–C or Li2O2–PEO–C were heated from 25 1C
to 550 1C at 10 K min!1 or 50 K min!1 in Ar or 67 vol% O2–Ar
(flow rate = 60 ml min!1) in aluminum crucibles sealed with
perforated aluminum lids by cold-welding to avoid sample
spills in case of vigorous reaction. Samples containing mixtures
of PEO–C, LiOH–C, Li2CO3–C, and Li2O2–PEO–C under condi-
tions where very vigorous reactions can be excluded were
heated from 25 1C to 925 1C at 10 K min!1 in Ar (flow rate =
60 ml min!1) and subsequently held at 925 1C in 67 vol% O2–Ar
for 60 min in sapphire crucibles covered with perforated
sapphire lids to avoid sample spills during measurements.

2.4. X-ray di!raction (XRD)

All X-ray powder di!raction data (in transmission geometry)
have been collected using a STOE Stadi MP di!ractometer
equipped with a Dectris Mythen 1 K one-dimensional silicon
strip detector and using monochromatized Mo(Ka1) radiation
(l = 0.7093 Å, 50 kV, 40 mA). The silicon strip detector allowed
us to simultaneously collect data in a 2y-range of 18.841.
Electrode samples were held between two cellulose acetate foils
with low X-ray absorption and di!raction, and the data were
collected in stationary mode for 40 min with a 2y range between
9.035–27.8751 and steps of 0.0151 in 2y.

3. Results and discussion
3.1. Electrode binder considerations

The reactivity of Li2O2 with solutions of PVDF in NMP, which
are commonly used for electrode preparation in battery
research, as reported by Xu et al.,31 necessitates the investi-
gation of alternative binder–solvent mixtures. In this work, PEO
is used as a binder for electrodes prefilled with lithium peroxide.
Unlike PVDF, PEO has no electron-withdrawing fluoride groups.
Therefore, the C–H bonds in PEO are less prone to nucleophilic
attack by aggressive lithium compounds (Li2O2, LiOH, and Li2O)
as well as by O2

! radicals compared to those in PVDF. Also, PEO
has no functional groups except end-chain OH functionalities,
the concentration of which in the final electrode, however, is
negligible compared to the concentration of Li2O2. Furthermore,
since PEO is soluble in toluene, electrodes can be prepared with
toluene rather than NMP, so that the reactivity of Li2O2 with
NMP31 during electrode preparation can be avoided.

Thermal analysis shows that Li2O2 is well preserved during
the entire electrode preparation procedure. Starting from com-
mercial Li2O2 of 95% purity (the major impurity being LiOH,
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see Section 3.3), at least 88% Li2O2 purity is confirmed by
TGA-MS for the final prefilled electrodes (see Section 3.5).

This is consistent with the XRD analysis of Li2O2-prefilled
electrodes (Li2O2–PEO–C) shown in Fig. 1, which reveals no
diffraction peaks other than those which can be clearly assigned
to Li2O2 (dark blue asterisks in Fig. 1) or to the Celgard separator
(gray asterisk in Fig. 1). Also, no XRD signals are observed for
LiOH (the absence of LiOH peaks which do not overlap with Li2O2

peaks, viz., those at 2y values of 16.251 and 23.061), which would
be a likely degradation product of Li2O2 in the presence of water
impurities during ink processing. In summary, both TGA-MS and
XRD analysis confirm that Li2O2 is essentially quantitatively
preserved in the Li2O2-prefilled electrodes prepared here.

3.2. Electrochemical oxidation of Li2O2 in prefilled and
discharged electrodes

For all electrochemical measurements in this work, an online
electrochemical mass spectrometer was coupled to the headspace
of the battery cell to detect any gases evolved during experi-
ments.12 Since electrolyte degradation could play a significant
role in the galvanostatic charging of Li–O2 or Li2O2-prefilled
electrodes, we first determine the DEGDME electrolyte stability
window and the gases evolved during its anodic oxidation. Thus,
the galvanostatic ‘‘charging’’ of a Li2O2-free cell containing only
carbon and the PEO binder (PEO–C), i.e., the degradation of the
electrolyte and/or the binder during anodic oxidation, is shown in
Fig. 2. At a charging current of 120 mA gcarbon

!1, the degradation
of the DEGDME electrolyte and/or the PEO binder of the cathode
proceeds at a potential of E4.75 V. The observed mass trace
pattern demonstrates that the electrolyte and/or the binder are
predominantly decomposed to organic C2 fragments, as a result of
C–C bond scission in the parent molecules; it is noteworthy that
no evolution of CO2 is observed. As was discussed in detail in our

previous work,12 the observed m/z-signals are consistent with
the anodic oxidation of DEGDME to dimethyl ether41 via the
intermediate formation of methoxy methyl radicals ("CH2–O–
CH3) by scission of the carbon–carbon bonds. The evolution rates
of the decomposition products increase until a ‘‘specific capacity’’
of 150 mA h gcarbon

!1 is reached (i.e., during the initial 1.25 hours)
and then gradually decrease to a steady-state value (Fig. 2).
Considering the very similar nature of DEGDME and PEO, the
above suggested anodic oxidation decomposition pathway would
be expected to be identical for both compounds. In summary, the
anodic oxidation of the electrolyte, which becomes significant at
E4.5 V (see Fig. 3 in ref. 12), leads to the formation of dimethyl
ether, most likely via "CH2–O–CH3 radicals, but does not result in
CO2 formation at potentials below 4.9 V. This result suggests that
during the charging of a Li2O2-prefilled cathode, any simulta-
neous decomposition of the electrolyte and/or the binder would
be expected to occur without the evolution of CO2.

Galvanostatic charging of a Li2O2-prefilled cathode (Li2O2–
PEO–C) under argon at 120 mA gcarbon

!1 is shown in Fig. 3,
exhibiting an initial voltage peak of up to E4.6 V (red line in
Fig. 3), which has also been observed by Harding et al. (using
Lithions-bonded electrodes in the DME based electrolyte, see
Fig. S10 (ESI†) in ref. 32), who attributed this to a thin layer of
other compounds covering the surfaces of Li2O2 particles which
would delay the onset for Li2O2 electrooxidation. Thereafter, a
voltage plateau at E4.15 V is observed that represents the
electrochemical decomposition of Li2O2, followed by a rapid
increase of the cell potential at a capacity near the theoretical
value for the Li2O2-prefilled cathode (marked by the vertical
dashed line in Fig. 3). Subsequently, the voltage stabilizes at
E4.8 V, where the applied current is consumed for the

Fig. 1 X-ray (Mo Ka1) di!raction patterns of Celgard substrates and prefilled
electrodes (from top to bottom): (i) Li2O2-prefilled electrode (Li2O2–PEO–C; dark
blue line); (ii) LiOH-prefilled electrode (LiOH–PEO–C; light blue line); (iii) pure
Celgard separator (black line). The asterisks in the figure mark the reflections for
Li2O2 (dark blue), LiOH (light blue), and Celgard (black); the diffraction peak at
2y E 19.561 seen in all three diffractograms is an instrumental artifact caused by
the sample holder.

Fig. 2 Galvanostatic ‘‘charging’’ of a pure carbon cathode (PEO–C with
0.38 mgcarbon cm!2) under argon at 120 mA gcarbon

!1 in DEGDME with 0.2 M
LiTFSI, showing the evolution rates for all significant m/z mass spectrometer
signals, corresponding to the time derivative of the ion current, di#/dt (note that
the evolution rates in our OEMS set-up are proportional to the time derivative of
the ion currents as explained in ref. 12). The signals at m/z of 45, 20, 46, and 15
correspond to the mass spectrum reported for dimethyl ether.41 While the x-axis
is simply a time axis (120 mA h gcarbon

!1 # 1 hour), it is expressed in terms of
‘‘specific capacity’’ in order to allow better comparison with the galvanostatic
charging curves shown in Fig. 3 and 4.
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continuous oxidative degradation of the DEGDME electrolyte
and/or the PEO binder. Proof for this can be seen in Fig. 3,
indicated both by the essentially identical decomposition
potential (red line) and by the evolution of the same ion
fragments (magenta line in the lower panel of Fig. 3) as was
observed for the anodic oxidation in the absence of Li2O2 (see
Fig. 2). No CO2 evolution (black line in Fig. 3) is observed
during charging of the Li2O2-prefilled electrode; only once the
theoretical charging capacity is reached and once the electrode
potential increases beyond E4.7 V, where Li2CO3 can be oxidized
to CO2,39 a small amount of CO2 is evolved. Considering its
magnitude, it is most likely due to the minor Li2CO3 contamination
of the Li2O2 (E1.7% wt, see Section 3.3). The O2 evolution rate
remains below the expected 2.0e! per O2 rate (dashed blue line in
Fig. 3) throughout the entire charging process, but decreases
rapidly as expected once the theoretical capacity (dashed gray line
in Fig. 3) is reached. During most of the charging process (with
exception of the initial part which will be discussed later), the O2

evolution rate corresponds to E4.45 mmol/(As) (i.e., E2.3e! per O2),
whereas the theoretical oxygen evolution rate equates to 5.18 mmol/
(As), which suggests that E14% oxygen is consumed in one or
more of the following side reactions: (i) oxygen consumption on the
lithium electrode; (ii) oxygen consumption from reaction of O2 with
electrolyte oxidation fragments; and/or (iii) reaction of ‘‘nascent’’
highly-reactive oxygen species produced during Li2O2 electro-
oxidation with the electrolyte and/or carbon.

(i) Although it has been reported that the O2 yield during
charging of discharged Li–O2 cells is independent of whether the
anode is based on lithium metal or on lithium iron phosphate
(LFP) (the latter cannot reduce O2 and does not chemically react

with it),23 we conducted an additional charging experiment
using a LFP anode and a solid electrolyte diffusion barrier (see
Fig. S1 in the ESI†) to verify if anodic oxygen consumption can
be discarded under the experimental conditions used in this
work. Indeed, it is found that the O2 evolution rate in Fig. S1
(ESI†) corresponds to E4.70 mmol/(As) (i.e., effectively E2.2e!

per O2 for the cathode reaction). Given the O2 evolution rate of
E4.45 mmol/(As) in Fig. 3, oxygen is assumed to be reduced at
the Li metal anode at a rate of E0.25 mmol/(As) (E5% of the
theoretical oxygen evolution), so that another E0.48 mmol/(As)
must be consumed in other side reactions.

(ii) In order to determine whether O2 can react with electrolyte
decomposition fragments, we measured the oxygen consumption
rate during the anodic oxidation on a carbon electrode (PEO–C)
in a mixture of 10% O2 in argon (Fig. 4). Quite clearly, in the
presence of significant DEGDME oxidation, i.e., at 4.8 V and at
120 mA h gcarbon

!1, O2 gets consumed at a substantial rate.
Considering the above proposed electrolyte decomposition

via C–C bond scission through intermediate "CH2–O–CH3

radical formation in conjunction with the large negative free
energy for the reaction of O2 with carbon radicals42 (i.e., O2 +
"CH2–O–CH3 - "O–O–CH2–O–CH3), the oxygen consumption
during anodic electrolyte oxidation is not surprising. At the
same time, since the anodic oxidation of DEGDME at 4.15 V is
very small (E1 mA gcarbon

!1, see Fig. 1 in ref. 22), the oxygen
consumption rate at this potential is accordingly more than one
order of magnitude smaller. It should be noted that the oxygen
consumption rate based on this mechanism might be smaller
by a factor of up to three under the conditions in Fig. 3, since
the O2 concentration for the experiments in Fig. 4 (10% O2 in
Ar) was about 3-fold higher than the effective O2 concentration

Fig. 3 Galvanostatic charging of a Li2O2-prefilled electrode (Li2O2–PEO–C with
0.39 mgcarbon cm!2) under argon at 120 mA gcarbon

!1 (#83 mA) in DEGDME with
0.2 M LiTFSI: (i) red line: galvanostatic voltage profile; (ii) blue and black lines:
current-normalized molar gas evolution rates of O2 and CO2; (iii) ion current
derivative of the m/z 15 trace representative of the dimethyl ether formation rate
from anodic oxidation of DEGDME–PEO (for clarity, the observed traces for m/z
29, 45 and 46 are not shown). The dotted blue line shows the theoretical O2

evolution rate corresponding to the desired oxygen evolution rate of 2e! per O2

(according to eqn (1)); the vertical dashed gray line marks the theoretical
charging capacity of 1110 mA h gcarbon

!1 (based on a Li2O2–C weight ratio of
1/1 and 95% Li2O2 purity).

Fig. 4 Oxygen concentration variation versus time during OCV (open circuit
potential) and during the anodic oxidation on a carbon electrode (PEO–C;
0.42 mgcarbon cm!2) in a 10% O2/Ar atmosphere in DEGDME with 0.2 M LiTFSI.
Shown are the initial O2 concentration at OCV, followed by potentiostatic
oxidation at 4.15 and 4.80 VLi, an intermediate OCV period, and a final galvano-
static oxidation at 120 mA gcarbon

!1. The values of dcO2
/dt in each segment

were obtained by linear regression fits, equating to E!0.016 nmol s!1 at
4.15 VLi, E!0.16 nmol s!1 at 4.80 VLi, and E!0.27 nmol s!1 at 120 mA h gcarbon

!1.
The O2 consumption rate at OCV is negligible (o0.002 nmol s!1).
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after the complete charging of the Li2O2-prefilled electrode.
Comparing the above findings with the charging of a Li2O2-
prefilled electrode, it becomes obvious that the negative O2

evolution rate at the end of charge (E!1.8 mmol/(As); see blue
line at 41300 mA h gcarbon

!1 in Fig. 3) is due to the reaction of
O2 with the anodic oxidation products from DEGDME (again,
the slightly lower negative value is most likely due to the
roughly 3-fold lower O2 concentration). Now we can determine
whether the remaining E0.48 mmol/(As) of ‘‘missing oxygen’’
during the voltage plateau at E4.15 V in Fig. 3 (after considera-
tion of (i)) may be consistent with the reaction of O2 with
oxidation products of DEGDME. For the conditions in Fig. 3,
the value of E0.48 mmol/(As) of ‘‘missing oxygen’’ equates
to E0.040 nmol s!1. This amount is significantly larger than
what could be explained by the O2 consumption caused by the
anodic electrooxidation of DEGDME (at most E0.016 nmol s!1,
corresponding to E4% of the theoretical oxygen evolution).

(iii) Since the side reactions (i) and (ii) together can only
account for E9% missing oxygen, the only feasible explanation
for the observed amount of E14% missing oxygen is that the
oxidation of DEGDME, PEO and/or carbon may be accelerated
by ‘‘nascent’’ oxygen which is released during the oxidative decom-
position of Li2O2. The nature of ‘‘nascent’’ oxygen released during
Li2O2 oxidation may be singlet oxygen, as was proposed by
McCloskey et al.,23 or atomic oxygen. The latter has been demon-
strated to react with carbon at high rates with minimal activation
energy already at room temperature to yield CO (and CO2 via
consecutive reaction with CO),43 but since we do not observe CO
or CO2 during the main charging voltage plateau, and since the
overall amount of released CO2 near the theoretical capacity line
(see Fig. 3), which is presumably from the charging of Li2CO3,
would be too small to account for the ‘‘missing’’ O2, the reaction
of DEGDME (and PEO) with highly reactive species produced
during the oxidative decomposition of Li2O2 is the most likely
hypothesis. We will try to substantiate this hypothesis later on by
comparing these observations on the electrochemical oxidation
of Li2O2 with those of the thermal decomposition of Li2O2 (in
Sections 3.3 and 3.5). On the basis of the above findings, the
substantially lower O2 evolution rate in the initial stage of the
charging of a Li2O2-prefilled electrode (see blue line between
0 and 100 mA h gcarbon

!1 in Fig. 3) can now easily be rationalized
by the already substantial anodic oxidation rates of DEGDME at
E4.6 V (see Fig. 3 in ref. 12), leading to the consumption of
oxygen through reaction with "CH2–O–CH3 radicals.

In the following we will compare the above findings on the
charging behavior of a Li2O2-prefilled electrode with the galva-
nostatic charging (120 mA gcarbon

!1) of a Vulcan carbon electrode
(PEO–C) which was discharged under oxygen in DEGDME with
0.2 M LiTFSI, yielding a specific capacity of E200 mA h gcarbon

!1

(identical to the discharge capacities we reported previously22).
As shown in Fig. 5, the charging potential (red line) increases
gradually from E3.5 to E4.4 V, at which point a sharp potential
increase and a sudden drop in the oxygen evolution rate (blue
line) at the expected charging capacity of E200 mA h gcarbon

!1

mark the end of the charging process. Quite obviously, for up
to E70% of the charging capacity, the voltage remains below

the E4.15 V charging plateau which was observed for a Li2O2-
prefilled electrode (Fig. 3). The lower charging potential on a
discharged electrode could be rationalized, if one was to assume
that electron transport between the carbon and the Li2O2 phase
is rate-limiting, since the contact area between the electron
conducting carbon phase and the insulating Li2O2 phase (illu-
strated in Fig. 6) is orders of magnitude larger for Li2O2 formed
on carbon during discharge in O2 (see Fig. 6b) compared to the
contact area between carbon particles and micrometer-sized
Li2O2 particles (see Fig. 6a). This is consistent with the reported
lowering of the charging potential of a Li2O2-prefilled electrode
(E0.5 V!), in the presence of a redox mediator serving as an
electron shuttle between the carbon and the Li2O2 phase.33,44

During the initial charging of the discharged carbon electrode,
the oxygen evolution rate of E4.5 mmol/(As) (E2.3e! per O2; see
blue line in Fig. 5) is similar to that obtained for a Li2O2-prefilled
electrode (blue line in Fig. 3), but continuously decreases towards
a value of E2 mmol/(As) (E5e! per O2) at the end of discharge.
While the oxygen yield of the discharged electrode averaged over
the charging process (E3.2 mmol/(As) # E3.0e! per O2) is
consistent with other reports in the literature (E3.2e! per O2

11

and E2.6e! per O2
23 in DME as well as E2.7e! per O2

12 in the
DEGDME electrolyte), it is surprisingly much lower than that
obtained for the Li2O2-prefilled electrode (E4.5 mmol/(As) #
E2.3e! per O2). Thus, the much higher fraction of ‘‘missing’’
O2 during charging of a discharged carbon electrode (E30%,
based on the average O2 yield of E3.2 mmol/(As) vs. 5.18 mmol/(As)
according to eqn (1)), compared to E14% for the Li2O2-prefilled
electrode, points towards an enhanced reactivity with carbon
and/or the electrolyte. We hypothesize again that highly reactive
‘‘nascent’’ oxygen, released during Li2O2 oxidation, enhances the

Fig. 5 Galvanostatic charging of a previously discharged Li–O2 cathode (PEO–C
with 0.38 mgcarbon cm!2; discharge capacity of E200 mA h gcarbon

!1, indicated
by the vertical gray line) under argon at 120 mA gcarbon

!1 (#81 A) in DEGDME
with 0.2 M LiTFSI: (i) red line: galvanostatic voltage profile; (ii) blue and black
lines: current-normalized molar gas evolution rates of O2 and CO2; (iii) ion current
derivative of the m/z 15 trace, representative of the dimethyl ether formation
rate from anodic oxidation of DEGDME–PEO (for clarity, the signals for m/z 29, 45
and 46 are not shown). The dotted blue line shows the theoretical O2 evolution
rate corresponding to the desired oxygen evolution rate of 2e! per O2 (according
to eqn (1)).
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oxidative decomposition of the electrolyte at potentials below
4.5 V, i.e., at potentials where DEGDME is otherwise stable against
anodic oxidation (see Fig. 4 as well as Fig. 1 in ref. 22). This
explains the ‘‘missing’’ O2 during charge as oxygen would be
consumed for both the oxidative decomposition of the electrolyte
and the reaction with thereby produced !CH2–O–CH3 radicals, as
discussed above.

To rationalize the proposed higher electrolyte decomposi-
tion rates on the discharged electrode compared to the Li2O2-
prefilled electrode, one needs to consider the di!erences in the
electrolyte/Li2O2 interface for E1 mm-sized Li2O2 particles in
prefilled electrodes vs. nanometer-sized Li2O2 films in dis-
charged carbon electrodes, with reported Li2O2 film thick-
nesses of E0.5 nm22 up to E5 nm,22,45 as is illustrated in
Fig. 6. Therein, Vulcan carbon is depicted as E30 nm +
spherical primary particles that form highly structured E200–
300 nm + primary agglomerates.46,47 Based on this, E1 mm-
sized Li2O2 particles in the prefilled electrode39 with a Li2O2–C
weight ratio of 1/1 have a maximum interface area with the
electrolyte corresponding to E3 mLi2O2

2 per gcarbon (i.e., for a
Li2O2–C weight ratio of 1/1, the specific surface area of Li2O2

per gram carbon can be estimated via a spherical approxi-
mation as mLi2O2

2 per gcarbon E 6/(dLi2O2
" rLi2O2

)). This is E30-
fold lower than the value of E100 mLi2O2

2 per gcarbon estimated
for nm-thick Li2O2 films on a Vulcan carbon electrode (again,
estimating mcarbon

2 per gcarbon E 6/(dcarbon " rcarbon) with
dcarbon E 30 nm (see Fig. 6b) and equating carbon surface area
with the Li2O2 surface area). Thus, assuming the formation of
highly reactive ‘‘nascent’’ oxygen during the oxidative decom-
position of Li2O2, the E30-fold higher electrolyte/Li2O2 inter-
face area of the discharged carbon electrode compared to
the Li2O2-prefilled electrode would indeed explain the higher
electrolyte decomposition rates observed with the former.

Finally, the higher rate of CO2 evolution during the end of
charge of the discharged carbon electrode (black line in Fig. 5)
is again consistent with its several orders of magnitude larger
carbon/Li2O2 interface area compared to a Li2O2-prefilled electrode

(illustrated in Fig. 6), leading to the formation of Li2CO3. According
to Thotiyl et al.,28 a minor fraction of Li2CO3 might already have
formed during discharge due to electrolyte degradation, whereas
the major fraction is assumed to be formed because of electrolyte
and carbon corrosion during charge, as was also proposed pre-
viously.25,26 In summary, all of the above observations support our
hypothesis that oxidative decomposition of Li2O2 during charging
leads to enhanced electrolyte and carbon degradation via the
formation of highly reactive ‘‘nascent’’ oxygen. Further evidence
for the highly reactive oxygen species produced during the electro-
chemical oxidation of Li2O2 will be provided in the following by
comparing it with the thermal decomposition of Li2O2 in detailed
TGA-MS analyses.

3.3. TA of lithium salts

TGA-MS data of pure Li2O2, Li2O, LiOH, and Li2CO3 samples are
shown in Fig. 7 to determine the purity of the commercial Li2O2

used in this work, as well as to provide a reference for the
upcoming analysis on the thermal decomposition pathways of
more complex mixtures (Li2O2–C and Li2O2–PEO–C).

During their thermal decomposition, Li2O2, LiOH, and
Li2CO3 are all converted into the thermodynamically most
stable Li2O (in the absence of CO2 and H2O), as indicated by
the evolved gases and the excellent match of the measured
mass losses (Dm meas) with the expected mass losses (Dm theo)
according to the reaction stoichiometries (see Table 1). Li2O
itself is stable over the measured temperature range. As all
conversions take place in discrete temperature windows, the
analysis of lithium salt mixtures is feasible. For the decomposition
of LiOH and Li2CO3, a sudden increase in the reaction rate is seen
at the melting points of those salts (given in Table 1). Though the
reported melting point of Li2O2 is not consistent in the literature,
Li2O2 is commonly reported to decompose upon melting.48

Furthermore, the change in Gibbs free energy (DGR) at the onset
and endset temperature of each reaction is given in Table 1,

Fig. 6 Sketch of the morphology of Vulcan carbon based electrodes, illustrating
the approximate distribution of the carbon (black) and the Li2O2 (blue) phases:
(a) Li2O2-prefilled electrode (Li2O2–PEO–C) using E1 mm-sized Li2O2 particles; (b)
Vulcan carbon electrode (PEO–C) discharged under oxygen, leading to nm-thick
Li2O2 surface deposits on the carbon.22 Vulcan carbon is depicted as E30 nm +

spherical primary particles that form highly structured E200–300 nm + primary
agglomerates.46,47

Fig. 7 TGA of Li2O2, LiOH, Li2CO3, and Li2O (sample mass vs. temperature) and
on-line MS of evolved gases (mass traces with m/z of 32, 18, and 44 attributed to
O2, H2O, and CO2, respectively). The percentage values given next to the TGA
curves represent the measured mass losses, Dm meas, for each of the observed
transitions. Samples were heated from 25 1C to 1250 1C at 10 K min#1 in Ar.
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calculated assuming a temperature independence of the change
in heat capacity over the reaction (i.e., DcRp!T0"af !T"):

DGR
!T" # DGR

!T0" $ DSR
!T0" T $ T0! "

$ DcRp!T0" T ln!T=T0! " $ !T $ T0"% &

DG f
!T0", S(T0) and cp(T0) of reactants and products are generally

taken from ref. 49 except for cp(T0) of Li2O2, for which di!erent
values are reported in the literature. We therefore determined it by
DSC, resulting in cp(T0) (Li2O2) = 71 ' 7 J (mol K)$1 (errors taking
into account Li2O2 purity, weighting, and measurement errors).
This agrees reasonably well with the only two sets of literature
data, viz., cp(T0) of 76 J (mol K)$1 extrapolated from measurements
at T 4 300 K published in 197950 and cv of 66 J (mol K)$1

measured at 300 K in a vacuum.51 All the required thermo-
dynamic data are listed in Table S3 of the ESI.† For DGR calcula-
tions, the solid state is always assumed for Li salts, which is
not expected to cause significant errors unless the reaction
temperature is far above the melting point (m.p.) of any involved
salt. The melting points of all relevant lithium salts given in
Table 1 are adapted from ref. 52 except for Li2O2 (see above).

Gibbs free energy changes are calculated under the assumption
that the partial pressures of all gaseous reaction products are at
their standard reference pressure, pref, of 101.3 kPa. However, due
to the continuous removal of gaseous products by the TGA carrier
gas flow, their real partial pressures are expected to be far below
101.3 kPa, which may result in the calculation of positive DGR

(T)

values for some reactions that are actually thermodynamically
feasible under the conditions present in the TGA. Considering
the correction for actual partial pressures, pactual, which are
below the reference partial pressure due to dilution via RT
ln(pactual/pref), the water vapor concentration below which the
DGR values in reaction No. 3 (Table 1) would become negative
is E500 ppm and E11% at Tonset and Tendset, respectively,
which is reasonably consistent with expectations. Similarly, the
CO2 concentration below which the DGR values in reaction No. 4
(Table 1) would become negative is E100 ppm and E35% at Tonset

and Tendset, respectively.
After having clarified the various reaction sequences

through which the examined lithium compounds decompose
with increasing temperature, the amount and nature of impu-
rities present in the commercial Li2O2 used for electrode
preparation can now be determined from the TGA curve of
Li2O2 in Fig. 7 (dark blue line). The fraction of each lithium salt
in the Li2O2 sample is calculated by dividing the measured
weight loss in its specific decomposition range by the stoichio-
metric weight loss of the pure substance. The following contents

are found in the Li2O2 sample: 95.1% Li2O2, 3.2% LiOH, and
1.7% Li2CO3. These three compounds add up to 100.0%, indi-
cating the absence of Li2O and other impurities.

3.4. TA of Li2O2–C

The thermal analyses of a Li2O2–C mixture in Ar and 67 vol%
O2–Ar are shown in Fig. 8.

In an argon atmosphere (Fig. 8a), similar to pure Li2O2, the
onset of O2 evolution (blue line in Fig. 8a) initiates in between
280 and 340 1C, indicating the onset of Li2O2 decomposition.
However, at 340 1C a very rapid and highly exothermic reaction
between Li2O2 and carbon occurs (DSC results not shown for
clarity), with CO being the only gaseous product. An essentially
instantaneous mass loss of 29.0% suggests the formation of
Li2O as the only solid product via reaction No. 5 (see Table 2).
The fact that CO is exclusively formed (despite CO2 being the
thermodynamically more stable product of carbon oxidation in
this temperature range) suggests that the decomposition of
Li2O2 produces highly reactive ‘‘nascent’’ oxygen which instantly
reacts with nearby carbon atoms, approximately 200 1C below
the temperature where carbon reacts with gas phase oxygen (see
Fig. S2 in the ESI†). As mentioned before, the nature of these
oxygen species could be either singlet oxygen or atomic oxygen.
The latter seems to be the more likely hypothesis, since the
primary product of the reaction between atomic oxygen and
carbon is CO.43 In this case, CO2 would only be formed in a
consecutive reaction between CO and atomic oxygen, which is
unlikely to happen in the TGA due to the localized oxygen
formation at Li2O2 surfaces and the constant product removal
by the gas flow.

When the measurement is performed in 67 vol% oxygen in
argon (Fig. 8b), this very rapid and highly exothermic reaction
occurs already at 320 1C. Apparently, the presence of gas-phase
oxygen shortens the reaction onset phase needed to build up
the oxygen level and/or oxygen release rate that is necessary to
trigger the reaction between Li2O2 and carbon. During the
reaction, a significant amount of oxygen from the gas-phase
is consumed (‘‘negative’’ peak in the m/z 32 trace, the baseline
level of which represents 67 vol% oxygen), and 75.9% of the
sample mass is lost. This value far exceeds the calculated mass
loss for reaction No. 5 in Table 2, indicating that carbon is not
only oxidized by ‘‘nascent’’ oxygen from the decomposition of
Li2O2, but also by oxygen from the gas phase. This is confirmed
by the detection of a huge amount of CO2 (black line in Fig. 8b;
see also Table 2, reaction No. 6) in addition to an amount of CO
that is similar to the one released in an argon atmosphere
(orange lines in Fig. 8a and b). As the total oxidation of pure

Table 1 Reactions of lithium salts observed during thermal analysis

No. T range [1C] Atmosphere Reaction Dm theo/meas [% of LiX] Evolved(m) gases
DGR at Tonset/Tendset
[kJ mol$1] m.p. (reactant) [1C]

(–) 25–1250 Ar Li2O does not react — — — 1570
(2) 280–400 Ar Li2O2 - Li2O + 1

2O2 $34.9/$33.2 O2m $24/$44 B340
(3) 400–600 Ar 2LiOH - Li2O + H2O $37.6/$37.0 H2Om +42/+16 471
(4) 700–1100 Ar Li2CO3 - Li2O + CO2 $59.6/$58.7 CO2m +72/+12 723
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Vulcan carbon by gaseous oxygen does not occur at tempera-
tures below 500 1C (see Fig. S2, ESI†), it is assumed that the
initial rapid and highly exothermic reaction of carbon with
‘‘nascent’’ oxygen from the decomposition of Li2O2 leads to a
large local temperature increase, driving the reaction with gas-
phase oxygen. The fact that the measured mass loss of 75.9%
exceeds the combined calculated losses from reactions No. 5
and No. 6 (67.5%) is explained by an obvious sample spill that
is inevitable when such a rapid and highly exothermic reaction
occurs in an open system, although precautions have been
made to minimize this e!ect (see Section 2.3 for details).

Another noteworthy feature of the TGA profile in Fig. 8b is
an additional weight loss of 7.4% between 360 and 470 1C,
accompanied by the release of CO and CO2 (weak MS signals
compared to the previous reaction). To explain this, it has to be
considered that in the course of the preceding reaction caused
by Li2O2 decomposition, small fractions of the products Li2O

and CO2 are instantly converted to Li2CO3 (Table 2, reaction No. 7).
The retention of CO2 by Li2O at T 4 190 1C is in agreement with
literature results.53 At higher temperature, Li2CO3 decomposes
again, resulting in the mentioned weight loss. However, unlike
the decomposition of pure Li2CO3 under argon (Fig. 7 and Table 1,
reaction No. 4), carbon is now also involved in the reaction: in
argon, this reaction occurs at 650–900 1C and yields Li2O and CO
(Table 3, reaction No. 14), as confirmed by a reference measure-
ment of Li2CO3–C in argon (see Fig. S4 in the ESI†); in an O2–Ar
atmosphere (as in Fig. 8b), the reaction already takes place at 360–
470 1C, and both CO and CO2 are detected in the off-gas (Table 2,
reaction No. 8). The exact stoichiometry of this reaction cannot be
determined by means of TGA-MS, so the proposed stoichiometry of
reaction No. 8 (Table 2) is an estimate that allows us to demonstrate
the thermodynamic feasibility of such a reaction in this tempera-
ture range. As reactions No. 5 and No. 6 have already taken place at
this point of the TA, only trace amounts of carbon should be left in
the sample, suggesting that just enough carbon is participating in
the reaction to allow the detection of trace amounts of CO. It has to
be mentioned that due to sample spills, comparing theoretical
mass losses to measured ones does not provide conclusive results
for this particular experiment.

In summary, in the absence of gas-phase oxygen, the thermal
decomposition of Li2O2 in the presence of carbon leads to the
rapid and highly exothermic evolution of CO near E300 1C
according to reaction No. 5 (see Fig. 8a). Since carbon does not
react with gas-phase oxygen below E500 1C (see Fig. S2, ESI†) due
to kinetic limitations, we believe that highly reactive ‘‘nascent’’
oxygen produced during Li2O2 decomposition causes this very
rapid reaction with carbon and Li2O2 at already E300 1C. Due to
the high exothermicity of this reaction, a substantial local tem-
perature rise is very likely, which would explain the observed
complete oxidation of carbon at E300 1C in the presence of gas-
phase oxygen (Fig. 8b). While this high reactivity between ther-
mally decomposing Li2O2 and carbon at E300 1C might allow us
to hypothesize a similar reactivity during the electrochemical
oxidation of Li2O2 in a Li–air battery, one first needs to consider
the effect of the presence of the electrolyte. For this reason, we
next examine the effect of the addition of PEO to Li2O2–C, since
PEO is chemically very similar to the commonly used glyme
electrolytes and is also the binder which we have used in the
electrochemical experiments in Sections 3.2 and 3.3.

3.5. TA of Li2O2-prefilled electrodes

The results of the TGA-MS measurements performed on Li2O2–
C–PEO electrode samples are shown in Fig. 9.

Fig. 8 TGA (sample mass vs. temperature) and on-line MS of evolved gases (mass
traces with m/z of 32, 28, and 44 attributed to O2, CO, and CO2, respectively) of
Li2O2–C (mixing ratio 1/1). The percentage values given next to the TGA curves
represent the measured mass losses, Dm meas, for each of the observed transitions.
The multipliers/divisors in the mass trace labels represent the amplification factors
used on the relative intensities of the respective signals. Samples were ramped
from 25 to 550 1C at 10 K min!1 in (a) Ar and (b) 67 vol% O2/Ar.

Table 2 Reactions of Li2O2–C (mixing ratio 1/1) observed during thermal analysis

No.
T range
[1C] Atmosphere Reaction

Dm(total) theo/
meas [% sample]

Dm(LiX) theo/
meas [% sample]

Dm(C) theo/
meas [% sample]

Evolved(m) or
consumed(k) gases

DGR at Tonset/
Tendset [kJ mol!1]

(5) 280–340 Ar/O2 Li2O2 + C - Li2O + CO !30.6/!29.0 !17.5/!16.6 !13.1/!12.4 COm !173/!183
(6) 320 + QR O2 C + O2 - CO2 r!36.9/!46.9 0/0 r!36.9/!46.9 CO2m !394
(7) 320 O2 Li2O + CO2 - Li2CO3 r+47.9/+5.8 r+47.9/+5.8 0/0 CO2k !130
(8) 340–470 O2 Li2CO3 + C + 1

2O2 -
Li2O + CO + CO2

r!61.0/!7.4 r!47.9/!5.8 r!13.1/!1.6 COm, CO2m !39/!72
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When the analysis is performed in argon at a heating rate of
10 K min!1 (left panel of Fig. 9a), no vigorous reaction of the
sample at 340 1C (which would be expected from the results on
Li2O2–C mixtures) is seen. Instead, a weight loss of only 2.6%
accompanied by the release of organic fragments from PEO
decomposition (identified by the m/z 15 trace, see Fig. S3 in the
ESI†) and hydrogen is detected in the temperature range of 220
to 400 1C. As the presence of PEO in the sample is the only

difference to the TA of Li2O2–C in Fig. 8a, it is assumed that
PEO acts as a scavenger for ‘‘nascent’’ oxygen originating from
the decomposition of Li2O2, preventing the buildup of the
oxygen concentration necessary for the vigorous reaction with
carbon (described in the discussion of Fig. 8).

This observation is highly relevant for the understanding of
the electrochemical charging behavior of Li–O2 cells with Li2O2-
prefilled electrodes, as our cell tests in Section 3.2 indicate a
similar reaction of DEGDME and PEO with ‘‘nascent’’ oxygen.
Interestingly, the extent of this reaction during the charging of
a Li2O2-prefilled battery cell is so small that the evolution of
volatile organic decomposition products is below the OEMS
detection limit, whereas both the increase of Li2O2 specific
surface area (i.e., charging a previously discharged battery cell)
and the increase of the reaction temperature (i.e., the TA of a
Li2O2-prefilled electrode) lead to an increased reaction rate that
allows the unambiguous in situ identification of volatile organic
products (TA) or of oxygen consumption (charging a previously
discharged cell).

The hypothesis that PEO acts as a scavenger for ‘‘nascent’’
oxygen is supported by the results of a TA conducted at a heating
rate of 50 K min!1 (Fig. 9b). In this case, ‘‘nascent’’ oxygen is
evolved by Li2O2 decomposition at a higher rate than it is
consumed by the subsequent reaction with PEO. Thus, the oxygen
level necessary for the vigorous reaction with the carbon fraction
is reached at 300 1C. Upon this rapid reaction, mainly CO, but also
organic fragments that are ascribed to PEO decomposition and
marginal amounts of CO2 are detected in the o!-gas. This
experiment also demonstrates that the amount of PEO present
in a Li2O2-prefilled electrode can reduce, but not eliminate the
inherent risk of a vigorous reaction under thermal stress.

A third TA in 67% oxygen atmosphere at a heating rate of
10 K min!1 is shown in Fig. 9c. Analogous to Fig. 9a, no
vigorous reaction occurs. The less rapid mass loss between
360 and 470 1C is ascribed to the decomposition of Li2CO3 via
reaction No. 8 in Table 2, as indicated by CO2 and minimal CO
evolution (slightly higher intensity of m/z 28 then expected for
pure CO2 fingerprint). As in the previously discussed TA of
Li2O2–C in oxygen (Fig. 8b), Li2CO3 is initially formed from the
Li2O2 reduction product Li2O and the CO2 that derives from the
oxidation of PEO triggered by the decomposition of Li2O2.
This experiment clearly confirms that the vigorous reaction of
Li2O2–C mixtures with or without PEO is not just due to the
evolution of regular triplet oxygen, but due to the formation
of an extremely reactive ‘‘nascent’’ oxygen species during
Li2O2 decomposition.

The feasibility of a TA of Li2O2-prefilled electrodes without
triggering a vigorous reaction under specific conditions (i.e.,
low heating rate) permits us to quantify the results precisely,
extend the TA temperature range up to 925 1C, and add an
isothermal step at 925 1C while switching the atmosphere from
argon to 67% oxygen in argon to oxidize all organic fractions of
the sample so that Li2O remains as the only residue. This
extended TA procedure is shown in Fig. 9a. Please refer to the
Experimental section for further details on the TA procedures.
In the following, this extended TA is discussed in more detail.

Fig. 9 TGA (sample mass vs. temperature) and on-line MS of evolved gases
(mass traces with m/z of 32, 18, 28, 44, 15, and 2 attributed to O2, H2O, CO, CO2,
CH3, and H2, respectively) of Li2O2–C–PEO (mixing ratio 1/1/0.2). The percentage
values given next to the TGA curves represent the measured mass losses, Dm
meas, for each of the observed transitions. The multipliers/divisors in the mass
trace labels represent the amplification factors used on the relative intensities of
the respective signals. Samples were ramped (a) from 25 to 925 1C in Ar at a
heating rate of 10 K min!1 and subsequently held isothermal at 925 1C in
67 vol% O2–Ar, (b) from 25 to 550 1C in Ar at a heating rate of 50 K min!1, and (c)
from 25 to 550 1C in 67% O2–Ar at a heating rate of 10 K min!1.
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As mentioned before, in the temperature range of 220 to
400 1C, Li2O2 reacts with Li2O and ‘‘nascent’’ oxygen which is
taken up by PEO. Thereby PEO is decomposed to yield water,
CO2 and organic fragments. These combined reactions are
summarized in Table 3, reaction No. 10. However, only minor
amounts of organic fragments and neither water nor CO2 are
released. This indicates that the water formed during this
process is instantly taken up by Li2O, yielding LiOH (Table 3,
reaction No. 11). Concurrently, all formed CO2 is taken up by
Li2O, yielding Li2CO3 (Table 3, reaction No. 12). All these
processes take place during the already mentioned 2.6% mass
loss in the temperature range of 220 to 400 1C. In these
subsequent reactions lies a major di!erence in the electro-
chemical charging of a Li2O2-prefilled electrode. As the electro-
chemical process does not produce any Li2O, LiOH and Li2CO3

cannot be formed via reactions No. 11 and No. 12 (otherwise
the OEMS data in Fig. 3 would show a much more pronounced
CO2 release once the charging voltage increases beyond E4.7 V,
where Li2CO3 can be oxidized to CO2).39

The additional hydrogen release monitored between 220
and 400 1C is now discussed together with the subsequent
1.6% mass loss between 400 and 600 1C, which is also accom-
panied by hydrogen release. Both H2 peaks indicate that the
previously formed LiOH (see above) reacts with carbon to form
Li2CO3, Li2O and hydrogen via reaction No. 13 in Table 3. This
reaction pathway has been confirmed by a reference TA of
LiOH–C (see Fig. S5 in the ESI†). In the 220 to 400 1C range,
LiOH decomposition takes place solely via reaction No. 13,
whereas from 400 to 600 1C, reactions No. 13 and No. 3 are both
seen (No. 3 evidenced by minor H2O release). In summary, the
2.6% mass loss between 220 and 400 1C is attributed to over-
lapping reactions No. 9 and No. 13, whereas the 1.6% mass loss
from 400 to 600 1C is due to reactions No. 13 and No. 3. The
additional reactions No. 10, No. 11 and No. 12, all taking place
between 220 and 400 1C, do not contribute to any net change in
sample mass.

Between 650 and 900 1C, another weight loss of 29.9% is
seen and carbon monoxide is released. This points out that
Li2CO3 (product of the previous reactions No. 12 and No. 13) is
decomposed to give Li2O via reaction No. 14 in Table 3 (see also
Fig. S4, ESI† for reference).

At the final temperature of 925 1C, the gas atmosphere is
switched from pure argon to a mixture of 67% oxygen in argon.
This results in the total oxidation of the complete carbon
fraction (Table 3, No. 6). This combustion temporarily leads
to a partial pressure of CO2 that is high enough to trigger the
formation of Li2CO3 from Li2O (Table 3, No. 7). However, as
CO2 is quickly removed by the TGA carrier gas, the reaction is
reversed and all Li2CO3 is again converted to Li2O (Table 3, No. 4).
This reaction results in the sharp peak in the TGA curve directly
after switching to the oxidizing atmosphere. For thermodynamic
considerations, please refer to the discussion in Section 3.3 about
the calculation of DGR and its dependency on the partial pressure
of gaseous reactants and products. After the decomposition of this
transient Li2CO3 and the total oxidation of carbon are complete, a
residue of 30.5% is left, which consists of pure Li2O. This amountTa
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of Li2O is equivalent to an initial Li2O2 fraction of 46.9%, an
excellent match of the 45.5% Li2O2 content of the electrode ink
used for synthesis. This confirms that Li2O2 is well preserved
during electrode preparation. For example, if 12% of the initial
Li2O2 had reacted with Li2CO3 during preparation, the expected
Li2O residue would be 28.5%, whereas if 12% had reacted with
Li2O, the residue would be 31.8%. As the weight span between
28.5 and 31.8% exceeds the estimated error range of 30.5 ! 1.0%
of the instruments when determining the residual sample weight
after TA, it can be stated that at least 88% Li2O2 purity (compared
to 95% initial purity) is preserved during electrode preparation. It
has to be mentioned that this method does not allow us to rule
out LiOH contamination of the electrodes. However, the compar-
ison of the X-ray di!raction patterns of electrodes prefilled with
Li2O2 or LiOH (Fig. 1) allows us to exclude this.

In summary, the PEO binder acts as a scavenger for ‘‘nascent’’
oxygen released by Li2O2 decomposition, and therefore prevents
the rapid and highly exothermic reaction of Li2O2 with carbon at
moderate heating rates. At E300 1C, PEO is thereby decomposed
to yield water, CO2 and organic fragments. However, water and
CO2 are instantly taken up by the Li2O that has been formed
during the thermal decomposition of Li2O2. While PEO in the
above described thermogravimetric experiments is a good model
compound to mimic the reaction of glyme-based electrolytes
(e.g., DEGDME) during charging in lithium–air batteries, there
are, however, two fundamental differences between the thermal
and the electrochemical decomposition of Li2O2 which must be
considered: (i) as the electrochemical charging of Li2O2 does not
produce Li2O, any H2O or CO2 formed during the oxidative
decomposition of the electrolyte would indeed be evolved; and
(ii) the fact that H2O and CO2 are not detected by OEMS during
electrochemical charging points out that the reaction of ‘‘nascent’’
oxygen with the electrolyte at room temperature (i.e., in a battery
cell) leads to non-volatile partial oxidation products rather than
the total oxidation of the electrolyte.

4. Conclusions

We have reported a novel preparation procedure for Li2O2-
prefilled electrodes, using ink-processing solvents and binders
which are stable in the presence of Li2O2.

It has been demonstrated that in-depth analysis of the
composition and reactivity of Li2O2-prefilled carbon cathodes
for lithium/air batteries by TGA-MS is feasible. The thermal
decomposition of Li2O2 to Li2O is suggested to produce highly
reactive ‘‘nascent’’ oxygen. In Li2O2–C mixtures, this ‘‘nascent’’
oxygen reacts in a very rapid and highly exothermic reaction with
carbon at already E300 1C, whereas gas-phase oxygen does not
react with carbon until E500 1C. In Li2O2–PEO–C electrodes, this
reaction does not occur at low heating rates, because the PEO
binder acts as a scavenger for ‘‘nascent’’ oxygen. Thereby, PEO is
decomposed to H2O, CO2, and organic oxidation products. H2O
and CO2 are not released, but instantly react with Li2O, yielding
LiOH and Li2CO3. The thermal decomposition of these lithium
salts at higher temperatures involves an oxidative degradation of
the carbon support.

During the electrochemical charging procedure of Li–O2

batteries containing Li2O2-prefilled carbon cathodes, oxygen
is released at a lower rate than expected for a quantitative 2e"

process. As our TA results suggest, part of the formed ‘‘nascent’’
oxygen reacts with the DEGDME electrolyte which is chemically
very closely related to PEO, the PEO binder, and/or the Vulcan
carbon support. The extent of these degradation reactions
depends on the specific area of the Li2O2–electrolyte interface.
During the charging of electrodes prefilled with E1 mm-sized
Li2O2 particles, this process consumes E5% of the formed
oxygen, whereas the charging of a previously discharged carbon
cathode covered with a nanometer-sized Li2O2 film leads to a
significantly larger amount of ‘‘missing’’ oxygen.

Clearly, this limited stability of the electrolyte, binder, and
carbon support towards ‘‘nascent’’ oxygen produced by the electro-
chemical Li2O2 decomposition has to be overcome to successfully
produce Li–air batteries with long cycle-life. Furthermore, the
vigorous reaction of Li2O2-prefilled electrodes under thermal stress
at high heating rates points out potential safety issues of carbon
based Li–air cathodes, so that carbon is most likely not a feasible
cathode material for Li–air batteries as it compromises both their
long-term stability and thermal stability.
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Electrochemical oxidation of Li2O2 in prefilled electrodes using an LFP counterelectrode 

To calculate the extent of oxygen consumption at the Li metal anode under the experimental conditions in Fig. 3 of the 
manuscript, a charging experiment of an identical Li2O2-prefilled cathode under the same conditions, but using a LFP anode 
and an additional solid electrolyte diffusion barrier (Ohara glass) is conducted (s. Fig. S1).  

 
Fig. S1 Galvanostatic charging of a Li2O2-prefilled electrode (Li2O2/PEO/C) with 0.39 mgcarbon/cm2) under argon at 120 mA/gcarbon (83 A) 
in DEGDME with 0.2 M LiTFSI using an LFP counterelectrode and a solid electrolyte diffusion barrier (Ohara glass): i) red line: 
galvanostatic voltage profile; ii) blue line: current-normalized molar gas evolution rate of O2. The dotted blue line shows the theoretical O2 
evolution rate corresponding to the desired oxygen evolution rate of 2e-/O2 (according to Eq. 1 in the main manuscript); the vertical dashed 
gray line marks the theoretical charging capacity of 1110 mAh/gcarbon (based on a Li2O2/C weight ratio of 1/1 and 95% Li2O2 purity).  

It is found that the average O2 evolution rate in Fig. S1 corresponds to 4.70 µmol/(As). Comparing this rate to the average 
O2 evolution rate of 4.45 µmol/(As) obtained in Fig. 3 of the manuscript, the oxygen consumption at the lithium anode in 
Fig. 3 equals 0.25 µmol/(As).   This finding implies that the remaining discrepancy between the oxygen evolution in Fig. S1 
and the theoretical oxygen evolution rate of 5.18 µmol/(As) has to be due to other side reactions, as further discussed in the 
manuscript.  

TA of carbon (Vulcan XC72) 

 
Fig. S2 TGA (sample mass vs. temperature) and on-line MS of evolved gases (mass traces with m/z of 28, and 44 attributed to CO, and CO2, 
respectively) of carbon (Vulcan XC72). The percentage value given next to the TGA curve represents the measured mass loss, ∆m meas, of 
the observed transition. The sample was ramped from 25 to 925°C in 67% O2/Ar at a heating rate of 10 K/min. 

The onset temperature of the thermal oxidation of carbon in 67%O2/Ar is 500°C, as seen in Fig. S2. The oxidation product is 
CO2 (as the intensities of the m/z 28 and 44 traces reflect the fingerprint ionization pattern of CO2). The quantitative 
gasification of carbon is complete at 700°C. 
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TA of PEO/C 

To better understand the TA of Li2O2/PEO/C electrodes, it is important to determine the reactions of a PEO/C mixture and 
the evolved gases during the same procedure that is used for the TA of electrodes. Thus, a PEO/C sample is first heated from 
25 to 925°C in Ar, then held isothermal at 925°C while the atmosphere is switched from Ar to 67vol.% O2 in Ar (s. Fig. S3).  

 
Fig. S3 TGA (sample mass vs. temperature) and on-line MS of evolved gases (mass traces with m/z of 32, 18, 28, 44, 15, and 88 attributed to 
O2, H2O, CO, CO2, CH3, and C4H8O2, respectively) of C/PEO (mixing ratio 2/0.2). The percentage values given next to the TGA curve 
represent  the  measured  mass  losses,  ∆m meas, for each of the observed transitions. The multipliers/divisors in the mass trace labels represent 
the amplification factors used on the relative intensities of the respective signals. The sample was ramped at 10 K/min from 25 to 925°C in 
Ar and subsequently held isothermal at 925°C in 67vol.% O2/Ar. 

In the temperature range of roughly 300 to 450°C, PEO is decomposed quantitatively to volatile products (9.0% measured 
weight loss compared to 9.1% PEO content). Besides water and trace amounts of CO, also methyl- and/or dimethyl ether 
fragments (identified by the m/z 15 trace, which is also observed during the anodic oxidation of the chemically very similar 
DEGDME electrolyte shown in Fig. 2 of the manuscript) and 1,4-dioxane (generally accepted as the parent molecule of the 
m/z 88 trace)1 are detected by the MS. The overall reaction is described in the manuscript, Tab. 3, reaction N°9. In 
Section 3.5 of the manuscript, the m/z 15 trace is chosen to monitor the decomposition of PEO to volatile organic fragments. 
Regarding the temperature range of PEO decomposition, it is expected to interfere with other processes in the thermal 
analysis of prefilled electrodes. The carbon fraction of the sample does not react up to 925°C under argon. When the 
atmosphere is switched to 67vol.% O2 in Ar at 925°C, the total oxidation of carbon occurs, releasing CO2 (the m/z 28 trace 
gives a signal ~1/9 of the intensity of the m/z 44 trace, which is consistent with the fingerprint of pure CO2). Accordingly, no 
residue of the PEO/C sample is left at the end of the analysis. 

TA of Li2CO3/C 

 
Fig. S4 TGA (sample mass vs. temperature) and on-line MS of evolved gases (mass traces with m/z of 32, 28, and 44 attributed to O2, CO, 
and CO2, respectively) of Li2CO3/C (mixing ratio 1/1). The percentage values given next to the TGA curve represent the measured mass 
losses, ∆m meas, for each of the observed transitions. The multipliers/divisors in the mass trace labels represent the amplification factors 
used on the relative intensities of the respective signals. The sample was ramped from 25 to 925°C in Ar at a heating rate of 10 K/min and 
subsequently held isothermal at 925°C in 67vol.% O2/Ar. 
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Fig. S4 shows that the presence of carbon changes both the temperature window and the reaction mechanism of Li2CO3 
decomposition. Between 650 and 900°C, Li2CO3 reacts with carbon to form Li2O and CO. The measured mass loss of 38.0% 
corresponds very well to the calculated loss of 37.9% for reaction N°14 (Tab. S1). 

Table S1 Reactions of a Li2CO3/C mixture (mixing ratio 1/1) observed during thermal analysis.  

N° T range  
[°C] 

atmos-
phere reaction 

∆m(total) 
theo./meas. 
[% sample] 

∆m(LiX) 
theo./meas. 
[% sample] 

∆m(C) 
theo./meas. 
[% sample] 

evolved(↑)  
gases 

∆GR at 
Tonset/Tendset 

[kJ/mol] 

(14) 650–900 Ar Li2CO3 +  C  →  Li2O + 2 CO -37.9 / -38.0  -29.8 / -29.9 -8.1 / -8.1 CO↑ +84/-2 

(6) 925 O2 C + O2 →  CO2 -41.9 / -39.5 0 / 0 -41.9 / -39.5 CO2↑ -387 

 

TA of LiOH/C 

 
Fig. S5 TGA (sample mass vs. temperature) and on-line MS of evolved gases (mass traces with m/z of 32, 18, 28, 44, and 2 attributed to O2, 
H2O, CO, CO2, and H2, respectively) of LiOH/C (mixing ratio 1/1). The percentage values given next to the TGA curve represent the 
measured mass losses, ∆m meas, for each of the observed transitions. The multipliers/divisors in the mass trace labels represent the 
amplification factors used on the relative intensities of the respective signals. The sample was ramped from 25 to 925°C in Ar at a heating 
rate of 10 K/min and subsequently held isothermal at 925°C in 67vol.% O2/Ar. 

The MS traces in Fig. S5 point out that the mass loss between 400 and 620°C arises from two distinct reactions: The 
decomposition of LiOH without the involvement of carbon (Tab. S2, N°3) produces H2O, whereas the simultaneous reaction 
of LiOH with carbon (Tab. S2, N°13) releases H2. Both reactions produce Li2O, and reaction N°13 additionally yields 
Li2CO3, which subsequently decomposes between 650 and 900°C following the same mechanism as discussed for Li2CO3/C 
mixtures. The measured weight loss of 23.2 % during Li2CO3 decomposition indicates a transient Li2CO3 content of 29.7 
wt.% in the sample. This number suggests that initially, 11.2 wt.% of the sample mass (=22.4 % of LiOH) react via N°3, 
whereas 38.8 wt.% (=77.6 % of LiOH) react via N°13. This ratio would theoretically arise from a weight loss of 5.8 % 
between 400 and 650°C (4.2 % from N°3 and 1.6 % from N°13), which exactly matches the actually measured value. 

Table S2 Reactions of a LiOH/C mixture (mixing ratio 1/1) observed during thermal analysis. 

N° T range  
[°C] 

atmos-
phere reaction 

∆m(total) 
theo./meas. 
[% sample] 

∆m(LiX) 
theo./meas. 
[% sample] 

∆m(C) 
theo./meas. 
[% sample] 

evolved(↑)  
gases 

∆GR at 
Tonset/Tendset 

[kJ/mol] 

(3) 400–650 Ar 2  LiOH  →  Li2O + H2O -18.8 / -4.2 -18.8 / -4.2 0 / 0 H2O↑ +42 / +10 

(13) 400–650 Ar 4  LiOH  +  C  →  Li2CO3 + Li2O 
+ 2 H2 

-2.1 / -1.6 +4.2 / +3.3 -6.3 / -4.9 H2↑ -8 / -62 

(14) 650–850 Ar Li2CO3 +  C  →  Li2O + 2 CO var. / -23.2  -17.7 / -18.2 -4.8 / -5.0 CO↑ +84 / ±15 

(6) 925 O2 C + O2 →  CO2 -38.9 / -38.2 0 / 0 -38.9 / -38.2 CO2↑ -387 
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Thermodynamic data of lithium salts 

Table S3 Data used for all thermodynamic calculations in this work. 𝐺( )
   , 𝑆( )

    and 𝑐 ( )
    values are generally taken from2, except for 𝑐 ( )

    
of Li2O2, as discussed in Section 3.3.  

compound ∆𝐻( ) 
[kJ/mol] 

∆𝐺( ) 
[kJ/mol] 

𝑆( ) 
[J/(molK)]  

𝑐 ( ) 

[J/(molK)] 

Li (s) 0 0 29.1 24.8 

C (s) 0 0 5.7 8.5 

H2 (g) 0 0 130.7 28.8 

O2 (g) 0 0 205.2 29.4 

CO (g) -110.5 -137.2 197.7 29.1 

CO2 (g) -393.5 -394.4 213.8 37.1 

H2O (g) -241.8 -228.6 188.8 33.6 

Li2O (s) -597.9 -561.2 37.6 54.1 

Li2O2 (s) -634.3 -570.2 56.42 71.0 

LiOH (s) -487.5 -441.5 42.8 49.6 

Li2CO3 (s) -1215.9 -1132.1 90.4 
 

99.1 
 

 

Literature 
 
1  G. K. Jones, A. R. McGhie, and G. C. Farrington, Macromolecules, 1991, 24, 3285–3290. 
2  D. R. Lide (Ed.), CRC Handbook of Chemistry and Physics, 85th ed., CRC Press, Boca Raton, FL, 2004–2005, pp. 5-4 – 5-60. 
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4.4  Conclusions 
The results reported in this chapter provided further understand about the origins 

of the capacity fading observed for Li-O2 cells based on carbon positive electrodes. 
The O2 evolution determined by mass spectrometry from discharged electrodes in 
diglyme is always lower than the value expected for electrooxidation of the desired 
product Li2O2; similar results are obtained for Li2O2 model electrodes, suggesting that 
the lower current normalized evolution rate is not related to formation of minor Li2O 
quantities, but rather to the reactivity of Li2O2 and the evolved oxygen with carbon 
and solvent at high voltages.  

Fundamental studies performed by thermo gravimetric analysis revealed that Li2O2 
is stable in presence of carbon at room temperature, however a violent thermal 
reaction occurs between 300-400 °C when a mixture of those two materials is heated 
at scan rates ≥10 K/min. The main gas evolved is CO, suggesting that the thermal 
decomposition of Li2O2 proceeds through an intermediate "nascent (or atomic) 
oxygen", capable of reacting with carbon at temperatures much lower than needed for 
combustion with dioxygen O2 (>600 °C). On the other hand, the presence of 
polyethers (PEO, binder) or slower heating programs (<10 K/min) lead to the 
conversion of Li2O2 into Li2CO3. 

The electrooxidation of Li2O2 using glyme electrolyte solvents resembles its 
thermal decomposition in presence of PEO binder (whose local chemical structure is 
identical to that of glymes), whereby Li2CO3 is the end product of the reaction of 
carbon with the "nascent oxygen" intermediate. Indeed, CO2 evolved at the end of 
charge (detected by mass spectrometry) at high potentials suggests that Li2CO3 has 
been previously formed. The net O2 consumed by processes that cannot be ascribed to 
measurement artifacts, the "nascent oxygen", accounts for only ≈5 % of the total 
oxygen evolved by Li2O2 electrooxidation.  

As Li2CO3 and LiOH in non-catalyzed pre-filled electrodes can be electrooxidized 
only at voltages >4.8 VLi, the conversion of a fraction of Li2O2 into non-Li2O2 
products results in an irreversible deposition of those atop the electrode surface and 
thus to capacity fading due to electrode passivation upon cycling.  
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Chapter 5 

!

Conclusions  
 
 

Increasing environmental concerns related to the use of fossil fuels for powering 
private transportation translated into an increasing interest for electromobility. The 
total electrification of the consumer vehicular fleet would be a long-term solution to 
both environmental issues and to eventual shortages in the supply of liquid 
hydrocarbons. In order to power future electric vehicles, there is a need for advanced 
energy storage technologies characterized by long cycle life, high energy density, 
high specific energy and low cost. State of the art Li-ion batteries fulfill the first two 
needs; however their widespread implementation on full electric battery powered 
vehicles is prevented by their high weight and cost.  

Non-aqueous rechargeable Li-air batteries can be a promising alternative to Li-ion 
technology for automotive applications. The projected practical specific energy of a 
fully packed Li-air battery is 3-fold higher than Li-ion batteries; moreover, the 
cathode material (O2) is readily available from the atmosphere.   

Unfortunately, despite some successful demonstrations in the early times of their 
development, where up to 100 cycles were obtained using a alkyl carbonate 
electrolyte solution, Li-air cells built with high surface carbon-based positive 
electrode suffer severe capacity fading and high overpotentials upon recharge. That 
combination leads to poor cycle life and low round-trip efficiency.  

The development of rechargeable Li-air battery devices is projected to last until 
the 2050s; it is very important at this stage of development to get further basic 
knowledge of the electrochemical mechanisms involved in the discharge (oxygen 
reduction reaction and the role of intermediates) and the charge (oxygen evolution 
reaction, catalysis and parasitic reactions), in order to design solutions to the 
respective issues and make the technology viable. The fundamental research 
performed for this doctoral thesis provided essential understanding in both aspects. 

In this thesis work, it was shown that oxygen electroreduction on non-catalyzed 
carbon surfaces at relatively high discharge rates leads to the precipitation of an 
electrically insulating film of discharge products, when electrolyte solutions that are 
stable to ORR intermediates are used. That kind of discharge mechanism denotes a 
very low rate capability of Li-air systems. The natural implication is that if the 
positive electrode porosity cannot be filled not even partially by discharge products, 
the discharge capacity will be limited to the surface area of the electrode material; as 
the theoretical improvement of Li-air batteries in terms of specific energy originate 
by the much higher specific capacity of the discharge products in comparison to Li-
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ion battery cathode materials, those limitations raise doubts on the effective 
advantage of Li-air technology. 

Li-air discharge capacity is strongly influenced by substances that react with 
oxygen reduction reaction intermediates produced at the electrode surface; as a 
general rule, those substances tend to increase the discharge capacity by a factor of 
3-15, depending on the nature of the reactant. The capacity enhancing activity of 
those substances seem to be related to the enhanced mobility/solubility of ORR 
intermediates/substance complexes, whose lifetime in solution is much longer than 
LiO2/O2

-!; this results in a delayed passivation of the electrode surface. Several 
substances were demonstrated to have that ability; among the others, reactive alkyl 
carbonates like propylene carbonate, glyme degradation products and H2O (the latter 
either added to the electrolyte solution or as vapor in the O2 feed). The natural 
implication of those findings is that in order to avoid artifacts in capacity 
measurements, much effort must be invested in designing properly sealed cell 
hardware for testing, and that sporadic capacity enhancements should be critically 
evaluated. Less obvious observation, the capacity enhancing effect of some 
substances could be exploited to improve the rate capability of Li-air cells. A good 
"additive" in this respect should be first, stable in the conditions of a Li-air battery; 
second, have the ability to solvate ORR intermediates or enhance their mobility; 
third, promote the precipitation of Li2O2 as the only discharge product.  

The search for stable electrolyte solvents was a common task in the most recent 
Li-air battery research. The definition of "stable" in Li-air batteries is pretty broad, 
and includes first, the stability at low potentials on (or the passivation of) the Li metal 
anode surface; second the stability in presence of O2; third the stability towards ORR 
intermediates; fourth, the stability at high potentials during charge. In the most recent 
literature DMSO and some ionic liquids were revealed suitable candidates. In this 
thesis work, mostly glymes (i.e. ethers) were used as non-aqueous solvents for Li-O2 
cells electrolyte solutions. We demonstrated that glymes have high stability towards 
ORR intermediates, however they tend to decompose at potentials >4 VLi in presence 
of O2 leading to decomposition products which introduce artifacts in measuring 
discharge capacity. Glyme solvents are therefore not ideal solvents for Li-O2 
batteries, however they have several advantages over newly employed solvents (for 
instance, they are relatively stable on Li metal surfaces) that make their use still 
convenient.  

The charge of Li-O2 batteries with carbon-based positive electrodes is a major 
concern. Both on non-catalyzed and catalyzed carbon surfaces, the O2 consumed 
during charge cannot be fully recovered on charge. The reaction of "nascent oxygen" 
partially formed during the electrooxidation of Li2O2 with carbon leads to Li2CO3, 
which cannot be fully electrooxidized within the voltage constraints applied in 
commonly used cycling procedures. The accumulation of non-Li2O2 products in the 
electrode matrix is responsible for the capacity fading that limits cycle life of Li-O2 
cells to less than 10 cycles. That intrinsic reactivity of Li2O2 (or nascent oxygen) with 
carbon puts severe limitations to the use of the latter inexpensive and well-
characterized material, and triggered the development of carbon free positive 



!

!

!!!!!83!

electrodes. At the present stage, both the electrolyte solution and the carbon-based 
electrode of Li-O2 cells seem to be unstable upon charge, introducing great confusion 
when studying parasitic reactions during charge. If reliable results on the stability of 
the electrolyte solution have to be obtained, efforts in the development of inert 
electrode materials (one example is the nanoporous gold electrode shown by Peter G. 
Bruce and coworkers) should be invested. Several projects for synthesizing and 
developing non-carbon materials have been recently started at TUM. 
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