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1. Introduction

The decarbonization of the electrical grid 
requires advancements in affordable, 
long-term energy storage to address the 
intermittency of energy sources like solar 
and wind while the continued decarboni-
zation of the transportation sector neces-
sitates advancements in energy dense 
storage devices such as batteries, with low 
cost and made from abundant materials.[1] 
Central to the function of any electro-
chemical device is an ionically conductive, 
but electronically insulating electrolyte, 
the ionic conductivity and transference 
number of which dictates the power char-
acteristics the device.[2,3] Since the electro-
lyte is in contact with both electrodes, it 
must also exhibit a high degree of (electro)
chemical stability with the electrode mate-
rials and operating voltages in order to 
prevent degradation reactions that limit 
cycle life.[4,5] The solvation properties of 
the electrolyte can also play a vital role 
in determining the reaction pathway and 
kinetics of conversion chemistries such 
as Li–S[6] and Li–O2

[6–8] batteries. Given 
its central role in device-level performance, electrolyte design 
will be critical to the development of next-generation electro-
chemical devices, and in fact, the next big advances in batteries 
will likely be driven by new electrolyte discovery. For instance, 
whether achieved through advances in liquid[9,10] or solid state 
electrolytes,[11,12] reliable Li metal batteries will likely be ena-
bled by novel electrolytes. To facilitate these leaps forward in 
battery performance, deepened fundamental understanding of 
the molecular processes in the electrolyte is needed to enable 
rational design. Given that the solid electrolyte interphase (SEI) 
is comprised of the decomposition products of the electrolyte, 
what electrolyte components give rise to a stable SEI for Li 
metal negative electrodes? Moreover, given that Ni-rich positive 
electrode materials can readily decompose the electrolyte,[13,14] 
how do we design the electrolyte to be stable against highly 
reactive Ni-rich, high voltage positive electrodes? Furthermore, 
beyond Li-ion batteries like Li–S and Li–O2 batteries undergo 
significant phase changes during charging and discharge; how 
do we design lean electrolyte environments and cell architec-
tures to enable these phase transformations to occur with high 
active material loadings? And finally, the ionic conductivity and 
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low transference number of conventional liquid electrolytes 
limits the maximum power of Li-ion batteries;[2,3] how do we 
enhance ionic conductivity and transference number to enable 
ultrafast charging and high power devices?

While the development of novel materials can enable elec-
trolytes with enhanced properties like (electro)chemical sta-
bility and ionic conductivity, such properties can additionally be 
manipulated through the intermolecular interactions of species 
within the electrolyte. In this mini-review, we will highlight a 
number of critical ways that these intermolecular interactions 
in the electrolyte (Figure 1a) can give rise to significant enhance-
ments in battery performance using known liquid electrolytes 
such as carbonates and ethers (Figure 1b). Such understanding, 
coupled with new material discovery, will be critical to enable 
next-generation electrolytes to enable advancements in battery 
performance. In Section  2, we consider how the solubility of 
reactants, products and reaction intermediates can influence 
battery reaction pathways and kinetics. In Section  3, we show 
the profound impact that the coordination environment of elec-
trolyte species has on their (electro)chemical stability and reac-
tivity. In Section 4, enhancements in performance through the 
use of redox active electrolyte species such as redox mediators 
and nitrate-based molten salts is discussed. Lastly, in Section 5, 
we consider how intermolecular interactions within the electro-
lyte can alter the ionic conductivity, as well as the ion migration 
mechanism.

First, we provide some theoretical background on the solva-
tion thermodynamics of ions and experimental techniques for 
assessing key intermolecular interactions in the electrolyte. The 
solvation of Li+ ions in aprotic electrolytes is driven largely by 
strong enthalpic interactions between electron donating groups 
on the solvent and the Li+ ion. The solvation Gibbs free energy 
of Li+ ( GLi

solv∆ + ) is defined as the difference in Gibbs free energy 
between the solvated Li+ and an isolated Li+ in a vacuum[15] 
(Figure 2a). Since the energy of an isolated Li+ in a vacuum is 
constant, GLi

solv∆ +  is consequently governed by the enthalpic and 
entropic interactions between Li+, the solvent, as well as other 
ions in the electrolyte. In aprotic electrolytes, HLi

solv∆ +  is typically 

≈−5 to −5.6  eV (Table S1, Supporting Information),[16,17] while 
SLi

solv∆ +  is ≈−0.5 to −1 meV K−1[16,18] (−T SLi
solv∆ +  is ≈+0.15 to +0.3 eV 

at 25 °C, Table S2, Supporting Information), such that the sol-
vation of Li+ ions is driven by the strong enthalpic interactions 
between electron donating groups on the solvent like carbon-
ates and ethers and Li+. Such electron donating interactions can 
be well-described by solvation parameters like Gutmann donor 
number (DN),[19] which provide an easy-to-access value for 
pure solvents[20] and anions[21,22] to gauge the strength of sol-
vent–cation and anion–cation interactions. On the other hand, 
the solvation of Li+ in aprotic solvents structures the solvent 
molecules into a tightly bound solvation shell, which limits 
the entropy of Li+ solvation to ≈−0.5 to −1 meV K−1.[16,18] For 
instance, dimethyl sulfoxide (DMSO) forms a strong 1st solva-
tion shell with ≈4 DMSO molecules surrounding each Li+.[23,24] 
Assuming the coordination of each DMSO molecule to the Li+ 
restricts its configurational entropy comparably to freezing 
DMSO, we can estimate the decrease of entropy caused by 
DMSO-coordination of Li+ as 4 × ΔSfus = −2.0 meV K−1 (where 
ΔSfus = −0.5 meV K−1[25]), which can easily account for the meas-
ured SLi

solv∆ +  in DMSO of −0.61 meV K−1.[16,18] Beyond the influ-
ence of enthalpic solvent electron donation and entropic struc-
turing of the solvation shell, there are many other contributions 
to GLi

solv∆ +  such as Coulombic and electron donor interactions 
between the Li+ and anions in the electrolyte[24] and structuring 
of the solvent beyond the first solvation shell.[26,27] The diversity 
of intermolecular interactions present in the electrolyte leads 
to a rich design space to manipulate the solvation energy of 
Li+. It is important to note that the solubility of Li salts in the 
electrolyte is not governed by the solvation Gibbs free energy, 
but rather by the dissolution Gibbs free energy (Figure  2a) 
which includes additional terms related to the lattice energy 
of the Li salt.[28] For instance, LiTFA can be dissolved to >2 m 
in acetonitrile (MeCN)[24] as opposed to LiNO3 with solubility  
≈0.3 m[29] despite the DN of TFA− (≈34  kcal mol−1)[24] being 
higher than that of NO3

− (DN = 21 kcal mol−1),[21] which stems 
from the lower lattice enthalpy of LiTFA compared to LiNO3 
(777 kJ mol−1 versus 823 kJ mol−1 [30]).

Figure 1.  a) Summary of key influences that intermolecular interactions within the electrolyte can have on the performance of batteries. Images of 
cyanostar adapted with permission.[147] Copyright 2018, American Chemical Society. b) Summary of the chemical structures of typical solvents and salts 
which will be considered in this mini-review.
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The thermodynamics of Li+ solvation can be determined 
experimentally through calorimetry and electrochemical meas-
urements. The dissolution enthalpy of a Li salt (LiX) HLiX

diss∆  is 
measurable using calorimetry, which can be combined with 
the Gibbs free energy of dissolution from the salt's solubility 

lnG RT KLiX
diss∆ = −  to determine the entropy of dissolution 

SLiX
diss∆ .[16] In order to isolate the single ion dissolution thermo-

dynamics (such as GLi
diss∆ + ), an additional assumption must be 

made, where most commonly, tetraphenylarsonium (Ph4As+) 
and tetraphenylboride (BPh4

−) are assumed to have identical 
dissolution Gibbs free energy, enthalpy and entropy.[31] Such 
assumption relies on the bulky phenol groups to effectively 
shield the influence of the charged ionic center from the sur-
rounding solvent, and is generally considered reasonable, 
though differences as much as ≈8% in the solvation of Ph4As+ 
and BPh4

− have been reported.[32] These single ion dissolution 
Gibbs free energy, enthalpy and entropy can be further related 
to the single ion solvation Gibbs free energy, enthalpy and 
entropy using a thermodynamic scheme based on the lattice for-
mation energy of the dissolved salt.[33] More practically, electro-
lyte-dependent redox potentials such as Li+/Li,[34] are referenced 
to solvent-invariant redox potentials, such as decamethylfer-
rocene (Me10Fc), to determine trends in the single ion Gibbs 
free energy of solvation. In this case, the assumption is that the 

solvation energy of Me10Fc does not change with its redox state 
(due to its structure shielding the redox center from the elec-
trolyte), nor does its ionization energy change with solvation, 
making its redox potential constant on an absolute energy scale 
in all solvents.[35] With this assumption, the difference between 
a redox couple containing the ion of interest and that of Me10Fc 
becomes proportional to the solvation Gibbs free energy of the 
ion (Figure 2b). For instance, the difference between the Li+/Li 
and Me10Fc+/Me10Fc redox potentials ( / 10

ELi Li vs Me Fc+ ) is related to 
the solvation Gibbs free energy via

/ 10
E C

G

eLi Li vs Me Fc
Li
solv

= +
∆

+

+ 	 (1)

where e is the elementary charge and C is a constant given 
by electrolyte-independent formation energy terms where 

f
0 0 0

10 10
C G G GLi f Me Fc f Me Fc= −∆ − ∆ + ∆+ +  (please see the Supporting 
Information for full derivation). Therefore, differences in 

/ 10
ELi Li vs Me Fc+  are related linearly to changes in the Li+ solvation 
energy (Equation (1)). More recently, computational techniques 
like density functional theory (DFT) have provided computed 
solvation energy of single ions, where the Li+ solvation envi-
ronment includes an explicitly defined first solvation shell (i.e., 
the solvent molecules are present in the calculation), which is 
then embedded in an implicit solvent model.[36] Remarkably, 

Figure 2.  a) Schematic depicting the definition of the Li+ solvation Gibbs free energy ( GLi
solv∆ + ) and Li+ dissolution Gibbs free energy ( GLi

diss∆ + ). b) Depici-
tion of how the difference between the Li+/Li and Me10Fc+/Me10Fc redox potentials ( / 10

ELi Li vs Me Fc+ ) is related to the solvation Gibbs free energy ( GLi
solv∆ + ),  

where stronger Li+ solvation due to higher solvent or anion DN shifts the Li+/Li potential to more negative values. c) The Li+/Li redox potential versus 
Me10Fc plotted against reported DFT computed solvent-only Li+ solvation strength[36] corrected by the Li+ activity derived from ionic conductivity experi-
ments. d) Normalized Raman spectra of 0.5 m LiTFSI, LiTfO and LiTFA mixtures in DME in the range of 800–900 cm1. The bands at ≈876 and ≈870 cm−1 
can be assigned to bound DME which is coordinated to Li+, and the peaks at ≈849 and ≈821 cm−1 can be assigned to free (uncoordinated) DME. 
e) Estimated number of Li+-coordinated solvent oxygen or nitrogen atoms in 0.5 m LiTFSI (DN = 5.4 kcal mol−1[22]), LiTfO (DN = 16.9 kcal mol−1 [22])  
and LiTFA (DN ≈ 34 kcal mol−1 [24]) mixtures with MeCN (DN = 14.1 kcal mol−1[20]), DME (DN = 20 kcal mol−1 [20]) and DMSO (DN = 29.8 kcal mol−1 [20]). 
Subfigures (b), (c), and (d) reproduced with permission.[24] Copyright 2020, American Chemical Society.
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comparing this DFT-computed Li+ solvation energy to experi-
mentally measured Li+/Li redox potentials yields a strong linear 
correlation with a slope of 1.0  V eV−1 (Figure  2c), indicating 
quantitative agreement between these two techniques.[24,36] 
We further found that counter anions of increasing DN could 
lead to more negative GLi

solv∆ +  in the same solvent, which can 
be described by the inclusion of a Li+ activity term which was 
derived from ionic conductivity measurements.[24] Such find-
ings show that the solvation energy of ions like Li+ is governed 
not only by the solvent, where solvents with higher DN yield 
stronger solvation,[34,36] but also the counter anion where higher 
DN anions also strengthen Li+ solvation.[24,37]

The solvation Gibbs free energy of Li+ is influenced by its 
coordination environment, which vibrational spectroscopic tech-
niques show consists of 4 coordinating sites coming from either 
just the solvent, or a combination of the counter anion and sol-
vent. Raman spectroscopy and Fourier-transform infrared spec-
troscopy (FTIR) are powerful techniques for probing the ion 
solvation environment because solvent–ion or ion–ion interac-
tions change shift the frequency of molecular vibrations. For 
instance, Raman spectroscopy taken in the 800–900 cm−1 range 
of pure 1,2-dimethoxyethane (DME) shows two broad peaks at 
≈821 and ≈849 cm−1, which can be assigned to mixed modes 
of CH2 rocking vibrations and C–O–C stretching vibrations 
in oligo-ethers[24,38] (Figure  2d). Upon the addition of Li+ salt, 
new bands emerge at ≈870 and ≈876 cm−1, which indicate the 
formation of Li+-DME complexes, where these new bands can 
be assigned to the vibrations of conformational combinations 
of the ethylene oxide chains (C−C−O) with trans (t), gauche 
plus (g), and gauche minus (g′) sequences.[24,39,40] Notably, the 
Raman scattering coefficients of these free and Li+-coordinated 
solvent are nearly constant[23,24] allowing for deconvolutions of 
the peaks to yield quantitative information about the number 
of Li+-coordinated solvent molecules. From such studies, 
we routinely observe ≈4 coordinating ligands per Li+,[23,24,41] 
which for solvent with one coordinating ligand per solvent 
(like DMSO[23,24] and ethylene carbonate (EC)[41]) corresponds 
to 4 solvent molecules per Li+. Through such Raman anal-
ysis, the high DN solvent DMSO retains ≈4.3 solvent oxygen 
atoms coordinating each Li+ regardless of the anion DN. On 
the other hand, solvent coordination of the weaker DME could 
be increasingly displaced by anions of increasing DN from 4.3 
ether O per Li+ for TFSI− (DN = 5.4 kcal mol−1[22]) to 1.1 ether O 
per Li+ for TFA− (DN ≈ 34 kcal mol−1[24]) as shown in Figure 2e. 
Therefore, participation in the 1st solvation shell of Li+ is a com-
petition between the electron-donating strength of the solvent 
and that of the counter anion, where the higher DN species will 
interact with Li+ preferentially.[24,37] Moreover, techniques such 
as electrospray ionization mass spectroscopy (ESI-MS)[42] and 
nuclear magnetic resonance (NMR)[43,44] can provide details on 
the solvation environment, such as the m/z of different solvated 
[Li(carbonate)n]+ fragments from ESI-MS studies[42] and solvent-
cation interactions from 17O NMR.[43,44] Unfortunately, 7Li NMR 
chemical shifts (as well those of other nuclei like 13C and 1H) 
are not governed solely by the effective nuclear charge, where 
less electron density around the nucleus leads to a downfield 
shift. Instead, such chemical shifts can also change with the 
total orbital angular momenta of the valence electrons, where 
decreasing orbital angular momenta from reduced electron 

donation can induce an upfield shift.[45,46] As a result, observa-
tions from 7Li, 13C, and 1H NMR chemical shifts should be sup-
ported using evidence from other techniques.[24]

2. Influence of Solubility on Battery Reactions

One of the simplest, yet most profound influences of electro-
lytes on batteries is their ability to dissolve some reactants and 
products, but not others. For instance, in Li-ion batteries, Li+ 
ions are the only active species that is soluble in the electro-
lyte, while both the graphite negative electrode and lithium 
metal oxide positive electrode remain essentially insoluble 
in both their charged and discharged states. We denote such 
a reaction as I–I for Insoluble reactants-Insoluble products 
in Figure 3a. While this structurally simple (de)intercalation 
(I–I) reaction gives rise to the high rate and long cycle life of 
Li-ion batteries,[47] the requirement that the electrode mate-
rial remain stable in both the lithiated and delithiated states 
imposes a limit on the electrode specific energy as heavy transi-
tion metal ions are needed to stabilize the delithiated (charged) 
positive electrode.[48] Conversion reactions such as Li–O2 and 
Li–S, on the other hand, can offer higher specific energy, but 
require the electrode materials to undergo a phase transition 
during charge and discharge.[6–8,49] For instance, during dis-
charge of a Li–O2 battery, gaseous O2 can be reduced to form 
insoluble solid lithium peroxide (2Li + O2  = Li2O2, E0  = 2.96 
VLi),[7] leading to an S–I (Soluble reactants–Insoluble products) 
reaction. Moreover, reaction intermediates such as lithium 
superoxide (LiO2) can also be soluble in the electrolyte leading 
to S–(S)–I reactions (Soluble reactants–(Soluble intermediates)–
Insoluble products). We next examine the manner in which the 
solubility of species in the electrolyte can have a profound effect 
on battery reactions, showing that even small solubility ≈10−4 m 
can be significant.

2.1. The Influence of Solubility on Li–O2 Battery Reactions

The discharge of Li–O2 batteries in aprotic electrolytes proceeds 
via an S–(S)–I reaction where O2 is electrochemically reduced 
to a Li+–O2

− intermediate with limited solubility which is either 
further electrochemically reduced to insoluble Li2O2, or chemi-
cally disproportionates to form Li2O2 via 2 LiO2  → Li2O2  + 
O2.[7] Solvation parameters of the electrolyte like DN[50,51] and 
Gutmann acceptor number (AN)[52,53] have been identified 
as playing a vital role in determining the discharge pathway, 
capacity and resulting morphology of Li–O2 batteries. For 
instance, Johnson et al.[50] observed that the discharge capacity 
of planar electrodes showed increasing discharge capacity 
with increasing solvent DN, from ≈1 µAh cm−2 for MeCN 
with DN = 14.1  kcal mol−1, to ≈10 µAh cm−2 for 1-methylimi-
dazole (Me-Im) with DN = 47 kcal mol−1 (Figure 3b). Moreover, 
Aetukuri et  al.[53] showed that adding 4000  ppm water (with 
high AN = 54.8  kcal mol−1 [19]) could increase the discharge 
capacity of Li–O2 cells by ≈4 times. Work from a subset of the 
authors[36] consolidated these DN and AN observations to pro-
vide a universal framework for understanding the role of sol-
vent on the discharge of Li–O2 batteries based on the combined 
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solvation energy of Li+ (greater Li+ solvation with higher solvent 
DN) and O2

− (greater solvation with higher solvent AN). More-
over, in our follow-up work,[24] we further showed that anions 
of increasing DN can also strengthen the solvation of Li+ ions, 
as can decreasing the salt concentration. Stronger combined 
solvation of Li+ and O2

− ions acts to weaken the interaction or 
coupling between Li+ and O2

− ions by shifting the equilibrium 
given by Li+ + O2

− ⇄ Li+–O2
− to the left. This Li+-O2

− coupling 
strength can be directly observed by comparing the difference 
between the Li+,O2/Li+–O2

− and TBA+,O2/TBA+–O2
− redox 

potentials (Figure  3c), which is related to the thermody-
namic driving force of the cation exchange reaction given by  

Li+  + TBA+O2
−  →  TBA+  + Li+-O2

−. With the assumption that 
tetrabutylammonium (TBA+) does not interact with O2

−, 
this cation exchange reaction is exactly the Li+–O2

− coupling 
strength given by Li+  + O2

−  → Li+–O2
−. Remarkably, from 

Figure  3c we see that changing the solvent from DMSO to 
DME increases Li+-O2

− coupling strength from ≈0.2  eV to 
almost 1.6 eV. Such changes in the combined solvation energy 
of Li+ and O2

− (which alters the Li+–O2
− coupling strength) 

can have a profound impact on the reaction pathway during 
discharge. Specifically, in electrolytes with very strong Li+–
O2

− coupling, no detectable quantities of the soluble Li+–O2
− 

intermediate were observed with rotating ring disk electrode 

Figure 3.  a) Classification of different battery chemistries based on whether the reactants, intermediates and products are soluble or insoluble. For 
instance, S–(S)–I refers to Soluble reactants–(Soluble intermediates)–Insoluble products. b) Discharge voltage profile of Li–O2 planar electrodes in 
electrolytes of increasing DN from MeCN with DN = 14.1 kcal mol−1 to Me-Im with DN = 47 kcal mol−1. Data from Johnson et al.[50] c) The Li+,O2/
Li+–O2

− (top, circles) and TBA+,O2/TBA+–O2
− (bottom, squares) potentials on a Li+/Li scale plotted against the TBA+,O2/TBA+–O2

− potential on the Li+/
Li scale (horizontal axis), where the horizontal axis represents the combined solvation energy of Li+ and O2

− ions where higher TBA+,O2/TBA+–O2
− on 

the Li+/Li scale represents stronger combined solvation strength. Reproduced with permission.[24] Copyright 2020, American Chemical Society. d) GITT 
measurements of Li–S cells in G2 with ≈1 × 10−6 m Li2S solubility and DMA with ≈5 × 10−2 m Li2S solubility. Insets are SEM images of the resulting Li2S 
morphology. Adapted with permission.[61] Copyright 2019, John Wiley and Sons. e) Discharge profiles of LiIO3 electrodes in 0.5 M LiTFSI DME with 
added water from 1 to 20 vol%. Above the discharge curves are the number of moles of LiOH ( fmolLiOH) from acid-base titration of the electrode (dark 
purple) and separator (light purple) divided by the number of moles of LiIO3 in the undischarged electrode ( i

3
molLiIO ), where full conversion leads to  

6 LiOH per LiIO3, corresponding to 880 mAhr g−1
LiIO3

. Adapted with permission.[62] Copyright 2022, American Chemical Society.
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(RRDE) measurements, consistent with a surface-mediated 
discharge mechanism.[50,54] On the other hand, in electrolytes 
with weak Li+–O2

− coupling, almost 80% of the discharge reac-
tion proceeds via dissolution of a soluble Li+–O2

− intermediate. 
Unfortunately, given the transient nature of this Li+–O2

− inter-
mediate, its precise solubility in the studied electrolytes is not 
known, though the somewhat analogous KO2 is only soluble to 
≈10−4 m in tetraglyme (G4).[55] We further studied the influence 
of Li+–O2

− coupling on the reaction kinetics during the dis-
charge reaction and found that stronger Li+–O2

− coupling cor-
related with slower reaction kinetics,[24] indicating that Li+ and 
O2

− ion solvation influenced not just the reaction pathway, but 
also the reaction kinetics.

2.2. The Influence of Solubility on Li–S and LiIO3 Batteries

Li–sulfur (Li–S) batteries discharge via a I–(S)–I reaction, 
during which mostly insoluble S8 is partially reduced to 
soluble lithium polysulfide intermediates (such as Li2S8, 
Li2S6, and Li2S4), before being fully reduced to insoluble 
Li2S.[56] Interestingly, the solubility of polysulfide interme-
diates has both advantages and disadvantages, where the 
reduction of polysulfides has been found to be more facile 
in instances where these polysulfides are soluble,[57] but the 
crossover of soluble polysulfides intermediates can impair 
cycle life.[58] Though widely viewed as a I–(S)–I reaction, both 
S8 and Li2S can be sparingly soluble in the electrolyte. For 
instance, S8 shows a solubility ≈10−2 m in glymes like DME 
and diglyme (G2)[59,60] while Li2S is soluble to ≈1 × 10−6 m in  
glymes but up to ≈5  × 10−4 m in other aprotic solvents like 
N,N-dimethylacetamide (DMA).[61] Even these low Li2S solu-
bility <1 × 10−3 m was found to significantly alter the discharge 
voltage and resulting product morphology of Li2S during dis-
charge of Li–S batteries.[61] For instance, galvanostatic inter-
mittent titration technique (GITT) measurements of Li–S 
batteries showed much higher initial discharge voltage in 
DMA (2.68  V) with ≈5  × 10−4 m Li2S solubility compared to 
G2 (2.46 V) with ≈1 × 10−6 m Li2S solubility, as well as very dif-
ferent discharge morphologies (Figure 3d). Such finding high-
lights that solubility/insolubility is not binary, but rather exists 
on a spectrum (indicated by the gradients in Figure 2a), where 
even low species solubility (that can be challenging to detect) 
can potentially play a significant role in altering battery per-
formance. We recently studied another I–(S)–I reaction based 
on the 6e− reduction of LiIO3 to LiOH[62] which highlights the 
influence of reactant and product solubility on the reaction 
kinetics and performance of batteries with I–(S)–I discharge 
reactions.

Even limited reactant and product solubility <10−4 m can 
significantly enhance the discharge capacity and decrease the 
overpotential of LiIO3 batteries. In a recent work,[62] we system-
atically studied the influence of solvent and the water content 
in the electrolyte on the 6e− reduction of LiIO3 to LiOH, which 
proceeds via LiIO3  + 3H2O + 6Li+  + 6e−  → LiI + 6LiOH. The 
addition of water to the electrolyte had a significant effect on 
the solubility of both LiIO3 and LiOH, such as the increasing 
solubility of LiIO3 in DME from <1 × 10−5 m with 1 vol% H2O 

to 4 × 10−3 m with 20 vol% H2O (Figure 3e). We attributed the 
increasing LiIO3 and LiOH solubility with increasing water 
content to the high solubility of LiIO3 (0.8 gLiIO3/gH2O

[63]) 
and LiOH (4.8 M[64]) in water due to its high AN (54.8  kcal 
mol–1[19]) and dielectric constant (78.5[65]). Increasing the solu-
bility of the reactant LiIO3 led to a significant increase in the 
discharge capacity from 100 mAh gLiIO3

–1 when the LiIO3 
solubility was <1  × 10−5 m, to 640 mAh gLiIO3

−1 when it was 
≈4  × 10−3 m (Figure  3e). Moreover, the overpotential during 
discharge deceased from ≈0.9 V when the LiIO3 solubility was 
<1 × 10−5 m, to ≈0.4 V when it was 4 × 10−3 m. Remarkable is 
that even LiIO3 solubility ≈1  × 10−5 m could enable a LiIO3-
dissolution discharge mechanism (Figure 3e), highlighting the 
profound effect that the solubility of reactants, intermediates 
and products can have on the discharge mechanism.

There are inherently conflicting objectives in electrolyte 
design for I–(S)–I battery chemistries, where increasing the 
solubility of species results in more facile kinetics,[57,62] but also 
increases the crossover of soluble species to the negative elec-
trode.[58,66] Presently, the Li–S battery field is divided on how to 
resolve this conflict, with some researchers embracing the ben-
efits of soluble polysulfides with faster kinetics while trying to 
suppress crossover using ceramic ion-conducting separators,[66] 
or by suppressing polysulfide reduction at the negative elec-
trode.[67] Alternatively, others seek to develop electrolytes which 
suppress solubility as much as possible.[68,69] While determined 
by the intermolecular interactions within the electrolyte, the sol-
ubility of reactants, intermediates and products ultimately dic-
tates how discharge products are deposited within the electrode, 
which influences the discharge capacity and resulting energy 
density of the cell. Regardless of the design goal, the ability to 
systematically design electrolytes which control the solubility 
of reactants, intermediates and products will play an important 
role in the continued development of I–(S)–I and S–I battery 
chemistries.

3. Altering the Reactivity of Species through 
Solvation Interactions
The reactivity of electrolyte species dictates critical aspects of 
battery performance such as cycle life. For instance, electro-
lyte decomposition at the positive electrode contributes signifi-
cantly to poor cycle life in Li–O2 batteries.[7,70] Work from Feng 
et al.[71] provided a framework for some of the key decomposi-
tion mechanisms of solvent in the Li–O2 battery environment 
including hydrogen abstraction, deprotonation, nucleophilic 
attack and electrochemical oxidation, and identified which func-
tional groups within the solvent structure may be vulnerable to 
such decomposition mechanisms. Using this framework, sulfa-
mide- and sulfonamide-based electrolytes were developed,[72,73] 
which are stable against all of these decomposition pathways, 
as well as attack from singlet oxygen.[74] Beyond such synthetic 
strategies for enhancing the (electro)chemical stability of the 
solvent, intermolecular interaction within the electrolyte can 
also dramatically influence the reactivity of species, leading to 
enhanced solvent stability, but also enabling tuning of reactive 
additives like water.

Adv. Energy Mater. 2023, 13, 2204094

 16146840, 2023, 13, D
ow

nloaded from
 https://onlinelibrary.w

iley.com
/doi/10.1002/aenm

.202204094, W
iley O

nline L
ibrary on [25/04/2024]. See the T

erm
s and C

onditions (https://onlinelibrary.w
iley.com

/term
s-and-conditions) on W

iley O
nline L

ibrary for rules of use; O
A

 articles are governed by the applicable C
reative C

om
m

ons L
icense



www.advenergymat.dewww.advancedsciencenews.com

2204094  (7 of 18) © 2023 The Authors. Advanced Energy Materials published by Wiley-VCH GmbH

3.1. Enhancing Solvent (Electro)Chemical Stability through 
Cation Coordination

Coordination between solvent molecules and cations in the elec-
trolyte can enhance the (electro)chemical stability of the solvent. 
The easiest way to alter the proportion of cation-coordinated 
solvent molecules is by changing the stoichiometry of solvent 
and salt (i.e., the salt concentration). For instance, Suo et al.[75] 
showed a remarkable enhancement in the electrochemical sta-
bility window of aqueous electrolytes with increasing LiTFSI 
salt concentration (Figure 4a). The theoretical electrochemical 
stability window of H2O is just 1.23 V, but can be extended to 
≈3.0 V when the salt concentration is significantly increased to 

21 m (mol salt per kg of solvent). These “highly concentrated 
electrolytes” (HCEs), where nearly all solvent molecules are 
coordinated with cations, have further shown the suppression 
of Al corrosion in LiTFSI-containing electrolytes,[76] graphite-
compatibility with PC electrolytes[77] and even the chemical sta-
bility of MeCN against Li metal,[78] where MeCN is notorious 
for rapidly forming lithium cyanide in the presence of Li metal. 
Work from a subset of the authors[23] showed that the chemical 
stability of DMSO is enhanced when it is coordinated with Li+ 
ions. From Raman spectroscopy, the proportion of Li+-coordi-
nated DMSO molecules increased ≈linearly with the molar 
ratio of salt to solvent until this ratio reached ≈0.25 (1 LiTFSI: 
4 DMSO), after which, all DMSO molecules were found to be 

Figure 4.  a) Cyclic voltammograms depicting the electrochemical stability window of LiTFSI H2O electrolytes of different salt concentration (where 
m indicates mol salt per kg of solvent). Inset shows a schematic representation of the influence of increasing salt concentration on the coordination 
environment of water and Li+ ions. Redrawn from Suo et al.[75] b) Proportion of free and Li+-coordinated DMSO molecules from Raman spectros-
copy as a function of the molar ratio of LiTFSI salt to DMSO. c) X-ray diffraction (XRD) of a pristine electrode, and electrodes after discharge in 1 m 
LiTFSI and 3 m LiTFSI. In the higher concentration 3 m LiTFSI DMSO (which has no free DMSO), there is no decomposition of DMSO to form LiOH. 
Subfigures (b,c) adapted with permission.[23] Copyright 2017, American Chemical Society. d) Proportion of Li+-coordinated EC, DEC, and PF6

− from 
Raman spectroscopy as a function of the molar ratio of LiPF6 salt to EC/DEC solvent. e) Discharge capacity upon cycling of LiNi0.8Mn0.1Co0.1O2 cells 
in 1 m LiPF6 EC/DEC and 3.1 m LiPF6 EC/DEC show enhanced cycling stability with higher LiPF6 concentration. f) Potential energy landscape from 
DFT calculations for the dehydrogenation of free (black) and Li+-coordinated (green) EC. Subfigures (d–f) adapted with permission.[41] Copyright 2019, 
American Chemical Society.

Adv. Energy Mater. 2023, 13, 2204094

 16146840, 2023, 13, D
ow

nloaded from
 https://onlinelibrary.w

iley.com
/doi/10.1002/aenm

.202204094, W
iley O

nline L
ibrary on [25/04/2024]. See the T

erm
s and C

onditions (https://onlinelibrary.w
iley.com

/term
s-and-conditions) on W

iley O
nline L

ibrary for rules of use; O
A

 articles are governed by the applicable C
reative C

om
m

ons L
icense



www.advenergymat.dewww.advancedsciencenews.com

2204094  (8 of 18) © 2023 The Authors. Advanced Energy Materials published by Wiley-VCH GmbH

coordinating Li+ ions (Figure  4b). Critically, DMSO has been 
shown to be chemically unstable in Li–O2 batteries, where 
DMSO can decompose via nucleophilic attack[79] or hydrogen 
abstraction,[80,81] consuming Li2O2 to form DMSO2 and LiOH. 
However, when the salt concentration of LiTFSI in DMSO was 
increased such that all DMSO was coordinated with Li+, this 
chemical decomposition of DMSO was suppressed, eliminating 
the formation of LiOH. For instance, comparing the discharge 
products of 1  m LiTFSI DMSO and 3  m LiTFSI DMSO from 
XRD, we see that the lower concentration 1 m electrolyte shows 
both Li2O2 and LiOH, whereas the highly concentrated 3  M 
electrolyte (which contained no free DMSO in Figure 4b), gen-
erates only Li2O2 (Figure 4c).

HCEs can also enhance the stability of EC in Ni-rich Li-ion 
batteries. Work from a subset of the authors[13,14] has identified 
the dehydrogenation of EC as a critical electrolyte decomposi-
tion pathway limiting the cyclability of Ni-rich Li-ion positive 
electrode materials such as LiNi0.8Mn0.1Co0.1O2. Critically, sub-
stituting a conventional electrolyte for a HCE where nearly all 
EC molecules are Li+-coordinated can suppress this decomposi-
tion, leading to enhanced cycle life.[41] Increasing the concen-
tration of LiPF6 in EC/ethyl methyl carbonate (EMC) (3:7 w/w) 
led to a significant increase in the proportion of Li+ coordi-
nated EC and EMC, reaching >90% Li+-solvent coordination 
with a molar ratio ≈0.33 LiPF6:carbonate solvent (Figure  4d). 
Such highly concentrated LiPF6 EC/EMC electrolyte showed 
significantly reduced solvent decomposition via diffuse reflec-
tance infrared Fourier transform spectroscopy (DRIFTS) and 
X-ray photoelectron spectroscopy (XPS) measurements, as well 
as reduced capacity fade after 500 cycles (Figure  4e). Interest-
ingly, this enhanced chemical stability of EC at high salt con-
centration did not arise due to a change in the dehydrogena-
tion energy (which was computed to be ≈equal between free 
EC and Li+-coordinated EC via DFT). Instead, Li+ coordina-
tion with EC increased the energy barrier to chemisorption 
of EC onto the LiNi0.8Mn0.1Co0.1O2 surface (Figure  4f), where 
this chemisorption is a critical step in the dehydrogenation of 
EC.[82] Such finding indicates that not only can ion coordination 
alter (electro)chemical stability by polarizing solvent molecules 
and shifting their HOMO and LUMO,[83] but ion coordination 
can also induce kinetic limitations due to the energy barrier of 
desolvation.

While HCEs can increase (electro)chemical stability of the 
solvent, they are also hindered by their high viscosity which 
can decrease ionic conductivity.[84] One approach to over-
come this limitation is through the dilution of the HCE with 
a weakly interacting solvent (sometimes called a “diluent”), 
giving rise to a “localized high-concentration electrolyte” or 
LHCE.[85,86] Notably, a well-chosen weakly interacting solvent 
can retain a similar coordination environment of the main 
solvent to that of the HCE. For instance, Chen et al.[86] found 
that the proportion of Li+-coordinated dimethyl carbonate 
(DMC) in 5.5  m LiFSI DMC did not change upon its dilu-
tion by bis(2,2,2-trifluoroethyl) ether (BTFE), as supported by 
ab initio molecular dynamics (AIMD) and Raman spectros-
copy. The compositional diversity offered by combining Li+-
coordinated solvent with weakly interacting diluents provides 
a large design space for the development of next-generation 
electrolytes.

3.2. Altered Electrolyte Reactivity through Solvent and Ion 
Interactions

The solvation environment of additives like H2O in the electro-
lyte can dramatically change their reactivity. For instance, Kwabi 
et al.[87] compared the influence of adding 5000 ppm of H2O to 
0.1 m LiClO4 DME and MeCN electrolytes during the discharge 
of Li–O2 batteries. Remarkably, even though Li2O2 can chemi-
cally react with pure H2O to form LiOOH and LiOH,[88] when 
5000 ppm H2O is mixed with DME, it is no longer reactive, and 
the discharge of a Li–O2 battery will yield only Li2O2.[53,87] Such 
a result can be understood by considering the chemical shift 
of H2O in 1H NMR measurements, which can provide infor-
mation about the acidity of the H2O, where higher chemical 
shifts correspond to more acidic H2O.[89] Significantly, the 1H 
NMR chemical shift of 5000 ppm H2O in DME is ≈2.5 ppm,[90] 
as compared to 4.8 ppm for bulk water,[89] suggesting that the 
pKa of water in DME is higher (i.e., the water is less acidic) 
than bulk water. Such reduced acidity of H2O in DME could 
inhibit its deprotonation by Li2O2, preventing the formation of 
LiOOH and LiOH (Figure 5a). On the other hand, discharge 
of a Li–O2 battery with 5000 ppm H2O in MeCN yields LiOH, 
not Li2O2,[87] indicating that the pKa of water in solvents is sol-
vent-dependent, where stronger solvent–water interactions (i.e., 
stronger dipole–dipole interactions between H2O and neigh-
boring solvent molecules) may facilitate the deprotonation of 
water.[87,91]

Ion coordination can facilitate the deprotonation of water 
additives in aprotic electrolytes. Previous work by the authors 
along with Tułodziecki et  al.[90] showed that the presence of 
I− ions can significantly alter the deprotonation energy of 
water in DME based on 1H NMR and FTIR measurements. 
For instance, we showed that the chemical shift of 1000  ppm 
H2O in DME could be significantly shifted from 2.44  ppm 
with no salt, to 4.34 with 0.3 m LiI (Figure 5b). Accompanying 
this change in the chemical shift of H2O from 1H NMR was a 
shift of the O–H stretching band of the H2O in the electrolyte 
from 3600 cm−1 without salt to 3410 cm−1 when LiI was pre-
sent, further consistent with a weakening of the OH bond of 
the water and more facile deprotonation (Figure 5c). Such low-
ered deprotonation energy of H2O in DME with LiI altered the 
discharge product of Li–O2 batteries from Li2O2 with no LiI, to 
LiOH with LiI, which was facilitated by the deprotonation of 
water by Li2O2. In follow-up work that was previously unpub-
lished (please see the Supporting Information for experimental 
details), we further showed that both cations and anions could 
alter the deprotonation of H2O in DME. For instance, adding 
TFSI− salts with alkali metal cations of increasing size, resulted 
in decreasing H2O 1H NMR chemical shift (decreasing acidity) 
from 3.48 ppm for Li+, to 2.58 ppm with Rb+ (Figure 5d), sug-
gesting that smaller cations with higher Lewis acidity can coor-
dinate water more strongly. Moreover, lithium halides (like LiBr 
and LiI) showed considerably higher H2O 1H NMR chemical 
shifts and higher H2O acidity than other Li-salts, suggesting 
that Br− and I− ions may interact directly with H2O in DME, 
whereas the other anions only serve to modulate the Li+ activity 
(Figure 5e).

As with the salt concentration in HCEs above, the molar 
ratio of the additive to solvent and additive to ion plays a vital 
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role in determining the nature of the interactions. For instance, 
as shown in Figure 5f, increasing the ratio of H2O:DME from 
0.008:1 to ≈1:1 increased the 1H NMR chemical shift of water 
from 2.5  ppm to 3.8 ppm,[90] which more closely resembles 
the 1H NMR chemical shift of bulk water (4.8 ppm[89]). Such 
trend can be rationalized by increasing prevalence of water-
water interactions in the electrolyte with increasing water 
content, consistent with MD simulations by Liu et  al.[89] Such 
dependence on the H2O:DME ratio was also observed for LiI-
containing electrolytes, where increasing the H2O:DME ratio 
also increases the H2O:LiI ratio, causing the 1H NMR chemical 
shift of water to converge with that of the LiI-free case around 
≈0.5 H2O:DME (Figure 5f). MD simulations[89] suggest that the 
LiI in these LiI/H2O/DME mixtures is concentrated in nano-
scopic H2O-rich phases, suggesting a fine balance between 

the ratios of these three species. Forthcoming work from the 
authors along with Zhang[91] et al. will further show how these 
H2O:solvent ratios, as well as the nature of solvent can influ-
ence reactions such as the hydrogen evolution and reduction 
reaction, which is an area of significant interest.[92]

3.3. Influence of Li+ Solvation on Graphite and Li Metal 
Electrodes

The solvation environment of Li+ can enable the reversible 
intercalation of Li+ into graphite, as well as influence the com-
position of the SEI and the resulting reversibility of Li metal 
negative electrodes. The graphite negative electrode in com-
mercial Li-ion batteries is able to operate reversibly, in part, due 

Figure 5.  a) Schematic showing that when added H2O to the electrolyte has low pKa due to its solvation environment, it can be readily deprotonated 
by Li2O2 to form LiOH and either H2O2 or LiOOH, whereas when it has high pKa, it cannot be deprotonated by Li2O2. b) the 1HNMR spectra of DME 
solutions with 1000 ppm of H2O and 0.3 m LiI and 1000 ppm of H2O. The 1H NMR signal of pure H2O at T = 298 K is 4.8 ppm. c) The FT-IR spectra of 
pure DME with 5000 ppm H2O and 0.3 m LiI DME 5000 ppm H2O. d) The H2O 1H NMR chemical shift as function cation ionic radius for 0.25 m H2O + 
0.2 m MTFSI DME solutions where M = Li, Na, K, Rb. Ionic radii from Pau et al.[93] e) The H2O 1H NMR chemical shift as function anion donor number 
for 0.25 m H2O + 0.2 m LiA DME solutions where A = TFSI, TfO, NO3, TFA, I and Br. Anion DN from Linert et al.[21,22] Experimental details for subfigure 
d and e can be found in the Supporting Information. f) The H2O 1H NMR chemical shift as function of H2O:DME ratios for the H2O:DME mixture with 
LiI and without LiI . Subfigures (a–c,f) were adapted under the terms of the Creative Commons Attribution 3.0 International License.[90] Copyright 2017, 
The authors, published by RSC.
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the presence of EC solvent in the electrolyte.[94,95] Not only does 
EC help to form a stable SEI,[96] but its presence in the solvation 
shell of Li+ facilitates Li+ ion desolvation, leading to reduced 
charge transfer resistance.[97] In fact, Ming et al.[98] have shown 
that even after a stable SEI has formed, facile desolvation of Li+ 
ions is essential to prevent solvent co-intercalation and graphite 
exfoliation, where weaker solvent-Li+ interactions help to pre-
vent solvent co-intercalation.[99] For Li metal negative electrodes 
(which don't suffer from solvent co-intercalation), the composi-
tion of the SEI is determined not just by the composition of 
species in the electrolyte, but also whether those species are 
present in the solvation shell of Li+.[100–103] This is due to the 
fact that the reductive decomposition of Li+-coordinated sol-
vent molecules is thermodynamically preferable to free solvent 
due to Li+ coordination lowering the LUMO of the solvent.[104] 
Moreover, interactions between molecules in the solvation shell 
of Li+ can further tune their reductive stability. For instance, 
Jiang et  al.[105] have shown that additives like phloroglucinol 
and 1,3,5-triformylphloroglucinol can shift the LUMO of TFSI− 
anions in the solvation shell of Li+ both up and down, respec-
tively. Notably, while coordination with Li+ ions can alter the 
reactivity of solvent and additives, a species being present in the 
solvation shell of Li+ does not necessarily mean that it will con-
tribute to the formation of the SEI, nor influence the resulting 
reversibility.[106]

Through the examples given above, it is clear that intermo-
lecular interactions within the electrolyte can give rise to signif-
icant changes in the reactivity of electrolyte components. Given 
the significant demands on the electrolyte (electro)chemical 
stability with both the positive and negative electrodes, com-
bining design strategies based on intermolecular interactions 
with synthetic strategies to select molecules that are resistant 
to decomposition will be critical to enable next-generation elec-
trolytes which can delivery long cycle life. Moreover, such inter-
molecular interactions can enable heightened control over the 
reactivity of additives that participate in the reaction, such as 
water, enabling the development of novel beyond Li-ion chem-
istries with increased energy density.

4. Redox Mediators and Redox Active Molten Salt 
Electrolytes
The inclusion of electrolyte species that are redox active leads 
to even further integration of the electrolyte into the battery 
reactions beyond what has been discussed above. Remark-
able improvements in rate and cyclability have been achieved 
through the incorporation of redox mediators in conversion 
chemistries like Li–S [107–109] and Li–O2.[110–112] For instance, Gao 
et  al.[110] combined 2,5-di-tert-butyl-1,4-benzoquinone (DBBQ) 
and 2,2,6,6-tetramethyl-1-piperidinyloxy (TEMPO) redox media-
tors to achieve significant rate (1  mA cm−2

geo) and capacity  
(2 mAh cm−2

geo) increases beyond electrolytes without redox 
mediators. Such “dual mediator”[113,114] systems showed enhanced 
cycle life such as a Li–O2 batteries with stable cycling over  
90 cycles reported by Liang et al.,[111] where cycling became lim-
ited by the Li metal negative electrode. Moreover, redox-active 
nitrate molten salts[115] have also been leveraged to enable high 
rate (10 mA cm−2

geo)[116] and high capacity (17 mAh cm−2
geo)[117] 

metal-oxygen batteries, with low overpotentials (≈0.1 V voltage 
difference between discharge and charge[118]) and high cycle life 
(>150 cycles[119]). In this section, we consider the influence of 
such redox active electrolyte species on the rate, reaction path-
ways and reversibility of Li–O2 and Na–O2 batteries.

4.1. Solvation Influence on Redox Mediators

Redox mediators have been widely used in Li–O2 batteries to 
catalyze both the discharge[120] and charge[121] reactions. Redox 
mediators can be preferable to solid-state catalysts such as 
metal oxides[122] for promoting the charging of Li–O2 batteries 
as they do not rely on good electrical contact between Li2O2 
and the catalyst throughout the entire charging process,[123] 
can oxidize Li2O2 which forms electronically isolated from the 
positive electrode[124] and can suppress side reactions during 
charging.[123,125] Redox mediators alter the charging reaction 
such that the dominant pathway is no longer the electrochem-
ical oxidation of Li2O2 (which is electronically insulating[126]). 
Instead, the redox mediator is first electrochemically oxi-
dized at the electrode surface and then the oxidized form of 
the redox mediator chemically oxidizes Li2O2 to form Li+ ions 
and molecular oxygen and regenerate the reduced form of the 
redox mediator. Many organic molecules like TEMPO,[127] tris[4-
(diethylamino)phenyl]amine (TDPA)[128] and tetrathiofulvalene 
(TTF)[129] as well as inorganics like LiI[130] and LiBr[131] have 
been proposed as redox mediators.

The solvation strength of ions like Li+ and I− can dramati-
cally alter the reactivity and reaction kinetics of redox media-
tors. Our recent work on redox mediators for the charging of 
Li–O2 batteries has focused on LiI,[90,132] which was motivated 
by a number of studies suggesting high cycling stability when 
LiI was added to the electrolyte.[130,133] I− ions can go through 
two distinct redox transitions during oxidation in aprotic elec-
trolytes, having iodide anions (I−) first oxidized to form trii-
odide (I3

−) and I3
− further oxidized to form iodine (I2), where 

the potentials of the I−/I3
− and I3

−/I2 redox transitions can be 
significantly influenced by the solvent.[134] For instance, with 
increasing solvent AN (increasing I− and I3

− solvation strength), 
the I−/I3

− redox transition shifts to higher potentials versus 
Me10Fc, from +20  mV in DME with AN = 10.2  kcal/mol[51] to 
+230  mV in DMSO with AN = 19.3  kcal mol−1[51] (Figure 6a). 
We hypothesized that higher solvent AN led to a positive shift 
in the I−/I3

− redox transition (consistent with a thermodynamic 
preference for I− ions over I3

−) due to the higher charge density 
of I− compared to I3

− which could lead to stronger ion-solvent 
interactions. The 3:1 stoichiometry of I−:I3

− in the reaction 
(I3

− ↔ 3I− + 2e−), could also play a role.[132] Over the same range 
of solvents, the I3

−/I2 redox transition did not shift significantly, 
which supports weaker interactions between I3

− ions and the 
solvent, or at least similar changes in solvation energy of both 
I3

− and I2. Increasing solvation of Li+ through increasing sol-
vent DN can also influence the reactivity of redox mediators for 
charging Li–O2 batteries.[132] For instance, increasing the solvent 
DN decreased the Li+/Li potential versus Me10Fc from −2.96 
VMe10Fc for DME with DN = 20.0 kcal mol−1 [20] to −3.27 VMe10Fc 
for DMSO with DN = 29.8 kcal mol−1 [20] (Figure 6a). Since the 
Gibbs free energy of gaseous O2 (which is in equilibrium with 
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dissolved O2 in the electrolyte) and solid Li2O2 are solvent inde-
pendent, the redox potential of Li+,O2/Li2O2 follows the same 
trend as the Li+/Li potential,[36] decreasing from 0.00 VMe10Fc 
in DME to −0.31 VMe10Fc in DMSO. Therefore, increasing Li+ 
ion solvation can be interpreted as thermodynamically destabi-
lizing insoluble Li-compounds relative to soluble Li+ ions on an 
absolute energy scale. The Gibbs free energy of the chemical 
oxidation of Li2O2 by I3

− given by Li2O2 + I3
− → 2Li+ + O2 + 3I− 

is equal to the difference between the I3
−/I− and Li+,O2/Li2O2 

redox potentials (Figure  6a). Consequently, the driving force 
for the reaction ΔGrxn between I3

−/I− and Li2O2 became more 
favorable with increasing Li+ and I− solvation strength from 

−0.04  eV in DME, to −1.08  eV in DMSO. Subsequent experi-
ments on the chemical oxidation of Li2O2 by I3

− supported this 
trend, showing that with increasing difference between the 
I3

−/I− and Li+,O2/Li2O2 redox potentials, there was increasing 
consumption of I3

− in the presence of Li2O2, as well as faster 
reaction kinetics (Figure  6a). Moreover, in DMSO electrolytes, 
where the oxidation of Li2O2 by I3

− is facile, charging of Li–O2 
cells resulted in increased O2 generation with lower voltages 
(Figure 6b,c), consistent with other studies.[135]

Our findings[132] highlight that the rational design of redox 
mediators must be done concurrently with the selection of sol-
vent as pertinent redox couples can be shifted by up to ≈0.6 V 

Figure 6.  a) Cyclic voltammograms of solutions of 0.5 m LiTFSI + 0.1 m LiI in DME, DMA, and DMSO versus the Me10Fc potential. Currents were 
normalized based on the maximum current observed. Pictures of vial shows the electrolyte after the reaction of 0.05 m I3

− solution (50 µmol I3
−) to 

100 µmol of Li2O2 where a brown color indicates the presence of unreacted I3
−. b) Discharge profile during charging of Li–O2 cells discharged to  

1 mAh cm−2 in DMSO electrolytes with and without LiI added. c) Differential electrochemical mass spectroscopy (DEMS) results showing gas genera-
tion during charging of cells in subfigure b. The cell with LiI added shows increased O2 generation and suppressed CO2. Subfigures (a–c) reproduced 
with permission.[132] Copyright 2019, Elsevier. d) Discharge profile of molten-salt Li–O2 batteries at rates of 0.1 to 2.0 mA cm−2

geo. e) Discharge profile 
of molten-salt Na-O2 batteries at rates of 0.2 to 10 mA cm−2

geo. f) Free energy profile for the reaction LiNO3 + 2Li+ + 2e− = > LiNO2 + Li2O. The reduc-
tion of LiNO3 to LiNO2 was computed in three steps. First, NO3

− and Li+ adsorb onto the oxide surface to form adsorbed –NO3
−–Li+ (Step 1). Second, 

–NO2
−–Li+ is formed by the reaction with two Li+ and two e− yielding Li2ONO3− (Step 2). Third, NO2

−Li+ desorbs and dissolves into the electrolyte 
(Step 3). g) The volcano relation between discharge potential in O2 (solid cycles) and Ar (open cycles) with the bulk ligand 2p-band center of formed 
metal oxides (Cu2O, NiO, Co3O4, Fe3O4, Mn3O4) relative to the Fermi level (mid-gap for semiconducting oxides. Subfigures (d,f,g) reproduced with 
permission.[117] Copyright 2022, Elsevier. Subfigure (f) and insets of (e) and (f) were adapted under the terms of the Creative Commons Attribution 3.0 
International License.[116] Copyright 2022, The authors, published by RSC.
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in different solvents (Figure  6a). Given the many other con-
straints on the selection of solvent, such as (electro)chemical 
stability[71] and ionic conductivity, not to mention the many 
other ways it can alter the reactions (as discussed above), it can 
be impractical to additionally tune the solvation of Li+ and the 
redox mediator species in order to optimize its reactivity. It is, 
therefore, of interest to tune the oxidizing power of the redox 
mediators in a given solvent. It is well understood that the redox 
potential of organic redox mediators be shifted through sys-
tematically altering the functional groups present on the mol-
ecule.[113,136] We recently[137] introduced an approach for tuning 
the redox potential of halide-based inorganic redox mediators 
through the formation of I–Br interhalide species. We chemi-
cally formed I3

−, I2Br−, IBr2
− and Br3

− species by mixing solu-
tions of LiI3 and LiBr3 in DME, finding that the proportion of 
Br-containing interhalides increases with increasing propor-
tions of LiBr3. We showed that the interhalide IBr2

− can form 
at potentials in between the I−/I3

− and Br−/Br3
− redox transi-

tions and shows intermediate oxidizing power against Li2O2 
compared to I3

− and Br3
− in chemical experiments.[137] Such 

interhalide species,[137] or even transition metal–halide com-
plexes[138] can enable enhanced control over the redox potential 
of inorganics, to enable their reactivity as redox mediators to 
be tuned similarly to organic redox mediators, providing addi-
tional parameters for the design of electrolytes.

4.2. Redox Active Molten Salt Electrolytes in Metal–O2 Batteries

Molten salts comprised of redox active nitrate anions can func-
tion as a standalone S–I battery reaction,[115] as well as a redox 
active electrolyte in molten-salt metal–O2 batteries.[116,117,119,139,140] 
Our recent work on molten salt Li–O2 [117] and Na-O2

[116] batteries 
has demonstrated that nitrate-based molten salt electrolytes 
can enable high performance metal–O2 batteries. For instance, 
molten-salt Li–O2 batteries with positive electrodes featuring 
nanoparticle Ni[117] could be discharged at rates up to 2.0  mA 
cm−2

geo with areal capacities up to 17 mAh cm−2
geo (Figure 6d). 

Moreover, by replacing the solid Li metal electrode with a liquid 
Na metal electrode,[116] areal rates up to 10  mA cm−2

geo could 
be achieved (Figure  6e). Such significant performance can be 
attributed in part to the participation of nitrate redox in the dis-
charge reaction. For instance, using 18O isotopic labelling exper-
iments, we observed strong evidence that the formation of Li2O 
in molten salt Li–O2 batteries with transition metal oxide elec-
trodes is formed from the reduction of NO3

− to NO2
− (2LiNO3 + 

4e− + 4Li+ → 2LiNO2 + 2Li2O), where NO2
− can be oxidized sub-

sequently to NO3
− by O2 (2NO2

− + O2 → 2NO3
−), giving rise to 

apparent 4e−/O2 reduction (4Li+ + 4e− + O2 → 2Li2O). Moreover, 
we showed that the potential during discharge showed a vol-
cano trend with the O 2p band center of the transition metal 
oxide surface. NiO catalysts showed the highest potential during 
discharge due to their optimal binding of both NO3

− and NO2
−, 

whereas weaker binding catalysts were limited by NO3
− adsorp-

tion and stronger binding catalysts were limited by either NO2
− 

desorption (in an O2-free, Ar environment), or the oxidation of 
NO2

− to NO3
− by O2 in an O2 environment (Figure 6f,g).

As shown above, the incorporation of redox active species in 
the electrolyte can significantly enhance the rate capability of 

Li–O2 and Na–O2 batteries. Such strategies provide a vast design 
space to tune battery reactions, through the solvation strength 
of ions which serves to shift pertinent redox potentials, as well 
as tuning the redox potentials of organic and inorganic redox 
mediators and the inclusion of solid-state catalysts to facilitate 
nitrate redox. While these redox active species can greatly com-
plicate the rational design of electrolytes, there are also signifi-
cant opportunities to enable high-performance, beyond Li-ion 
batteries with increased energy density.

5. Enhancing Ionic Conductivity through 
Intermolecular Interactions
The power capability, and consequently the charging time of 
batteries is limited by the ionic conductivity and low trans-
ference number of conventional liquid electrolytes. During 
discharge (or charge), low Li+ transference number (the contri-
bution to overall ionic conductivity from Li+[3]) can induce con-
centration gradients across the cell and within the electrodes, 
where active material in regions that are depleted of Li+ ions 
can no longer contribute to the device capacity, imposing a 
limit on the power.[3,141] It is therefore of significant interest to 
enhance the ionic conductivity and Li+ transference number of 
electrolytes to increase device power and reduce charging time. 
For instance, leveraging solid ceramic electrolytes with room 
temperature ionic conductivities of 25 mS cm−1 with tLi+≈1, 
Kato et al.[142] developed all solid state cells[143,144] that could be 
charged at 18 C, corresponding to charging ≈80% of the theo-
retical capacity in just 3 minutes. In this section, we examine 
how intermolecular interactions can give rise to the resulting 
ionic conductivity and transference number of electrolytes, pro-
viding pathways to enhancing device power capability.

5.1. Altering Salt Dissociation and Ion Mobility through 
Electrolyte Interactions

Intermolecular interactions can be used to increase the disso-
ciation of salt ions in solvents with low dielectric constant. The 
influence of solvent on the ionic conductivity of electrolytes has 
been widely studied, where ionic conductivity can be increased 
by increasing the concentration of free ions (either by increasing 
the salt concentration or increasing the dissociation of the salt) 
or by decreasing the viscosity of the electrolyte which leads to 
faster ion mobility.[4] Unfortunately, these parameters cannot be 
manipulated independently as solvents with higher dielectric 
constant which increases salt dissociation tend to have higher 
viscosity[4] and increasing the salt concentration also increases 
the electrolyte viscosity.[84] We recently introduced a novel 
approach to increasing salt dissociation in low dielectric con-
stant electrolytes where a macrocyclic anion binding receptor 
(Cyanostar)[145] was added to a LiPF6 tetrahydrofuran (THF) 
(ε0 = 6.7[146]) electrolyte.[147] Cyanostar (CS) exhibits size-selective 
anion binding and strongly binds PF6

− anions in a 2:1 sandwich 
configuration (Figure 7). Through the addition of CS to the elec-
trolyte, the ionic conductivity of 5 × 10−3 m LiPF6 THF increased 
by over an order of magnitude from just 11 to 150 µS cm−1  
(Figure  7a). Since CS is a size selective anion receptor,[145] 
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we further probed its influence on the ionic conductivity of  
Li salts with different sized anions, such as LiBr and LiTFSI. 
5 × 10−3 m LiBr THF (where CS shows similar binding affinity 
to Br− and PF6

−) showed a comparable trend to 5  × 10−3 m 
LiPF6 THF, with a sharp elbow at cCS/cLi = 2 due to full coor-
dination of all Br− by 2 CS. On the other hand, 5  × 10−3 m  
LiTFSI THF showed a much more gradual increase in ionic 
conductivity due to weaker complexation with CS.[147] Such sig-
nificant increases in ionic conductivity of LiPF6 THF electro-
lytes could be understood by modelling the solution speciation 
through UV–Vis and NMR measurements of the Li+–PF6

− and 
CS–PF6

− binding constants. This modelled speciation showed 
that the addition of CS increased the dissociation of LiPF6 con-
tact ion pairs resulting in high proportions of free Li+ ions and 

(CS)2PF6
− complexes (Figure 7b). The formation of these bulky 

(CS)2PF6
− complexes (Figure 7c) also slowed their mobility rela-

tive to free PF6
− leading to an increased transference number of 

Li+ ions from ≈0.5 for the neat LiPF6 THF electrolyte to 0.8 with 
two equivalents of CS.[147] Unfortunately, while this approach 
led to significant enhancement of salt dissociation in the low 
dielectric constant THF (6.7[146]), the limited solubility of CS 
restricted the maximum ion concentrations to <2 × 10−2 m.[147] 
Given this limitation stemming from the solubility of such 
macrocyclic ion binding receptors, we subsequently investi-
gated how manipulating the solvent could change its interac-
tions with Li+ ions, anions as well as its self-interaction, as a 
means optimize electrolyte ionic conductivity and transference 
number.

Figure 7.  a) Conductivity of 5 × 10−3 m LiBr, LiPF6, and LiTFSI in THF with increasing equivalents of cyanostar (CS). b) Conductivity (black dots) and 
the calculated concentrations (grey, green, blue, orange, and purple lines) of species formed when CS was added to LiPF6. The calculation was based 
on a 3-equilibria model: ion paring of LiPF6 (log Kip = 4.9), CS·PF6

− 1:1 binding (log K1 = 5.3), and CS2·PF6
− 2:1 binding (log βanion = 13.5). c) Scheme of 

supramolecular anion modification of ion pairs. βanion is the overall association constant of the CS:anion complex. d) The pairwise interaction ener-
gies (ΔEi-R) of each substituent with Li+, TFSI−, DME, and itself (self-association) in the gas phase were obtained using DFT calculations and used 
to predict viscosity and ionic conductivity. e) Temperature-dependent molal ionic conductivities of OEG-LiTFSI electrolytes (LiTFSI, Li/O = 1/12). f) 
Chemical structures and normalized interaction energies of three compounds from subfigure e. The pairwise noncovalent interaction energies induced 
by the substituents were normalized to the maximum values within the series (e.g., ΔELi-R is normalized by dividing each energy value by the maximum 
ΔELi-R value within the series). Top: Li+ interaction, ΔELi-R; bottom: DME interaction, ΔEDME-R; left: TFSI− interaction, ΔETFSI-R; right: site-site interaction, 
ΔER–R. Subfigures (a–c) reproduced with permission.[147] Copyright 2018, American Chemical Society. Subfigures (d–f) reproduced with permission.[148] 
Copyright 2020, ACS.
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Ionic conductivity can be relatively well-predicted based 
solely on the solvent-Li+, solvent-anion and solvent-solvent 
interactions. We recently studied a family of selectively modi-
fied oligo-ethylene glycol (OEG) LiTFSI-based electrolytes[148] 
using a series of functional groups (R) with different Li–R, 
TFSI–R, DME–R, and R–R interactions (Figure  7d). We com-
puted each of the pairwise interaction energies using DFT 
calculations for 12 different R groups. Remarkably, by fitting 
a nonlinear regression model that encoded an Arrhenius tem-
perature dependence and the 4 DFT-computed pairwise interac-
tion energies for each substituent, we could predict the tem-
perature-dependent ionic conductivity (R2 = 0.98) and viscosity  
(R2  = 0.99) of the resulting electrolytes.[148] Such nonlinear 
regression model could even predict the ionic conductivity and 
viscosity of 3 compounds not included in the training set.[148] 
Such findings are significant as they illustrate that even com-
plex macroscopic properties like ionic conductivity and viscosity 
are ultimately governed by simple intermolecular interactions 
within the electrolyte. Within our electrolyte system, R–R 
interaction energies (i.e., the dipole–dipole self-interactions 
between functional groups) were most critical in determining 
the resulting ionic conductivity as strong R–R interactions led 
to significantly increased viscosity and reduced ion mobility.[148] 
For instance, increasing R–R interaction energy by changing 
the substituent from octaglyme, to carbonate, to p-benzen-
ediboronic ester resulted in decreasing room temperature 
molal ionic conductivity from 8 × 10−4 S cm−1 mol−1 kg−1, to 
1 × 10−4 S cm−1 mol−1 kg−1, to 8 × 10−6 S cm−1 mol−1 kg−1, respec-
tively (Figure 7e,f).

5.2. Altering Ion Conduction Mechanisms through Electrolyte 
Interactions

Beyond altering the dissociation of ions and ion mobility, inter-
molecular interactions within the electrolyte can also alter the 
ionic conduction mechanism. Li+ ion conduction in liquid elec-
trolytes is generally thought to occur through a vehicular mech-
anism where the ion retains noncovalent bonds with its nearest 
neighbors and the first solvation shell remains fixed with 
respect to the solvated cation, having the cation and its solvation 
shell to move as a coordinated unit.[149,150] However, in some 
electrolytes, Li+ ions appear to conduct through more of an 
ion hopping mechanism whereby the ion becomes desolvated 
or partially desolvated; breaking noncovalent bonds with some 
nearest neighbors and establishing new ones. For instance, 
Dokko et  al.[151,152] reported a Li+ ion hopping mechanism in 
highly concentrated LiBF4 sulfolane (SL) electrolytes, where Li+ 
had a higher diffusion coefficient than both the SL solvent and 
BF4

− counter anion. Moreover, Borodin and Smith[153] leveraged 
MD simulations to show that solvent exchange events in the 
1st solvation shell of Li+ can occur with very different frequen-
cies in different solvents. For example, Li+ in LiTFSI DME elec-
trolytes travelled almost 1.5  nm in between solvent exchange 
events, whereas Li+ in LiTFSI EC exchanged a solvent molecule 
in its first solvation shell every 0.3 nm.[153] In work that is forth-
coming,[27] we propose that the selectivity between vehicular, 
ion hopping and mixed ion conduction mechanisms is gov-
erned by the intermolecular interactions within the electrolyte, 

where a vehicular is favored when Li+ remains tightly bound 
to its neighboring solvent molecules. Unleashing Li+ ions to 
facilely hop through the electrolyte (analogous to the Grotthuss 
mechanism of proton conduction[154,155]) could enable novel 
liquid or polymer electrolytes which can deliver high power and 
fast charging.

6. Conclusions and Perspectives

In this mini-review, we have showcased the dramatic influ-
ence that the intermolecular interactions within the electro-
lyte can have on aspects of battery performance like discharge 
rate, discharge capacity and cycle life. We considered the role 
of reactant and product solubility on the battery reactions, 
showing that even low solubility <0.1  × 10−3 m could enable a 
dissolution-precipitation reaction pathway and the solubility 
strongly influenced the discharge overpotential and capacity. 
Intermolecular interactions between electrolyte components 
were shown to dramatically influence their reactivity, leading 
to significantly enhanced solvent (electro)chemical stability in 
highly concentrated electrolytes, and a widely tunable depro-
tonation energy of water. Incorporating redox active species 
in the electrolyte, such as with redox mediators or redox active 
nitrate molten salts, could significantly reduce reaction overpo-
tentials and enhance cycle life. Finally, the ionic conductivity 
and transference number of electrolytes, which give rise to the 
power capabilities of devices, are ultimately derived from the 
intermolecular interactions within the electrolyte where anion-
binding receptors can enhance salt dissociation, and decreasing 
self-interaction amongst solvent molecules can reduce viscosity 
and increase ion mobility.

Developing next-generation electrolytes to drive the next big 
leaps in battery performance necessitates unprecedented mole-
cular control over the intermolecular interactions between 
electrolyte species and the solvation of ions. In Section 2, we 
painted an eye-opening picture whereby even small species sol-
ubility <10−4–10−5 m could facilitate dissolution-based reaction 
mechanisms. Remarkably, such small solubility approaches 
the detection limits of inductively coupled plasma atomic 
emission spectroscopy (ICP-AES) (≈1 × 10−5 m [62]) and total 
dissolved solids (TDS) measurements (≈1 × 10−6 m [61]) based 
on ionic conductivity. Despite the importance of species with 
small, but nonzero solubility, relatively few works have meas-
ured the solubility of inorganic phases such as NaO2, KO2, 
Li2S, Li2O, and LiF. Moreover, these solubility measurements 
are generally performed in pure solvents, where the effect 
of salts and salt concentrations could have significant influ-
ence, especially in HCEs. It is therefore of significant interest 
to develop methodologies to probe small solubility <10−5 m 
in practical electrolytes (i.e., with salt) in order to systemati-
cally study how parameters like solvent, salt concentration and 
counter anion influence the solubility of these phases. In addi-
tion to influencing beyond Li-ion battery chemistries like Li–
O2 and Li–S, species with nonzero solubility could influence 
the nucleation and growth of inorganic phases in the SEI of 
the negative electrode. For instance, inorganic phases such as 
LiF and Li2O are widely treated as insoluble, but can be soluble 
up to ≈10−4–10−5 m.[29,156] Such levels of solubility, as well as the 
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difference in solubility between different electrolytes, could 
dramatically alter the nucleation and growth of these inorganic 
phases and the resulting properties of the SEI. For instance, 
smaller LiF deposits in the SEI have been correlated with 
higher Coulombic efficiency[157] and lower overpotentials[158] 
of Li metal plating and stripping. These smaller LiF deposits 
could, in part, stem from reduced LiF solubility in the electro-
lyte, promoting increased nucleation of LiF sites but reduced 
particle growth. Despite this, the solubility of common SEI 
phases such as LiF and Li2O has only been measured in pure 
solvents and the solubility of other phases like lithium alkox-
ides and semicarbonates is unknown. By measuring the solu-
bility of these SEI phases in practical electrolytes, the resulting 
influence of nonzero SEI component solubility on the nuclea-
tion and growth of the SEI can be rationally examined.

Beyond their solubility, the nucleation and growth of inorganic 
phases such as NaO2, KO2, Li2S, Li2O, and LiF is further altered 
by the kinetics of dissolution/precipitation. The kinetics of ion 
(de)solvation can greatly influence such dissolution/precipita-
tion kinetics as well as electrochemical reaction kinetics during 
ion intercalation[91,159] and the plating/stripping of Li[160–162]  
and other metals. The energy barrier to Li+ ion desolvation in 
carbonate electrolytes is ≈0.5–0.6 eV[163–165] based on measure-
ments with lithium titanium oxide electrodes and DFT calcu-
lations, whereas this number can be as low as ≈0.2–0.3 eV[166] 
in aqueous electrolytes. Isolating the energy barrier to Li+ ion 
desolvation from experimental electrochemical kinetic meas-
urements is challenging as these reactions can be further lim-
ited by the presence of an SEI (including ion transport within 
the SEI and across the SEI/electrode interface), as well as the 
kinetics of the electrode reaction itself (such as intercalation 
of the desolvated ion into the electrode material).[167] Moreover, 
the ion and electron transfer kinetics can be coupled.[159] As a 
result, the molecular origin of the faster desolvation kinetics 
in aqueous electrolytes compared to carbonates is not under-
stood.[167] Interestingly, these ion desolvation kinetics do not 
appear to correlate with the strength of ion solvation, as Li+ 
is solvated more strongly in H2O than in PC and MeCN,[168] 
despite Li+ having a lower energy barrier to desolvation in H2O 
than in either PC and MeCN.[169] Developing experimental 
methodologies that isolate the ion (de)solvation kinetics from 
confounding effects like the SEI and electrochemical reaction 
kinetics[167,169] will be critical to better elucidate the precise 
molecular processes occurring during ion (de)solvation, as well 
as to design electrolytes that enhance this process. One poten-
tial direction is through the study of salt dissolution kinetics, 
which can be simpler and can more directly isolate the (de)
solvation of ions. Such heightened measurements and under-
standing of ion (de)solvation kinetics will enable the determina-
tion of key macroscopic properties such as the dissolution/pre-
cipitation rate of discharge products like Li2S and NaO2, as well 
as SEI phases like Li2O and LiF. Precise determination of these 
macroscopic properties is vital to develop better models[170,171] 
that can inform the design of cells with high active material 
loading and lean electrolyte.

The next big leaps in battery performance are likely to be 
driven electrolyte discovery. Whether its enabling ultrafast 
charging through enhanced ionic conductivity and transfer-
ence number, higher energy density through the stabilization 

of Li metal or Ni-rich electrodes, or the development of beyond 
Li-ion chemistries like Li–S and Li–O2, electrolyte research 
is poised to play a critical role. Throughout this mini-review, 
we showed that not only are the molecular components of the 
electrolyte critical, but also the intermolecular interactions 
between them, giving rise to enhanced (electro)chemical sta-
bility, faster reaction kinetics and enhanced ionic conductivity. 
In order to rationally design next-generation electrolytes and 
accelerate their discovery, deeper fundamental understanding 
of the molecular processes involved in ion (de)solvation and 
the role of solubility on the SEI are required. Through devel-
oping unprecedented molecular control over the intermolec-
ular interactions within the electrolyte, batteries with higher 
energy density, longer cycle life and utilizing cheaper, more 
earth abundant materials can be developed in order to accel-
erate the decarbonization of the electrical grid and the trans-
portation sector.
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