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Supporting Information 

Experimental 

 Li-O2 cells with slight variations in design and material were employed in three different 

laboratories for this work, but all show consistent results. Figures 2, 3 and 6 were performed in 

one lab, Figure 1, 5, 7 and 8 in another, and Figure 4 in a third, but key experiments were 

repeated in all labs to confirm consistency.  In order to provide specific repeatability, we will 

discuss specific cell materials, cathode preparation, and cell assembly pertaining to the data from 

Figures 2, 3 and 6. 

Materials. Lithium iodide was purchased from Sigma Aldrich and was dried under vacuum in a 

heated glove box antechamber at 150 °C for 24 hours before use. Lithium bis(trifluoromethane) 

sulfonamide (LiTFSI) and 1,2-dimethoxyethane (DME) were purchased from BASF and used as 

received. PTFE (both 60 wt% dispersion in H2O and 1 µm particle-size powder) was purchased 

from Sigma Aldrich. Vulcan XC72 was purchased from Fuel Cell Store and was filtered through 

a 60-mesh screen. Ketjenblack® (KB) was received from Toyota. T316 stainless steel 120 mesh, 

with wire diameter 0.0026”, was purchased from TWP Inc. Research-grade oxygen and argon 

were purchased from Praxair. 99% 18O2 was purchased from Sigma Aldrich. 90% H2
18O was 

purchased from Cambridge Isotopes. Water used to contaminate the electrolytes was ultrapure 

(18.2 MΩ cm, Millipore). All electrolyte and cell preparation was carried out in an argon glove 

box with < 0.1 ppm O2 and <0.1 ppm H2O. Water was quickly and carefully added to 

electrolytes in the glovebox via micropipette.  Graphene oxide was prepared via the oxidation of 

graphite (Alfa Aesar), and reduced it to rGO according to the procedure previously reported by 

Grey et al; the material was centrifuged in the initial washing steps. 

Cathode Preparation. The XC72 cathodes used for Figure 6 were prepared via a similar method 

to that described previously.1,2 A mixture of 3:1 w:w ratio of Vulcan XC72 to PTFE binder in 

isopropanol (IPA) and water (4:1 water:IPA; and 15 mL total for 400 mg C) was sonicated for 30 

seconds and homogenized for 6 minutes. A Badger model 250 air-sprayer was used to spray the 
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slurry onto a piece of stainless steel mesh roughly 4.5” square, which was rinsed with IPA and 

acetone and dried at 150°C for ten minutes prior to use. After letting the carbon air-dry, 12 mm 

diameter cathodes were punched out, rinsed with IPA and acetone, and dried at 150 °C under 

vacuum for at least 12 hours. The cathodes were then transferred, while hot, into the glove box, 

and stored on a hot plate at 200 °C. 

The KB carbon cathodes were all prepared via a similar slurry method. First, 20 mg of 

PTFE powder was added to 500 µL of IPA and sonicated for at least 1 hour. Second, a volume of 

this solution was mixed with four times its volume of ethanol and added to a vial containing 

lightly ground KB such that the final mixture was 85:15 w:w KB to PTFE. This mixture was 

sonicated and stirred for five minutes, three times each, until thick but flowing. If the mixture 

was too thick or started to dry out, more ethanol was added (usually about a couple of milliliters). 

The mixture was then spread over 12 mm diameter pieces of stainless steel mesh that had been 

cleaned with IPA and acetone and dried at 150°C. These were left to dry in a fume hood for 12 

hours, and then were dried at 150 °C under vacuum for at least 12 hours and transferred hot to 

the glove box, similarly to the XC72 cathodes. 

Cathode carbon loadings are identified in Figure captions. Each set of data (high LiI 

DEMS, low LiI DEMS, titrations, etc.) used cathodes from the same batch with similar loading. 

Cell Assembly. Li-O2 cells following the same hermetically sealed Swagelok design as described 

previously were built in an argon glove box with < 0.1 ppm H2O and O2.
3 Cells consisted of 7/16” 

diameter pure lithium metal, 1/2” diameter Whatman QMA glass fiber as a separator, electrolyte, 

and a 12 mm diameter cathode of XC72 or KB carbon, with PTFE binder, on stainless steel mesh. 

Either 80 or 160 µL of electrolyte of varying concentrations of LiI, LiTFSI, and water in 

nominally anhydrous DME were added to each cell. Cells employing 80 µL contained one glass 

fiber separator; cells employing 160 µL contained two. The cells had a headspace of 

approximately 1.5 mL, which were discharged starting with a headspace of ~1.5 atm pure O2, 

and charged starting with a headspace of ~1.2 atm Ar. 

Gas Quantification. To quantify oxygen consumption and gas evolution as shown in Figures 2 

and 6, cells were attached to a differential electrochemical mass spectrometry (DEMS) setup 

with a pressure transducer within the closed cell headspace, as described previously.3  

On discharge, oxygen consumption was quantified via pressure decay of a known cell 

headspace volume. Cells containing ≥2000 ppm of water showed a discernible pressure increase 

at open circuit potential due to hydrogen evolution from the water reacting with the lithium 

anode. Cells were left at open circuit potential for 30 minutes prior to discharge and 30 minutes 

after discharge to record the pressure rise. An average of these rises was substracted from the 

pressure decay to obtain a corrected pressure change during discharge. Pressure rise was only 

ever witnessed before and after a 4e-/O2 process, never before or after a 2e-/O2 process (as that 

meant, in these cells, that the water had been used up in the electrochemical formation of LiOH). 
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Therefore, if a battery showed a switch from a 4e-/O2 process to a 2e-/O2 process in the middle of 

the discharge, it was approximated that the onset of the 2e-/O2 process was where the open 

circuit potential pressure rise ceased. 

Of note, hydrogen evolution, and thus the reaction between water and the lithium metal 

electrode, is negligible for cells with low water contents (<2000 ppm). We do not see an increase 

in pressure over 30 minutes, with a resolution of +/- 0.2 torr. An increase in pressure of 0.2 torr 

over 30 minutes would correspond to a rate of 0.001 µmol/min. The actual rate of H2 

evolution/LiOH formation will consistently decrease during discharge as water is consumed at 

both the anode and cathode, such that over the course of a 10 hour discharge (100 µA to 1 mAh), 

at most 0.6 µmol of LiOH could be formed at the lithium metal electrode. 

For cells containing high water contents, the amount of LiOH formed at the lithium metal 

electrode is much smaller than that electrochemically formed at the positive electrode. Of the 

battery compositions studied, a battery containing 160 µL of electrolyte with 5000 ppm H2O 

exhibited the most LiOH formation at the lithium metal electrode, as evidenced by hydrogen 

evolution at open circuit potential. This was confirmed via DEMS and then quantified via 

pressure measurements of a closed headspace. The initial rate of water consumption at the 

lithium metal electrode to form LiOH in these cells was 0.0088 µmol/min. Over the course of a 

10 hour discharge (100 µA to 1 mAh), this corresponds to approximately 5.3 µmol of 

chemically-formed LiOH at the anode. We expect substantially less LiOH formation than this at 

the anode, as no H2 evolution was observed after a discharge, indicating that the LiOH formation 

rate at the anode decreases to undetectable values during the discharge. At the cathode, these 

high water content batteries exhibit 37.3 µmol of LiOH formation. Thus, electrochemical 

formation of LiOH at the cathode is clearly the dominant source of LiOH in these high water 

content cells. 

On charge, gas evolution was quantified by regularly pulsing 500 µL of the cell 

headspace to the mass spectrometer to obtain the ratio of gas compositions in the cell headspace. 

Again, the cell headspace at the beginning of charge was pure argon. Whenever a cell was 

charged with the mass spec, an identical cell was charged with simple pressure rise 

measurements to verify that the gas evolution from the mass spec (O2, H2, CO2) matched the 

observed pressure rise. 

Titrations for LiOH and Li2O2 Quantification. To prepare cells for titration as shown in Figure 

3, immediately upon completion of the desired discharge or charge, cell headspaces were 

replaced with argon and the cells were capped and brought into the argon glove box. The 

cathodes and separators were extracted from each battery and placed in a 20 mL septum vial. 

Vacuum was pulled on these vials for roughly 3 minutes to remove residual electrolyte before 

tightening the septa and removing the vials from the glove box for titration of the contents.  
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 The titration protocol, as described previously,2 began by injecting 2 mL of ultrapure 

water (18.2 MΩ cm, Millipore) through the septum to react Li2O2 into LiOH and H2O2. An 

acid/base titration was then performed to quantify basic products, including LiOH. 

Phenolphthalein was added as an indicator and hydrochloric acid was used as a titrant. An 

iodometric titration was subsequently and immediately performed to quantify H2O2. This 

titration employs potassium iodide, sulfuric acid, and a molybdate catalyst solution to create I2 

and sodium thiosulfate as a titrant for I2. Indicator (starch) was added near the endpoint. 

There are three sources of base for the acid/base titration: LiOH formed 

electrochemically, LiOH formed via the reaction of Li2O2 with water in the titration protocol, 

and basic decomposition products. As seen in Figure 3, on discharge, all three sources were 

uncoupled. The quantity of basic decomposition products was estimated as 24% of the quantity 

of Li2O2 formed, a consistent value for identical cells without lithium iodide. The quantity of 

electrochemically formed LiOH was therefore the total amount of base titrated minus the 

quantity of basic decomposition products and the stoichiometric amount of LiOH formed from 

reacting the titrated value of Li2O2 with water. On charge, the basic decomposition products and 

electrochemically formed LiOH cannot be decoupled, as the fate of the basic decomposition 

products on charge is unknown. 

As the iodometric titration is based on quantitatively titrating I2, I2 formation from the I3
-

/I2 redox couple at high charge voltages is a false positive that makes the titration not applicable 

after high charge voltages, such as in Figure 3 at point iv. 

Electrode X-Ray Diffraction. XRD measurements were carried out using a Bruker D-8 Advance 

diffractometer employing Cu-Ka radiation (λ = 1.5406 Å). Samples were mounted on a silicon 

low-background holder using a moisture-protective barrier. 

Scanning Electron Microscopy. Cathodes were removed from cells after cell completion. The 

cathodes were washed with THF, dried under vacuum and mounted onto SEM stubs with double 

sided carbon tape in a hermetically sealed argon-filled box. Transfer from the glovebox to the 

SEM was performed with minimal (i.e., 1 sec) exposure to the atmosphere upon placement into 

the SEM load-lock chamber. Analysis was performed with a Zeiss Ultraplus FESEM. 

LiIO3 Detection. For quantitative determination of LiIO3, a modified version of the iodometric 

titration for Li2O2 was used. Once electrodes + separators were removed from the cell, washed 

with THF, and dried, the entire contents were placed into ~ 5 mL of H2O (exact volume known 

via mass balance). Coarse MnO2 powder was added to the solution and stirred with the cell 

contents for approximately 2 hours. The addition of Li2O2 to H2O produces H2O2, which is then 

oxidized on the surface of MnO2 to give O2 + H2O. Hence, after 2 hours, the entirety of H2O2 

was oxidized, and what remains is LiOH and LiIO3 dissolved in a known volume of H2O.  

The entire contents were then filtered 3 times through a 0.2 µm syringe filter to fully remove 

MnO2. MnO2 is a false positive for this measurement, and thus mock experiments were 
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performed to ensure that all MnO2 is removed after three-fold filtration. The final transparent 

liquid (2.5 mL) was used for titration. Approximately 50 mg KI and 0.5 mL of 5 M H2SO4 were 

added which turned the solution yellow. Excess I- and H+ were added to ensure full conversion 

of the reaction LiIO3 + 6H+ + 8I- � 3I3
- + 3 H2O. In the presence of excess I-, I2 converts to I3

-, 

which is then titrated using a thiosulfate solution in the same manner as described previously for 

quantification of Li2O2. 
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Figure S1. Comparison of reduced graphene oxide and C750 graphene positive electrodes with 

0.2 M LiI and either 500ppm or 5000ppm H2O. This demonstrates that regardless of the positive 

electrode source, the electrochemistry is relatively constant. All electrodes were loaded at 4 mg. 

In the case of RGO, to achieve loadings of ~4 mg, a relatively thick electrode had to be 

constructed that resulted in poor mechanical stability. We believe this contributes to the larger 

overpotential observed compared to that of G750 graphene and KB electrodes.  
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Figure S2. (a) X-ray diffraction pattern of a positive electrode after discharge in 0.2 M LiI/5000 
ppm H2O/DME. The only crystalline product is LiOH; (b) SEM micrograph of the same 
discharged positive electrode.  



 8 

 

Figure S3. Voltammetry at Super P carbon electrode (A = 1.13 cm2) in 0.25 M 

LiTFSI/DME/500 ppm H2O with (black curve) and without LiI redox mediator (red curve). v= 

0.1 mV/s; T=30 °C; 1 atm Ar gas. 
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Figure S4. SEM micrographs of the positive electrode surface at the end of charge. (a) single 

discharge/charge profile of cells run in electrolyte with 500 ppm and 5000 ppm H2O (0.2 M 

LiI/DME), and corresponding SEM micrograph at the end of charge for b) 500 ppm H2O and (c) 

5000 ppm H2O. 
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Figure S5. Powder X-ray diffraction patterns of LiOH (a), and resulting solids after mixing 2.0 

mmol LiOH with (b) 2.5 mmol LiI and 2mmol I2 in DME, and (c) 4 mmol I2 in DME. The 

reaction period was ~ 8 hours.  Reference markers for LiOH (blue, in (a) and (b)) and LiIO3 (red, 

in (c)) are from the JCPDS database.  
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Discussion of Figure S5:  

Mock chemical reactions were performed to determine the degree of reactivity between 

I3
-/I2 with LiOH. The reflections corresponding to the starting LiOH product are shown in 

Figure S5a above. A solution of I3
- was prepared with a mixture of 2.5 mmol LiI and 2 mmol I2. 

In DME, the equilibrium I- + I2 � I3
- (pKa ~ 106.5)4 is nearly shifted 100% towards the product, 

creating a solution of I3
- with excess I- (no I2 present). The contents were left to stir for 12 hours. 

The reflections of the resulting solid product are the same as the starting LiOH, leading us to 

conclude that no chemical reaction occurs (Figure S5b). The XRD reflections of the solid 

product obtained from the reaction of LiOH with a solution of pure I2 (4 mmol in DME) indicate 

LiIO3 is formed via the reaction: 3I2 + 6 LiOH � LiIO3 + 5 LiI + 3 H2O.  Other reactions 

involving I2, reduced oxygen species (e.g., O2
-) and the electrolyte solvent are also possible, as is 

shown in Figure S6 below.  

Of note, the lack of reaction between LiOH and I3
- observed here is in contrast to a 

similar study by Liu et al.,5 who observed slow I3
- consumption (on the order of 10s of hours to 

complete consumption) when it was mixed with a DME solution containing 3-6 w% water and 

an excess of LiOH.  The likely explanation for this discrepancy is the different water contents 

employed in each respective study (3-6 w% in Liu et al., <50 ppm here), as Liu et al. also 

suggest a fast reaction between LiOH and I3
- in aqueous solutions, implying that H2O acts to 

solubilize LiOH or I3
-, allowing each to react more rapidly.   
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Figure S6. KO2 reaction in the presence of LiI. To determine the effect of I- in the presence of 
O2

-, a 5 mL solution of DME with 500 ppm H2O, 0.2 M LiI and 0.1M LiTFSI  was prepared, to 
which 1.5 mmol  of KO2 and 2.5 mmol of 18-crown-6 ether were then added to generate O2

-. The 
contents were left to stir for 2 hours, after which the solid contents were removed and washed. 
The 1H NMR spectrum (a) obtained from the solids shows the clear presence of decomposition 
products, as expected from O2

- in the presence of DME.  After the addition of KO2 the 
supernatant, turned slightly orange, and then deepened to dark orange, indicating the presence of 
I3

- (b).  
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Figure S7. Energy-dispersive X-ray spectroscopy spectrum of a Ketjenblack positive electrode 
extracted from cell containing 0.05 M LiI, 0.25 M LiTFSI, and 5000 ppm H2O in DME after 
discharge at ~100 µA/cm2 to 1 mAh and charge at ~100 µA/cm2 to 1 mAh. As these electrolyte 
and cycling conditions lead to I2 production on charge, LiOH and I2 react to form LiIO3 on the 
positive electrode, as exhibited by an O:I ratio of 3:1 on the positive electrode surface. 
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Figure S8. X-ray diffraction pattern of a Ketjenblack positive electrode extracted from cell 

containing 0.05 M LiI, 0.25 M LiTFSI, and 5000 ppm H2O in DME after discharge at ~100 

µA/cm2 to 1 mAh and charge at ~100 µA/cm2 to 1 mAh. As these electrolyte and cycling 

conditions lead to I2 production on charge, LiOH and I2 react to form LiIO3 on the positive 

electrode. Dashed lines are the major reference markers from the JCPDS database, as shown in 

Figure S5. 
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