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While Li–air rechargeable batteries offer higher energy densities than lithium-ion batteries, the 
insulating Li2O2 formed during discharge hinders rapid, efficient re-charging. Redox mediators are used 
to facilitate Li2O2 oxidation, however, fast kinetics at low charging voltage is necessary for practical 
applications but has yet to be achieved. We investigate the mechanism of Li2O2 oxidation by redox 
mediators. The rate-limiting step is the outer sphere 1 e- oxidation of Li2O2 to LiO2, which follows 
Marcus theory.  The second step is dominated by LiO2 disproportionation, forming mostly triplet O2. 
The yield of singlet O2 depends on the redox potential of the mediator in a way that does not correlate 
with electrolyte degradation, in contrast to earlier views. Our mechanistic understanding explains why 
current low-voltage mediators (< +3.3 V) fail to deliver high rates (the maximum rate is at +3.74 V) and 
suggests important mediator design strategies to deliver sufficiently high rates for fast charging at 
potentials closer to the thermodynamic potential of Li2O2 oxidation (+2.96 V). 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

Li-O2 batteries have the potential to offer a step-change in specific energy over Li-ion battery 
chemistries.1–4 The reaction at the cathode involves the reduction of O2 to Li2O2 on discharge and its 
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oxidation back to O2 on charge. However, the insulating nature of Li2O2 renders these electrochemical 
reactions slow and inefficient.5 In particular, on charging, the electrochemical oxidation of Li2O2 leads 
to potentials 1-1.5 V higher than the thermodynamic potential of +2.96 V vs. Li+/Li, with the 
consequence of poor round trip energy efficiency.6 Strategies that have been explored to circumvent 
this issue include use of heterogeneous solid state catalysts,7,8 and use of soluble redox mediators 
(RM).9–12 The benefit of using soluble redox mediators is their ability to oxidise Li2O2 particles within 
the porous cathode that are not in direct contact with the electrode surface. RMs are oxidised at the 
cathode surface, diffuse to the Li2O2 particles, then oxidise Li2O2 liberating O2 and reforming the 
reduced RM, such that the cycle then repeats.13–19 RMs with redox potentials up to +3.9 V have been 
reported and those with high potentials enable high charging rates but lead to very poor round trip 
energy efficiency, while those close to the thermodynamic potential of +2.96 V are too slow to support 
even moderate charging rates. Mediators operating close to the thermodynamic potential and with 
fast kinetics are required. Furthermore, it has been suggested that oxidation of Li2O2 leads to singlet 
oxygen (1O2) as well as the ground triplet state (3O2).20,21 This area of research remains a topic of 
debate.22 1O2 is known to be a reactive species and has been implicated in the degradation of the 
electrolyte and carbon cathode. There is evidence that 1O2 can be suppressed by charging at low 
voltage.23 Despite several interesting studies into charging RMs,16,24–28 questions regarding the process 
of Li2O2 oxidation by RMs remain. A recent report by Petit et al. examined the oxidation of alkali 
peroxides by redox mediators, including their mechanism and the relation of mediator potential with 
1O2 formation.28 However, the reported results  do not seem to accord with the known trends in rate 
performance versus voltage and O2 evolution discussed above.25,29 Resolving this complex mechanism 
is essential if a RM operating close to the thermodynamic potential of +2.96 V vs. Li+/Li with sufficient 
kinetics to sustain fast charging and the ability to suppress 1O2 is ever to be realised.  

 

Here we report the mechanism of Li2O2 oxidation by RMs and its influence on 1O2 evolution. We show, 
by analysing 1O2 and 3O2 evolution, that the rate determining step for Li2O2 oxidation is the initial outer 
sphere 1 e- oxidation of Li2O2 to form LiO2 (ܴܯା + ଶܱଶ݅ܮ ⇆ ܯܴ + ଶܱ݅ܮ  +  ା). It follows Marcus݅ܮ
theory with a maximum rate at +3.74 V. We show that current low voltage mediators provide lower 
oxidation rates compared to current higher voltage mediators, consistent with known charging 
behaviour of Li-O2 cells. We show that the dominant subsequent step is the disproportionation of LiO2 
to 3O2 (2ܱ݅ܮଶ ⇆ ଶܱଶ݅ܮ + ܱଷ ଶ) and not the 1 e- oxidation of LiO2 to 1O2 or 3O2, (ܴܯା + ଶܱ݅ܮ ⇆ ܯܴ + ܱଷ ଶ + ା݅ܮ  and ܴܯା + ଶܱ݅ܮ ⇆ ܯܴ + ܱଵ ଶ + (ା݅ܮ . We also show how mediators with different 
potentials affect the 1O2 yield and that this does not correlate well with degradation, casting doubt on 
whether 1O2 is the major source of degradation during charge. Our mechanism not only explains why 
the current generation of mediators cannot deliver high charging rates at sufficiently low potentials 
for good round trip energy efficiency, but also points the way to designing mediators that could deliver 
high rates at low charge voltages. 

 

 

 

 

 

Results and discussion 
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Marcus theory explains redox mediator kinetics 

To investigate the mechanism of oxidation of Li2O2 by RMs, eq. 1, the charging process in a Li-O2 
battery, the rate constants for this reaction using RMs with redox potentials (ERM) that span from +3.2 
V to +3.9 V vs. Li+/Li were measured, Fig. 1A.  

ାܯ2ܴ  + ଶܱଶ݅ܮ ⇆ ܯ2ܴ +  ܱଶ +  ା     (eq. 1)݅ܮ2

 

 

While it would be desirable to measure rate constants for the elementary steps, the intermediate LiO2 
cannot be isolated and kinetic measurements for oxidation of other alkali superoxides are highly 
dependent on the counter ion and electrolyte environment, Fig. S2, making such an analysis of 
questionable use.30,31 Consequently, we obtain an effective rate constant for the overall reaction 
which will be dominated by the rate determining step. Scanning electrochemical microscopy (SECM) 
is a widely utilised tool for quantification of heterogeneous electron transfer rate constants.32–34 This 
method accurately models mass transport effects, which if not taken into account can mask true 
kinetic constants.35 We also highlight that some mediators are prone to decomposition with the 
electrolyte, which can lower the effective concentration and thus the efficacy of kinetic measurements. 
For example, Fig. S3 shows that amount of oxygen evolved during Li2O2 oxidation by aged TEMPO+ 
solutions decrease significantly with age, consistent with side reactions between TEMPO+ and the 
electrolyte solution. During the SECM measurement, reactive intermediates are only formed 
transiently and thus the method is free from such errors. SECM has been applied previously to study 
Li2O2.27,36

 Here, SECM was employed using the set-up illustrated in Fig. 1A to measure the effective 
rate constant (keff) for the reaction of RM+ with Li2O2. This is achieved by performing approach curves 
where an ultramicroelectrode (UME) is lowered towards a disk of Li2O2. The RM is oxidised to RM+ at 
the UME, then reacts with the Li2O2 disk generating a feedback loop and  

 

 

a modulation of the current as a function of distance. The rate of reaction in eq. 1 can be determined 
by subsequent fitting of the feedback approach curves using the methodology developed by 
Cornut.27,37,38 The resulting feedback approach curves for a selection of RMs are shown in Figure 1B, 
where a higher current at low UME-Li2O2 distances indicates a higher keff. keff is proportional to the rate 
constant of the rate determining step in the sequence of steps during mediated Li2O2 oxidation (eq. 
2a-e). The keff values for TMPD and DMPZ were too low to be measured by SECM and so were 
measured using a pressure cell method, where Li2O2 and RM+ are mixed together in a gas tight cell and 
the pressure change from O2 evolution is measured as a function of time. Formation of the Li2O2 disk, 
construction of the SECM cell, determination of the ERM from cyclic voltammetry, pressure cell 
methodology, data treatment and additional supporting data are described in the methods and Fig. 
S4, S5 and S6.  

ାܯܴ  + ଶܱଶ݅ܮ ⇆ ܯܴ + ଶܱ݅ܮ  +  ା                      (eq. 2a)݅ܮ
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ାܯܴ + ଶܱ݅ܮ ⇆ ܯܴ + ܱଷ ଶ + ାܯܴ ା                        (eq. 2b)݅ܮ + ଶܱ݅ܮ ⇆ ܯܴ + ܱଵ ଶ + ଶܱ݅ܮା                        (eq. 2c) 2݅ܮ ⇆ ଶܱଶ݅ܮ + ܱଷ ଶ                                             (eq. 2d) 2ܱ݅ܮଶ ⇆ ଶܱଶ݅ܮ + ܱଵ ଶ                                             (eq. 2e) 

 

Plotting ln keff of RMs as a function of ERM, results in the volcano shaped plot shown in Fig. 1C. The 
values for TTF and TEMPO are in accord with previous studies.36 The shape of the curve in Fig. 1C 
suggests Marcus theory for an electron  transfer rate constant (݇௘௧) as expressed in eq. 3;39 

 ݇௘௧ = ܼ௘௟݁ݔp ൤ି[൫ఒିி(ாೃಾିாಽ೔మೀమ)൯]మସఒோ் ൨     (eq. 3) 

 

where keff is proportional to ket, ܧ௅௜మைమ  is the redox potential of Li2O2, Zel is the pre-exponential constant, 
and ߣ is the reorganisation energy. The variation of ߣ across different RMs is estimated to be small 
due to their similar molecular volumes and any contribution from the Li2O2 is constant (see SI). Fitting 
eq. 3 to the data in Fig. 1C shows agreement between the variation of keff with ERM and the trend 
predicted by Marcus theory, including the observation of an inverted region. This implies that the rate 
determining step is a single outer-sphere electron transfer process. The fitted values are: ELi2O2 = +3.41 
V, λ = 0.322 eV and Zel = 0.00495. Marcus theory, originally devised for electron transfer between 
molecules, has been applied previously to electron transfer between wide band gap solids and redox 
molecules, including ZnO and PtO.34,40,41 Li2O2 is a wide band gap solid composed of discrete O2

2- 
molecules coordinated by Li+.5,42 The reorganisation energy (λ), can be modified by changing the 
electrolyte environment. λ is greater for glyme solvents containing TBA+ salts compared to alkali metal 
salts due to differences in dielectric constants.43 Plotting the ln keff as a function of ܧோெ , for various 
electrolyte compositions (ERM  measured for each electrolyte composition as described in the SI), 
where Li+ is increasingly replaced by TBA+, results in the Marcus volcano plots shifting to the right as 
the concentration of TBA+ increases (Fig. 2). According to Marcus theory (eq. 3), the apex of the 
volcano (the highest rate of oxidation) occurs when FΔE = λ, hence with increasing λ, the volcano 
shifts to more positive ERM. The broadening of the volcanoes is also consistent with an increase in λ.39 
These results further demonstrate that the kinetics of Li2O2 oxidation by RMs can be explained by an 
outer-sphere one electron transfer from Li2O2 to the RM+.  Our trend of rate vs. RM+ potential is in 
accord with the known behaviour of Li-O2 cells with mediators.25,29,36 We compare our results with 
kinetic studies by Ko et al. and Petit et al., and also with the trend of O2 evolution from mediated cells 
by Kwak et al., Fig. S6A.To further validate our observed trend, we used pressure monitoring, as 
described in the methods section, to measured O2 evolution during Li2O2 oxidation by TEMPO⋅BF4 and 
DMPZ⋅BF4, Fig. S6B. The pressure measurements show much more rapid O2 release with TEMPO than 
DMPZ, in contrast to the results of Petit et al. 

 

Thermodynamically, Li2O2 oxidation is possible for any mediator with a potential > +2.96 V, however, 
this does not answer the question of what overpotential is required for practical charging rates. Using 
a model for the porous cathode of a Li-O2 cell as shown in Fig. 3A and B, and described in more detail 
in the methods section, together with the keff and ERM determined for each mediator, galvanostatic 
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charging profiles were simulated to identify the limits of charging rate for mediated cells, assuming 
ideal Li+ transport in the electrolyte and no oxygen bubbling. The simulated galvanostatic charging for 
selected RMs are shown in Fig. S7. In each case the charging voltage was simulated as a function of 
the state of charge for different charging current densities and up to a cut off of +4 V. Towards the 
end of charging, when Li2O2 is depleted the total surface area of Li2O2 is diminished, the rate of Li2O2 
oxidation will slow and drive the potential up. This is why the potentials rise rapidly towards the end 
of charge and that 100% charging is not possible as it would require infinite potential. Higher current 
densities will result in earlier onset of polarisation, as shown in Fig. S7. In Fig. 3C we show the 
maximum rate of charge possible for different RMs to achieve 99.75% state of charge. Full details of 
the simulation can be found in the methods section. The rate of RM oxidation at the electrode surface, 
ko,het, and the mass transport of RM between the surface and the Li2O2 particles are fast, thus the rate 
limiting process is the RM+ oxidation of Li2O2. The results in Fig. 3C demonstrate that the lower voltage 
RMs can only sustain charging at low rates before polarising to +4 V; the maximum charging rates for 
DMPZ and TMPD to achieve > 99% charge capacity are ≤ 0.1 mA cm-2 (Fig. 3C). Whereas for high voltage 
mediators such as MAZO or TEMPO, charging at ≥ 40 mA cm-2 is possible. We qualitatively verify the 
results of the model by charging lab-scale Li-O2 cells connected to an on-line mass spectrometer. Fig. 
3F shows that a cell containing TEMPO can be charged and evolved significant oxygen. In contrast, Fig. 
3D and E shows that a cell containing DMPZ or TMPD only oxidizes the RM, without detectable release 
of oxygen. For these latter cells, although direct oxidation of Li2O2 at the electrode surface is possible, 
the electrodes are prepared by drop casting giving poor contact, coupled with the slow mediator 
kinetics and relatively small amounts of Li2O2 in an electrode, O2 evolution is suppressed below +4 V.44 
These results are consistent with other studies of Li-O2 cells, which also find that neither DMPZ nor 
TMPD are able to sustain high charging rates and high coulombic efficiency for O2.15,24,45

 We cannot 
replicate the conditions used in the simulation, specifically the current lack of a true gas diffusion 
electrode for an organic metal-air battery means that O2 is not transported efficiently through the 
thick porous electrode, resulting in Li2O2 accumulating at the air interphase, blocking the pores. The 
implication of our simulations and experiments is that to achieve high rates of charge, RMs with 
undesirably high charging voltages (poor round trip energy efficiency) are required. This highlight why 
it is important to understand the mechanism of RM+ oxidation of Li2O2 in order to guide the search for 
new RMs with high kinetics at low voltage.  

 

Singlet oxygen evolution and the reaction mechanism 

Oxidation of Li2O2 forms first LiO2 (eq. 2a), the latter then goes on to evolve O2 in the ground state 
triplet 3O2 or excited state singlet 1O2 by two pathways, oxidation of LiO2 (eq. 2b and c) or LiO2 
disproportionation (eq. 2d and e).22 Overall Li2O2 oxidation should lead to a charge to oxygen ratio e-

/O2
 = 2 , however, it has been reported for both unmediated and mediated charging that this value is 

often greater than 2, suggesting the occurrence of parasitic side reactions.46–48 Such parasitic reactions 
have been attributed to attack of the electrolyte solution and/or carbon cathode by reactive singlet 
oxygen (1O2).  The charging voltage has been shown to impact 1O2 yield (i.e. the percentage of 1O2/(1O2 
+ 3O2)).21,23 1O2 yields from charging a Li-O2 cell with RMs have been explored prior to this study.26 We 
quantify 1O2 yields by mixing Li2O2 with chemically oxidised redox mediators (RM+) in tetraglyme to 
understand the role of RM+ oxidation in 1O2 yield. This analysis also allows us to establish which of the 
steps in eq. 2 are limiting the rate of the overall oxidation of Li2O2, the first or second e- transfer or the 
disproportionation. The results are presented in Fig. 4. The amount of 3O2 was quantified using online 
mass spectrometry and 1O2 by capturing it in solution using 9,10-dimethylanthracene (DMA),21 a 
selective chemical trap that reacts rapidly with 1O2 to form DMA-endoperoxide, which is then 
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quantified using HPLC (Fig. 4A). The yield of 1O2 for each mediator is expressed as a percentage of the 
total O2 evolved and plotted as a function of ܧோெ in Fig. 4B. We note that our trend differs to that 
obtained by Petit et al.,28 thus we further validated the results using an alternative method employing 
nuclear magnetic resonance (NMR) spectroscopy, which can identify reacted DMA with greater 
chemical specificity than the UV-Vis method (Fig. S10). Full details of both methods can be found in 
the methods section. This data confirms the trend shown. To determine the yield of 1O2 that arises 
directly from the chemical disproportionation of LiO2 alone, KO2 was mixed with a tetraglyme solution 
containing Li+ and 6-crown ether, which induces spontaneous disproportionation of the former via eq. 
2d and 2e.49,50 This reaction offers the closest surrogate to that occurring in the lithium-air battery and 
has been used widely in the field, although we note it cannot fully recreate this reaction. The reaction 
yields 0.23% 1O2, represented by the pink dotted line in Fig. 4B. As seen in Fig. 4B, higher 1O2 yields 
than occur from disproportionation alone are observed for RMs between 3.2 to 3.5 V vs. Li+/Li whereas 
for RMs with ܧோெ ≥ 3.6 V a constant, potential-independent yield of 1O2 is observed, consistent with 
the yield from only chemical disproportionation.  

Consideration of the data shown in Fig. 1 and 4 together offers significant insight into the charge 
mechanism. We know from Fig. 1 that the rate determining step for Li2O2 oxidation is either the first 
or second 1 e- oxidation, i.e., either Li2O2  LiO2 or LiO2  1O2 or 3O2. In Fig. 4B, the 1O2 evolved in 
excess of that from LiO2 disproportionation must originate from the second e- transfer i.e. LiO2 
oxidation to form 1O2 (eq. 2c). Comparing the trend for keff in Fig. 1, the effective rate constant for the 
rate limiting step during Li2O2 oxidation, with the trend for the proportion of 1O2 formed in Fig. 4B, it 
is clear that the rate limiting step is not LiO2 + RM+  Li+ + 1O2 + RM. Since the potential corresponding 
to the maximum rate of Li2O2 oxidation, Fig. 1, is not coincident with the highest proportion of 1O2 in 
Fig. 4B. In fact, at the maximum keff, 1O2 is formed by disproportionation alone. Following a similar 
argument, we can rule out LiO2 + RM+  Li+ + 3O2 + RM as the rate determining step, as again the 
potential of the highest keff does not correspond to any increase in the proportion of 3O2 over that 
obtained from disproportionation alone. The rate limiting step is therefore the first e- oxidation of 
Li2O2;  ܴܯା + ଶܱଶ݅ܮ ⇆ ܯܴ + ଶܱ݅ܮ  + 

 ା(eq. 2a). The analysis of the 1O2 yields can also reveal the relative rates of the four second steps in݅ܮ  
the oxidation of Li2O2, i.e., steps represented by eq. 2b to 2e. The yield of 1O2 in Fig. 4B shows that the 
dominant O2 product is 3O2 and therefore the dominant 2nd step is one that forms 3O2 not 1O2. 
Considering the two routes for 3O2 formation, disproportionation and LiO2 + RM+  Li+ + 3O2 + RM (eq. 
2b and d), 3O2 is predicted to be 0.97 eV lower in energy than 1O2.20,51 Fig. 4B show LiO2 + RM+  Li+ + 
1O2 + RM occurs at ܧோெ of 3.2 to 3.5 V and the general shape of the curve suggests that mediated LiO2 
oxidation may also follow a Marcus relationship. Based on this assumption, LiO2 + RM+  Li+ + 3O2 + 
RM is expected to occur < +2.96 V vs. Li+/Li.  This means that LiO2 + RM+  Li+ + 3O2 + RM is already 
driven far to the right for all potentials at which Li2O2 is oxidised. The fact that we do not observe 3O2 
proportions greater than that from disproportionation despite the required thermodynamic potential 
for LiO2 + RM+  Li+ + 3O2 + RM, implies that the kinetics of this step is negligible. The reaction, RM+ + 
LiO2    RM + Li+ + 1O2 competes for LiO2 with disproportionation. With increasing RM potential, the 
rate of Li2O2 oxidation to form LiO2 increases, increasing the LiO2 concentration and decreasing the 
RM+ concentration, thus favouring LiO2 disproportionation. In short, the amount of LiO2 and RM+ 
available for RM+ + LiO2    RM + Li+ + 1O2 is not a constant, skewing somewhat the peak shown in Fig. 
4. 

In summary, we can conclude that the rate limiting step for Li2O2 oxidation is the outer sphere 1 e- 
oxidation of Li2O2 to LiO2, eq. 2a. Also, that the dominant 2nd step is 3O2 evolution by LiO2 
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disproportionation. The overall mechanism is shown in the schematic in Fig. 5. The values for the 
reorganisation energy, ߣ,  along with ELi2O2/ELiO2 and Zel are presented in Table S2 where they are 
compared with those from Petit et al. In line with the different trends in rate constant with RM 
potential between the present study and that of Petit et al, all the values are different.  

 

Implications for the Li-O2 battery 

The fundamental understanding of the Li2O2 oxidation mechanism presented here explains why within 
the current generation of mediators those that operate at a low potential and therefore good round 
trip energy efficiently, < +3.3 V, do not deliver sufficiently high charging rates. The mechanistic 
understanding also shows how new mediators might be designed to give high rates at low potentials, 
which is essential if Li-air batteries are to be realised. The optimal redox mediator is one that charges 
at a low potential, just sufficient to drive the reaction thermodynamically, i.e., approx. +3 V vs. Li+/Li, 
that does so with fast kinetics and with the minimum of reactive 1O2 formed. However, as is clear in 
Fig. 1, the highest rate is obtained at ERM of ca. +3.7 V, which does not fit the first requirement for a 
high rate at a low charging voltage. Given that the rate limiting step follows Marcus kinetics it is 
possible to show how fast kinetics at a low voltage might be achieved. Considering the Marcus 
equation (eq. 3), for a low voltage RM close to  ܧ௅௜మைమ, a low activation energy and hence fast kinetics 
of Li2O2 oxidation, keff is obtained by minimising the reorganisation energy λ.39,52–54 This directs future 
synthesis to RMs that undergo minimal structural change between oxidation states and to electrolytes 
with low dielectric constants. The former requires the reduced and oxidised forms of the mediator to 
have very similar sizes and molecular geometry, e.g. as found in some large delocalised electron 
molecules. Our computational modelling shows that RMs with intermediate redox potentials of +3.4 
V can achieve charging rates of 1 mA cm-2. Hence a relatively small reduction in λ may allow practical 
charging rates to be achieved at low voltage, closer to +3 V.  

 

However, while searching for such mediators is desirable it may not be sufficient. λ also contains a 
contribution from the Li2O2 surface and while different facets of the Li2O2 crystal may exhibit different 
λ they are intrinsic to the material. The analysis here implies that it may be necessary to seek redox 
mediators that operate by an inner sphere mechanism, to achieve higher rates than can be obtained 
solely by minimizing the reorganizational energy of the mediator. In other words, adsorb onto the 
surface, interacting with it and opening the possibility of circumventing the limitations of outer sphere 
and hence Marcus behaviour. Furthermore, the analysis described here shows that formation of 
reactive 1O2 reaches a maximum for RMs with ERM of approx. +3.45 V, but drops near to the baseline 
value of 1O2 formation, (i.e via disproportionation), when below +3.2 V. Therefore, a RM with the 
desirable low voltage will also minimise the amount of 1O2 formation. It is interesting to note that for 
RMs operating at potentials which generate the maximum amount of 1O2, approx. +3.45 V, the e-/O2 
ratio is close to 2 (TTF, +3.39 V, e-/O2 = 2.03-2.06)15 and very similar to the e-/O2  for mediators 
operating at potentials where the 1O2 yield is low, e.g. TEMPO (+3.77 V, e-/O2 = 2.05)55 In addition, it 
is well known that degradation and side reactions during charging of a Li-O2 cell occur most 
significantly above 3.6 V when 1O2 release is lowest.23,46,56 These results imply that 1O2 may not be the 
major source of parasitic side reactions on charging, and the role of superoxide and CO2 which are 
known to cause capacity fade, should not be underestimated.57,58  
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Figure Legends/Captions 

 

Figure 1. Kinetic analysis showing that RM mediated oxidation of Li2O2 follows Marcus kinetics. A) Schematic 
representation of ultramicrodisk electrode (UME) used for the scanning electrochemical microscopy (SECM) set-
up with molecular structures and redox  potentials (ERM) of the RM. B) SECM approach curves to Li2O2 for selected 
redox mediators plotted on dimensionless axes (as per standard practice in SECM analysis, line: experimental 
data, dots: model fitting).27,37 Data for other RMs can be found in Fig. S1 in the Supplementary Information. C) 
Marcus plot of ln keff as a function of ERM in 0.1 M LiTFSI in tetraglyme. Error bars represent 1 standard deviation 
from an average of three measurements. The dotted line is the fit to the data by the Marcus equation using the 
least-squares method (ELi2O2 = +3.41 V, λ = 0.322 eV and Zel = 0.00495, R2 = 0.98) 

 

Figure 2. Li+ concentration affects kinetics of Li2O2 oxidation consistent with Marcus theory. Plot of ln keff (RM+ 
reaction with Li2O2) as a function of  ܧோெ , for varying ratios of TBA+:Li+ while total concentration TFSI- in 
tetraglyme is kept constant. Error bars show 1 standard deviation from an average of three measurements. The 
dotted line is the fit to the data by the Marcus equation using the least-squares method. 
 

Figure 3. Simulations of lithium-O2 cell charging, showing that low voltage RMs cannot sustain moderate 
charging rates. A) Schematic representation of the porous cathode model used to calculate galvanostatic 
charging of a lithium-air battery with RMs; porous carbon gas diffusion electrode 100 μm thick with 40% of the 
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internal electrode volume filled with 400 nm diameter Li2O2 particles at the beginning of charge. B) The particle 
size decreases as oxidation proceeds. C) Maximum charging rate (Imax.) that reaches 99.75% state of charge as a 
function of RM’s ERM according to the cathode model in Fig. 3A. Further details of the simulations can be found 
in the SI and the data is tabulated in Table S1. D), E) & F) Experimental galvanostatic charging profiles of 
Li-O2 cathodes pre-loaded with Li2O2, electrolyte 1 M LiTFSI in tetraglyme with 10 mM DMPZ (D), 10 
mM TMPD (E), and 10 mM TEMPO (F) coupled to on-line mass spectrometry for detection of evolved 
oxygen. Cells were charged at 0.065 mA cm-2. Galvanostatic charging at a higher current of 0.3 mA cm-

2 is reported in Fig. S8 and shows the same behaviour. The black dotted line presents O2 flux expected 
from oxidation of Li2O2 to O2 (2e-/O2). Data on additional mass fragments can be found in Fig. S9. 

Figure 4. Relationship between RM redox voltage and singlet oxygen yield. A) Singlet oxygen yields (percentage 
of 1O2/(1O2 + 3O2))  from different RMs as a function of their redox potential (ERM) and comparison with that 
from LiO2 disproportionation (dotted line). Error bars represent 1 standard deviation from an average of three 
measurements. See Table S1 for tabulated values. B) Example of online mass spectrometry of gaseous products 
(3O2 in black and CO2 in red) from sampling headspace of the reaction vessel in the case of TEMPO+ reaction with 
Li2O2. C) HPLC analysis from sampling the liquid solution of from the completed reaction in C). The solution 
contains DMA, which is added and reacts irreversibly with 1O2 to form DMA-O2, which is detected by HPLC. 
 

Figure 5. The first e- transfer step to oxidize Li2O2 is the rate determining step. Schematic illustration of the 
reaction mechanism of RM facilitated Li2O2 oxidation. The thicknesses of the arrows correspond to the relative 
rates of reaction. 
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Bis(trifluoromethane)sulfonimide lithium salt (LiTFSI, 99.99%, Sigma Aldrich) was dried under vacuum 
at 120 oC for 24 hours. Tetrabutylammonium Bis(trifluoromethane)sulfonimidate (TBATFSI, >99% 
Sigma Aldrich) was dried under vacuum at 70 oC for 48 hours. Tetraethylene glycol dimethyl ether 
(tetraglyme, > 99%, Sigma Aldrich) was distilled over benzophenone and sodium and left to dry with 
freshly activated molecular sieves for at least 5 days before use. The water content of all electrolytes 
was quantified to be below 10 ppm by Karl-Fisher titration. Redox mediators 2,2,6,6-tetramethyl-1-
piperidinyloxy (TEMPO, 99%, Sigma-Aldrich), 4-methoxy-2,2,6,6-tetramethyl-1-piperidinyloxy (M-
TEMPO, 97%, Sigma-Aldrich) 1-methyl-2-azaadamantane-N-oxyl (MAZO, 97%, Sigma-Aldrich), N-
methylphenothiazine (MPT, 98%, Sigma-Aldrich), 10-isopropylphenothiazine (PPT, 98%, Sigma 
Aldrich), ferrocene (Fc, 98%, Sigma-Aldrich), tetrathiafulvalene (TTF, 97%, Sigma-Aldrich), N,N,N′,N′-
tetramethyl-p-phenylenediamine (TMPD, 99%, Sigma-Aldrich) and 5,10-dihydro-5,10-
dimethylphenazine (DMPZ, 99%, TCI), Phenothiazine (PT, >98%, Merck) and 1,5-dimethyl-9-
azanoradamantane N-oxyl (DMN-AZO, 95%, Fujifilm Wako) were used as purchased. 3,7-dibromo-10-
ethylphenothiazine (DBrEPT, >99%) was synthesized according to a literature procedure.59 5,10,15,20-
Tetraphenyl-21H,23H-porphone (TPP, >99%, Sigma-Aldrich) and 9,10-Dimethylanthracene (DMA, Alfa 
Aesar, 99.9%) were used as purchased. Selected redox mediators were chemically oxidised following 
established methods.60–63 The Li2O2 was synthesised in-house by following established methods.64 
H2O2 (30% wt., 99.999% purity trace metal basis, Sigma Aldrich) was added dropwise to LiOH (99.999%, 
Sigma Aldrich) solvated in distilled methanol with rapid stirring. The white precipitate was filtered and 
washed with more distilled methanol and left to dry under vacuum at 70 oC for at least 48 hours. XRD 
analysis confirmed formation of Li2O2 (Fig. S11), and KMnO4 titration estimates > 99% purity compared 
to 94% for commercially purchased Li2O2 (technical grade, Sigma Aldrich). Li2O2 powder was pressed 
into 6 mm diameter disks with a die set at 1 tonne pressure. All synthesis and disk pressing were 
conducted in a nitrogen glovebox with < 1 ppm H2O and O2.  

 

Electrochemical analysis 

All electrochemical measurements and electrolyte preparation were conducted in a nitrogen glovebox 
with < 1 ppm H2O and O2. A commercial scanning electrochemical microscopy (SECM) set-up (CH 
Instruments model 920D, CH Instruments, USA) was used with a 12.5 μm Au microdisk working 
electrode and fritted partially delithiated LiFePO4 (LFP) counter and reference electrodes (two 
separate electrodes). The Rg factor of the working electrode was determined by comparing the ratio 
of steady-state currents at a sharpened electrode to that obtained at an equivalent non-sharpened 
electrode following the methodology by Cornut.37 The effective reaction constant (keff) for the reaction 
between the RMs and Li2O2 was determined by measuring the current as a function of electrode-Li2O2 
disk distance. The microdisk electrode approach speed was 1.5 μm per second. This approach curve 
was fit using an analytical model developed by Cornut (eq. 4a-d).37,38,65 The modelling is carried out 
using dimensionless variables as is standard in SECM analysis. I୬ is the electrode current divided by 
the steady state current at large electrode-Li2O2 distances, L is the electrode-Li2O2 distance divided by 
the electrode radius (r), and Λ is the dimensionless rate constant for the reaction of Li2O2 with RM 
given by eq. S4d and D is the diffusion coefficient of the RM. 
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I୬ = α൫R୥൯ + ஠ସஒ൫ୖౝ൯୅୰ୡ୘ୟ୬ቀ୐ାభ౻ቁ + ൬1-α൫R୥൯- ଵଶஒ൫ୖౝ൯൰ ଶ஠ArcTan ቀL + ଵஃቁ +
ۇۉ

మ.బఴ౎ౝబ.యఱఴቆై-బ.భరఱ౎ౝ ቇశభ.ఱఴఱమ.బఴ౎ౝబ.యఱఴ൫ైశబ.బబమయ౎ౝ൯శభ.ఱళశౢ౤౎ౝై శ మಘ౎ౝ ౢ౤൬భశಘ౎ౝమై ൰ۊی-ଵ
(ଵାଶ.ସ଻ୖౝబ.యభ୐ஃ)(ଵା୐బ.బబల౎ౝశబ.భభయஃ-బ.బమయల౎ౝశబ.వభ)     (eq. 4a) 

α൫R୥൯ = ln 2 + ln 2 ൬1- ଶ஠ArcCos ଵୖౝ൰ -ln2൭1-ቆଶ஠ ArcCos ൬ ଵୖౝ൰ቇଶ൱  (eq. 4b) 

β൫R୥൯ = 1 + 0.639 ൬1- ଶ஠ArcCos ଵୖౝ൰ -0.186 ൭1-ቆଶ஠ ArcCos ൬ ଵୖౝ൰ቇଶ൱ (eq. 4c) 

Λ = ୰୩౛౜౜ୈ          (eq. 4d) 

 

The diffusion coefficients of redox mediators were calculated from microdisk steady-state 
chronoamperometry. Redox potentials of the redox mediators (ERM) were estimated by fitting 
microdisc voltammetry data using commercial DigiElch 4F simulation software (Elchsoft, Germany) as 
shown in Fig. S4, and the resulting values are given in Table S1.  

  

For experiments with varying Li+ and TBA+ content in the electrolyte, the total TFSI- concentration was 
kept constant at 400 mM, ERM were measured in each solvent composition. The average radius of the 
RM molecules, a , was estimated by calculating the van der Waals volume following the cited 
procedure and by approximating that RMs have a spherical shape and the resulting values are given 
in Table S1.66 The variation in average molecular radii is small, hence λ୉୘ from the Marcus equation, 
5, is similar for RMs studied here.39 

 

 

The Marcus equation, eq. 3, was fit to the kinetic data using a least-squares method. The fit values for 
λ is 0.322 eV and Zel is 0.00495, and the correlation between Marcus plot and experiments R2 is 0.980 
(values are tabulated in Table S2). The fit value for ELi2O2 = +3.41 V, which is within the range of 
simulated ELi2O2/LiO2 voltage range found in literature.67 We note that Petit et al. used ELi2O2/O2 , but this 
assumes a direct 2-electron transfer from Li2O2 to form O2 whereas oxidation occurs via step-wise 
single electron transfers due to 2-electron transfer steps having high kinetic barriers.68

   

Oxygen evolution measurements for kinetic analysis 

A custom-made stainless-steel pressure cell, illustrated in Fig. S5A was constructed to measure the 
rate of oxygen evolution when solid Li2O2 is mixed with solutions of pre-oxidised redox mediators. This 
method was used for RMs whose kinetics were too slow to be measured by SECM. The reaction 
chamber which is sealed from the main body of the cell by a valve, contained a saturated solution of 
RM+ and additional solid RM+ which was added to maintain a saturated RM+ concentration in solution 
during reaction with Li2O2. Sufficient Li2O2 was added into the main body of the pressure cell, to 
maintain a relatively constant reaction surface area during the reaction. The pressure cell was placed 
in a temperature-controlled incubator set to 298 K and allowed to equilibrate prior to opening the 

ா்ߣ = ݁଴ଶ4߳ߨ଴ ቆ 1߳௢௣ − 1߳௦ቇ 12ܽ .ݍ݁)        5)  
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valve to mix the RM+ solution with Li2O2 to initiate the reaction. During reaction, the mixture was 
stirred rapidly using a stirrer bar while the pressure is measured with a pressure transducer (PX409, 
Omega Engineering).  Representative results are shown in Fig. S5C and D. The rate of reaction is 
proportional to the pressure-time gradient. This gradient is normalised by the concentration of RM+ 
in solution and mass of Li2O2 and replotted in Fig. S5B.  The normalised pressure-time gradient is 
converted to keff values using TEMPO as the calibration. The keff values from pressure measurements 
are in good accord with the trends from SECM experiments, as shown in Fig. S5E. 

 

Gas diffusion electrode (GDE) electrochemical model 

The electrochemical model developed for this work serves as a tool to evaluate the effect on the 
electrochemical performance of different redox mediators at a cell scale, elucidating intrinsic 
limitations given by different mediators' kinetics and transport properties determined with 
experimental measures throughout this work (such as diffusion coefficient and keff shown in Table S1). 
The electrochemical model for a gas diffusion electrode (GDE) is illustrated in Fig. 3A in the main text. 
The cathode is modelled based on parameters for binder-free carbon paper used in a prior study69 
while the anode is considered ideal. The model used to simulate the electrochemical behaviour and 
mass transport was coded in Comsol Multiphysics software. The general molar balance equation for 
species i (Li+, TFSI-, RM, RM+ and e-) is shown in eq. 6, where ci is the species molar concentration and 
ε is the porosity, which increases with time upon Li2O2 oxidation. Generalised Poisson-Nernst-Planck 
(PNP) equations are used to compute species fluxes (N୧), taking into account diffusion, migration and 
convection due to electrolyte displacement. Galvanostatic charging voltage profiles are simulated by 
setting a rate of species consumption and/or production along the thickness of the electrode, 
according to their stoichiometric coefficient (νi,j), as a consequence of the mediator oxidation reaction 
(eq. 7a) and Li2O2 oxidation (eq. 7b, which is equivalent to eq. 1). The electrode voltage, concentration 
changes and resulting molecular flux are simulated as follows. The volumetric reaction rate of redox 
mediator oxidation ൫Rሶ ୦ୣ୲୴ ൯ is represented by Butler-Volmer kinetics (eq. 8), where ko,het is the charge-
transfer kinetic constant, sୣ୪୴  the electrode specific surface area per unit volume, α is the transfer 
coefficient and ηact the activation overpotential, which depends on the electrode and electrolyte 
potentials (φel and φey). The volumetric Li2O2 oxidation reaction ൫Rሶ ୣ୤୤୴ ൯ follows elementary reversible 
chemical kinetics (eq. 9), where s୐୧మ୓మ୴  is the specific surface area of Li2O2 particles (which shrink with 
time), a୐୧శ  is the activity of Li+ and Kୣ୤୤ୣ୯  is the equilibrium constant of Li2O2 oxidation. Oxygen transport 
is assumed to be fast such that there is no accumulation of oxygen bubbles: similarly, Li+ and TFSI- 
transport are assumed to be fast to neglect ohmic losses in the electrolyte to emphasize the intrinsic 
limitations of mediator kinetics. The simulations are run until the voltage limit of +4 V is reached. A 
range of galvanostatic charging currents are tested to find the maximum current that allows 99.75% 
conversion of Li2O2 into O2 within this voltage limit. 

 பப୲ (εc୧) + பப୶N୧ = ∑ ν୧,୨R఩୴ሶ୨     (eq. 6) RM ⇆ RMା + e-     (eq. 7a) ଵଶ LiଶOଶ + RMା ⇆ Liା + ଵଶOଶ + RM   (eq. 7b) Rሶ ୦ୣ୲୴ = sୣ୪୴ k୭,୦ୣ୲cୖ୑శ(ଵ-஑)cୖ୑஑ ቄexp ൬(1-α) ୊ୖ୘ ηୟୡ୲൰ -exp ቀ-α ୊ୖ୘ ηୟୡ୲ቁቅ  (eq. 8a) 
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ηୟୡ୲ = ϕୣ୪-ϕୣ୷-Eୖ୑ + ୖ୘୊ ln ൬ ୡ౎౉ୡ౎౉శ൰     (eq. 8b) 

Rሶ ୣ୤୤୴ = s୐୧మ୓మ୴ kୣ୤୤ ൬cୖ୑శ- ୡ౎౉୏౛౜౜౛౧ a୐୧శ൰    (eq. 9) 

 

On-line electrochemical mass spectrometry measurement  

An in-house constructed two compartment cell, where the anode and cathode compartments are 
separated with a Li-conducting ceramic (Ohara) was used for the on-line electrochemical mass 
spectrometry (OEMS) measurements. The cathode compartment of the cell was continuously fluxed 
with Ar gas, controlled with a mass flow controller, which is then passed into a mass spectrometer to 
detect gaseous products. The cathodes were fabricated by mixing Li2O2, Ketjen black carbon and PTFE 
(4/4/2 weight ratio) to obtain a dry paste. The paste was pressed into pellets with a 7 mm diameter 
die set, to provide a mass loading of 12 mg/cm2. The pellets were then pressed onto stainless steel 
mesh current collectors. All the above-mentioned fabrication procedures were conducted in an Ar-
filled glovebox. Li metal pellets were used as anodes. 1 M LiTFSI in tetraglyme was used as the anolyte 
and 1 M LiTFSI in tetraglyme containing 10 mM of redox mediator (TEMPO, TMPD or DMPZ) was used 
as the catholyte.  

The mass spectrometer was quantitatively calibrated using standards of known gas content. 
Quantification methodology involves estimating the fraction of gas in the sample by comparing the 
ionic flux detected from the sample gas to the calibration standard. Gas fraction is converted into 
moles per minutes by multiplying the flow rate and using the ideal gas law to convert from volume to 
moles.  

 

Experimental determination of kinetics of superoxide oxidation 

A saturated solution of KO2 is made by stirring solid KO2 in tetraglyme for an hour and filtering to yield 
a clear yellow solution. A known concentration of DMPZ+ (prepared following the method described 
above) was added to the saturated KO2 solution with rapid stirring while measuring UV-Vis in-situ 
(Oceanoptics DH-2000 with Deuterium-Halogen light source and Oceanoptics flame miniature 
spectrometer) to track the change in DMPZ+ concentration as it oxidises KO2. The rate of change in 
DMPZ+ concentration is proportional to the rate of reaction. In order to study the effect of cation 
coordination on superoxide reactivity, this measurement was repeated with the addition of 18-crown-
6-ether, which is known to bind strongly to K+. All measurements were carried out in a nitrogen 
glovebox with < 1 ppm H2O and O2. 

 

Stability of TEMPO⋅BF4 

Solid TEMPO⋅BF4 is synthesized following a literature method.28 This is dissolved in 0.1 M LiTFSI 
tetraglyme to make up 10 mM TEMPO⋅BF4 solution. This solution is aged for varying lengths of time 
before adding to Li2O2 stored in a stoppered vial with a gas inlet and outlet through which argon flowed 
at a rate of 0.35 mL min-1 before passing to an on-line mass spectrometer to evaluate the triplet 
oxygen evolved.  
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Singlet oxygen quantification by HPLC 

Synthesised Li2O2 (> 99%) and oxidised RM were added to a stoppered vial with a gas inlet and outlet 
through which argon flowed at a rate of 0.35 mL min-1 before passing to an on-line mass-spectrometer 
to evaluate the triplet oxygen evolved. No oxygen evolution was observed when mixing the solid 
reactants. The reaction was initiated by injection of tetraglyme (which dissolves the mediator) 
containing 30 mM 9,10-dimethylanthracene (DMA),21 which reacts rapidly with 1O2 to form 9,10-
dimethylanthracene-endoperoxide (DMA-O2) in solution. The reaction mixture was stirred using a 
magnetic stirrer bar. UV-Vis spectra of DMA and DMA-O2 is shown in Fig. S12. Organic endoperoxides 
are known to convert back to 1O2 and DMA when heated at 60 0C and above.70,71 All DMA and DMA-
O2 were handled at room temperature with minimal exposure to light.  
 
The amount of triplet oxygen (3O2) released was quantified from the mass spectrometry. Following 
the procedure developed by Freunberger et al., 1O2 released was determined by quantification of 
DMA-O2 by High-Performance-Liquid-Chromatography (HPLC) with a UV-vis detector (1200 series, 
Agilent Technologies), calibrated using DMA-O2 solutions of known concentration.21 Standard DMA-
O2 solutions were made by exposing DMA solution to singlet oxygen generated by 5,10,15,20-
Tetraphenyl-21H,23H-porphine sensitizer (TPP, < 1% concentration of DMA) excited with a 660 nm 
light source for several hours while bubbling dried 3O2 (N5.0 grade, BOC). As it is possible for 1O2 to be 
quenched by other chemical and physical pathways rather than reaction with DMA, 1O2 amount 
quantified using this method can only be taken as the minimum amount, as such it is only used to 
evaluate the trend in 1O2 formation.  
 
It is known that LiO2 is thermodynamically unstable, so to quantify 1O2 formation during LiO2 
disproportionation, so we follow well-established methods starting with KO2 precursor.72,73 1.5 to 15 
mg of KO2 is weighed into a sealed and air-tight vial connected to an on-line mass spectrometer. 1.5 
ml of 1 M LiTFSI with 0.1 M crown-6-ether and 30 mM DMA in tetraglyme is injected into the vial with 
rapid stirring. 3O2 release is quantified with online mass spectrometry, while 1O2 is captured by DMA 
which is quantified using HPLC. 1O2 yield is calculated following 1O2/ (1O2 + 3O2). This is repeated three 
times with varying amounts of KO2, to get an average 1O2 yield and the associated standard error.  
 
 
Singlet oxygen quantification by NMR 

The evolution of 1O2 during Li2O2 oxidation by RMs was studies with DMA and nuclear magnetic 
resonance (NMR) spectroscopy (υ0 = 600.13 MHz, with a proton-optimised TCI HCN cryoprobe). For 
NMR samples, 60 mM DMA in tetraglyme was injected onto a vial containing an excess of in-house 
synthesised of Li2O2 and RM+ (equivalent to 10 mM) with stirring throughout the reaction. 3O2 
evolution was monitored by on-line mass-spectrometry, and the solutions were filtered once O2 
evolution ceased. Following the literature,18 DMA was used to detect 1O2 through formation of DMAO2. 
We note that DMAO2 is known to form DMA(OH)2 in the presence of protons, and this can be detected 
in the NMR as deshielded aromatic -CH resonances at 8.5 and 7.7 ppm, Fig. S10a and b). The -OH 
groups are observed as broadened density at 6.5 ppm, consistent with -OH groups neighbouring 
aromatic systems and a singlet at 1.0 ppm is observed for the methyl groups. The isolation of these 
aromatic resonances and lack of obstruction from the neighbouring DMA peaks and their 13C satellites 
means they can be accurately integrated to determine the concentration of the DMA(OH)2. The lower 
detection limit using this high-field NMR experiment with a 1H-optimised cryoprobe and an 18-hour 
quantitative (T1 = ~3 s, D1 = 30 s, π/2 direct observe experiment) experiment is 2 µM. These experiments 
show only 0.10 % 1O2 in the TEMPO+ samples. In contrast, NMR analysis of low voltage RMs suggests 
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3.69 % and 12.5 % 1O2 from Li2O2 oxidation by TMPD+ and TTF+, respectively. These values are 
tabulated in Table S1 for comparison with HPLC data. While the absolute values of singlet oxygen yield 
obtained from HPLC and NMR are not identical (noting that the latter detects both DMAO2 and 
DMA(OH)2, the trends agree in that low voltage RMs evolve more singlet oxygen than high voltage 
RMs from both methods, confirming that the trend shown in Fig. 4 is correct. 

 

Data availability 

Data supporting the main findings of this work are available within the Article and Supplementary 
Information. Source data are provided with this paper. 

 

Code availability 

The Comsol code for gas diffusion electrode electrochemical model simulations is available as a 
compressed file as Supplementary Code 1. 
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