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Context and Manuscript Outline

Context and Manuscript Outline

General context

Driven by the population growth and the appetite for automation, the worldwide energy
consumption has been tremendously growing since the 19th century and the beginning of the
industrial era. Despite the recent sanitary crises that has largely affected the worldwide economic
and political situation, recent forecasts still predict an increase of the global energy demand of
around 10% by 2030, compared to pre-crises level, primarily driven by the economic and
population growth in Asia and Africa.! In parallel, the world is facing an increase in greenhouse
gases (GHG) atmospheric concentrations that are for a large part emitted when primary energies
are converted (CO2 emissions from combustion reactions). Such high concentrations are inevitably
leading to a global increase of the temperature at the surface of the Earth. To satisfy this appetite
for energy while limiting the GHG emissions, there is a strong need to decrease the carbon intensity

of our energy supply.

a) GtCO2
36
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34
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30
Sustainable Development Scenario
28
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Primary energy demand by fuel, indexed to 2019 levels (Stated Policies Scenario)
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Introduction Figure 1. a) Forecast of the worldwide CO2 emissions (in giga ton per year) for the next 10 years and b)
forecast of the production for the different primary energy sources indexed to their levels in 2019 for the next 10
years within the stated policy scenario framework. Data are taken from ref. 1.

9



Context and Manuscript Outline

As shown in Introduction Figure 1, the mitigation of the global GHG emissions can only
arise from a substantial modification of the primary energy sources share in the global production.
Especially, even in the stated policies scenario (that is restricted to the application of already
adopted policies and does not take future improvements into accounts), renewable energy sources

installed capacities are expected to grow by more than 1.5 times within the next decade.

Chemical

@ Industry

Natural
Gas Network

Transport

Grid
Regulation

Introduction Figure 2. Various applications for electrochemical energy storage devices. Yellow lines represent
electricity flows, while blue lines account for hydrogen flows.

To implement those drastic changes in our energy supply, the development of efficient
electrical energy storage solutions is crucial. Indeed, because renewable energy sources (wind and
solar) are intermittent, the electrical grids need to be buffered to ensure a proper regulation of their
operating frequencies. Moreover, since the transportation sector is accountable for around 25% of
the GHG emissions,? its electrification is one of the top priority to limit anthropologic GHG
emissions and it will require the massive deployment of cheap and efficient energy storage devices.
Some of the most advanced energy storage technology rely on the transformation of electricity into
chemical energy. For instance, electrolyzers are used to convert water and electricity into “green
hydrogen” that can be used as it as chemical reagent, or even converted back to electricity within
fuel-cells. Also, rechargeable (or secondary) batteries store and release electrical energy on

demand, through reversible electrochemical reactions.

Each of these devices may match various applications. For instance, because batteries

exhibit good reversibility, they are envisioned for grid frequency regulation applications. Also,
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thanks to their high volumetric energy density (> 1 kWh/L), they are widely used to power zero-
emission personal cars. Even if the transformation of hydrogen into electricity inside a fuel-cell is
also envisioned to power heavy-duty transportations (trucks or boats), hydrogen is above all
attractive because it finds direct industrial applications. For instance it can substitute for carbon as
a reducing agent for steel and aluminum industries, be used as a reactant the chemical industry (e.g.
ammonia production), or even be injected in the natural gas network to lower heating systems

carbon intensity.?

Interestingly, water electrolyzers and batteries share a common structure: they both
encompass two electrodes and an electrolyte. The electrodes are made from conductive materials
to which electric charges are brought by an external circuit, while the electrolyte is often the
mixture of solvent(s) and supporting salt(s) that ensures the electroneutrality by assuring the shuttle
of ionic species between the electrodes. For both systems, the choice of the electrodes materials
tremendously governs their performances. Thus, materials with large energy and high power
densities have been designed for battery applications, while materials exhibiting good catalytic
properties and long-term stability have been engineered for electrolyzers. Nevertheless, these high
performances materials are in contact with electrolytes, and the nature of the electrode-electrolyte
interface may limit their performances. Hence, it appears crucial to better understand the nature of
those electrochemical interfaces in order to unlock cheaper, more efficient and more sustainable
electrochemical energy storage devices.

Outline of the thesis

This thesis aims to contribute to the development of electrochemical energy storage
devices, by providing a better understanding of the role of the electrolyte, and especially of the
solvent, in electrolyzer and battery devices. Electrochemical measurements, molecular dynamics
simulations, liquids physical and chemical properties characterization techniques as well as
spectroscopies were employed to this purpose. Material characterization techniques (diffraction

and spectroscopies) completed the panel of experimental techniques.

The first chapter introduces this thesis by looking at the hydrogen evolution reaction (HER).
After recalling the historical developments of water splitting, it discusses the implications of the

HER kinetics and thermodynamics for electrolyzers and aqueous batteries. Then, it focuses on the
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quest for finding physical descriptors to describe HER kinetics, emphasizing recent developments
that highlighted the importance of understanding how the water structure at electrochemical

interfaces may alter its reactivity.

The second chapter describes results regarding a chemical strategy employed to glimpse a
molecular picture of water electrochemical reactivity. Briefly, it consists in “confining” water in
an organic solvent to finely tune its short-range and long-range environments and monitor how
they alter its reactivity upon reductive conditions. The combined use of molecular dynamics
simulations and spectroscopies shines a light on how the water structure in electrolytes can be tuned
just by varying by the water concentration and/or the supporting salt nature and/or concentration.
Electrochemical measurements prove that the modification of the water short and long-range
environment drastically alters the water reactivity, and a water “structure-reactivity” correlation is

drawn.

The third chapter is dedicated to the study of superconcentrated aqueous electrolytes, also
called water-in-salt electrolytes. They exhibit a large electrochemical window (>3V) and are
promising for the development of high-voltage aqueous batteries. First, their electrochemical
reactivity is assessed on model electrodes, and rationalized thanks to the fundamental framework
developed in the first chapter. The formation of aqueous biphasic systems is assessed for different
lithium salts, and the physics that drives the formation of such intriguing systems is explored thanks
to the analysis of the physico-chemical properties of these liquids coupled with molecular
modeling. Criteria based on the size and shape of the anions emerged from these investigations to
be used as descriptors for the formation of aqueous biphasic systems. The use of aqueous biphasic
systems for electrochemical applications is discussed.

The last chapter extends the framework of this thesis to organic electrolytes. It proposes to
electrochemically intercalate lithium cations into materials that are reputed soluble in most of
electrolytes commonly used in Li-ion batteries (LIBs). Inspired by the physics that drives the
formation of aqueous biphasic systems, the use of organic superconcentrated electrolytes is
proposed to tackle this solubility issues. Li batteries using those electrolytes are assembled, and the

formation of new lithiated vanadium halide phases is demonstrated using diffraction techniques.

12
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Solubility measurements demonstrate that superconcentrated electrolytes thermodynamically

suppress the transition metal dissolution.

Altogether, this manuscript highlights that mastering the solvent structure at the
electrode/electrolyte interface is a key to innovate in the electrochemical energy storage sector.
Also, it suggests that the developments of a facon electrolytes may help to trigger the development

of new materials that would serve for energy applications and beyond.

13



Context and Manuscript Outline

14



Electrochemical transformation of water into hydrogen: from fundamental to applications

Chapter | - Electrochemical transformation of water into hydrogen:
from fundamental to applications?®

I.1. Producing hydrogen from water and electricity

Electrocatalytic water-splitting

The transformation of water into molecular hydrogen has been extensively studied since
the 16th century, even though the hydrogen was only properly categorized as an element by the
French chemist Lavoisier in 1784.% Until this date, hydrogen is known as the product of the reaction
between a metal, acting as a reducing agent, with acidic water as escribed by the following chemical

equation:
nH* + M =M™ + 2H, (I-1)

In 1789, two Dutch and German scientists highlighted for the first time the feasibility of
using an external electric field to transform water into molecular hydrogen (“air inflammable”)
and molecular oxygen (“air vital”).> A year later, the German chemist J.W. Ritter took profit of the
discovery of the voltaic pile and assembled the first water electrolysis apparatus, that allows to
recover separately the two gas evolved at the anode and the cathode.® At each electrode, electrons
meet protons or water molecules to evolve the two gases according to the following electrochemical

equations:
2H* + 2e™ = H, hydrogen evolution in an acidic electrolyte (I-2)

2H,0 + 2e™ = H, + 20H™ hydrogen evolution in an alkaline electrolyte (I-3)
H,0 = %OZ + 2e~ + 2H* oxygen evolution in an acidic electrolyte (I-4)

20H™ = %Oz + 2e” + H,0 oxygen evolution in an alkaline electrolyte (I-5)

2 Part of this chapter is based on the following paper that | co-authored: N. Dubouis and A. Grimaud, The hydrogen
evolution reaction: from material to interfacial descriptors, Chem. Sci, 2019,10, 9165-9181
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These discoveries were rapidly followed by the engineering of applied systems using
hydrogen (fuel cells, internal combustion engines, balloons, etc.) and by the development of
fundamental tools to describe the physico-chemical properties of electrolysis (Avogadro’s gas law,

Faraday’s laws, manometers, etc.).

Since then, the HER has been extensively studied from a fundamental point of view. One
of the motivation behind this broad interest from the scientific community is that the HER is a
prototypical electrochemical reaction. Indeed, it can be measured in simple aqueous electrolytes
(water is both the solvent and the reactant), and no side reactions can be expected since the metallic
electrodes are held at reductive potentials, unlike for the oxygen evolution reaction (OER), for

which metals tend to oxidize and dissolve.

As early observed by electrochemists such as Bockris, the kinetics for the HER are highly
dependent on the nature of the electrode material.” For instance, in acidic media, the value of the
Tafel slope (which measures how much overpotential should be added to increase the current
density) for the HER ranges from ~ 30 mV/decade when measured on platinum (Pt) up to
120 mV/decade when measured on mercury (Hg).2 Measuring such different values led to the
conclusions that the HER is an electrocatalyzed reaction, for which the mechanism depends on the
nature of the electrode material. Simply speaking, the electrode acts as a heterogeneous catalyst by
creating a reaction intermediate in the reaction pathway, minimizing the Gibbs free energy of

activation (A,.G*), as illustrated in the Figure I-1.
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H*

H + e 2 H, H* + e iz H,

without catalyst with catalyst

Figure I-1. Illustration of the reduction for the microscopic activation energy in presence of an electrocatalyst.

The fact that the HER is an electrocatalyzed reaction finds also its importance regarding
the practical production of hydrogen from water and electricity. Indeed, the choice of the catalyst
will directly set up the HER Kinetics, and thus the power capacity and the electrical efficiency of
the electrolyzer, i.e. the device embarking the catalysts and other components required for the
reaction to occur at an industrial scale. These two parameters are intimately correlated to the price
of the green hydrogen. Indeed, a higher electrical efficiency means lower operating costs while a
higher power capacity lowers the capital expenditures. Thus, despite the cost of the catalyst
represents only few percent of the one of the total electrolyzer, its performances will directly affect
the green hydrogen price.®° Therefore, it is prime of interest to understand how the catalysts work

in the electrolyzers environments.

Dominant technologies for water electrolyzers

The mass production of hydrogen using water splitting requires the assembly of efficient,
cheap and long lifetime electrolyzers. One of the main challenges that exists for designing a
practical electrolyzer is the stability of the system in presence of an aqueous electrolyte. Such
stability criteria exclude the use of strong acidic electrolytes for the assembly of MW-scale

electrolyzers. Indeed, while suitable HER catalysts can be found in acidic conditions, only scarce
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and expensive compounds such as ruthenium (Ru) or iridium (Ir) oxides are suitable for the OER
in acidic conditions.'*'* Moreover, the practical stability of the materials used for the electrolyte
and gas flow management is even a larger concern. Thus, the first generation of commercial
electrolyzers was designed based on two electrodes made from abundant metal, namely nickel
(Ni),'® separated by a diaphragm that prevents gas crossover and short-circuit, all being immersed
in a strong alkaline electrolyte (typically 40wy KOH solution) forming a so-called alkaline
electrolyzers, as schematized in Figure I-2. Even if alkaline electrolysis is the most mature
technology, with a low capital cost and good electrical efficiencies of ~63-70%, it suffers from
several drawbacks such as a relatively poor purity (<99%) for the gas produced, a low output
pressure (1-30 bars) and more importantly from the need of recycling the highly corrosive KOH

electrolyte.>1°

( ‘© \

H,+ OH 0

OH {~----=--__{»

H,O  NiCathode Ni Anode OH
Diaphragm

Figure I-2. Schematic representation of an alkaline electrolyzer.

In order to overcome those shortcomings relative to the alkaline technology, polymer
electrolyte membrane water electrolyzers were developed. The most common technology is using
a proton exchange membrane (such as Nafion), on which OER (resp. HER) catalysts such as RuO-
or IrO2 (resp. Pt/C, Pt) are directly coated forming a so-called membrane electrode assembly
(MEA). Ultrapure water (liquid or vapor), is feeding the MEA through bipolar plates equipped with
gas flow channels, that are connected to the external circuit by stainless-steel current collectors as
described in Figure I-3.1%® The mechanism at play is similar to acidic water splitting: the oxidation

of water into O2 generates protons that can shuttle across the proton exchange membrane to the
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negative catalyst to be reduced into Hz. Polymer electrolyzers outperform alkaline ones since they
do not need an aggressive electrolyte, they exhibit high output pressures (up to 200 bars with a
compressor), can produce high purity grade hydrogen (> 99.999%) and are highly flexible
regarding their load.>° However, scalabilities issues are at play. Indeed, even if HER catalysts
could eventually be replaced by earth-abundant sulfides, or nitrides for instance,®!’ no abundant
OER catalysts operating in acidic conditions are known today. Thus, a system operating with the
same catalysts as in alkaline electrolyte and based on a MEA architecture is highly desirable and
can be obtained by replacing the proton exchange membrane by an anion exchange membrane that
allows the transfer of hydrogen anions generated by the HER to the OER catalyst. Even if not as
mature as alkaline electrolyzers or proton exchange membrane electrolyzers, anion exchange
membrane electrolyzers are currently at the beginning of their commercialization® and may help

to the deployment of H» production at a TW scale.

©

Porous Pt IrO, Porous
Layer Cathode Anode Layer
H 4H_+
: H*+ O
Proton 2
Exchange
* Memb
Current I sl i Current
Collect Collect
ollector H.O Anion o ollector
Exchange
Membrane
. —>
H,+ OH OH- 0,
Bipolar Ni Cathode Ni Anode Bipolar
Plate Plate

Figure I-3. Schematic representation of a polymer electrolyte membrane electrolyzer based either on a proton
exchange membrane (blue) or on an anion exchange membrane (red) technology. Captions in black are similar for
both systems.

Finally, it is worth mentioning that while the technologies previously listed operate at

relatively low temperature (~ 20 — 100°C); high-temperature electrolyzer technologies are slowly
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brought to the market. For instance, solid oxide electrolyzer cells operate at ~650-1000°C and use
doped zirconia as a solid electrolyte and fuel-cell electrodes, the operation at higher temperature
maximizing the electrical efficiency (> 75%). Moreover, these systems could be attractive for
reversible applications such as grid frequency regulation since they can operate in a fuel-cell mode,
but with relatively poor efficiencies.® However, they also suffer from their short stack lifetime and

high capital cost.®

A massive adoption of the hydrogen economy should lead to a drastic price decrease for
the production and installation of electrolyzers thanks to scalability and learning by doing effects.
Combined with a drop of the electricity prices resulting from the connection of renewable power
plants to the grid, the production cost of green hydrogen could meet the 2 $/kg target at a short

horizon, in certain geographic locations.

However, as mentioned earlier in the thesis, hydrogen suffers from intrinsic drawbacks that
prevents its widespread for personal transportation and to power small electronic devices. For these
applications, rechargeable batteries are more competitive. While the kinetics for the HER and OER
set up the performances for water electrolyzers, they also start to be recognized as an issue to tackle

for the development of greener high-voltage secondary batteries based aqueous electrolytes.

1.2 Slowing down the water splitting kinetics: toward high-voltage aqueous
batteries?

The conversion of chemical energy into electricity was discovered by Volta at the same
period as the electrochemical water-splitting. Since then, many other primary (non-rechargeable)
and secondary (rechargeable) battery technologies were invented. Batteries are made by
assembling two electrodes, having different redox potentials, with an electrolyte. For instance, the
voltaic cell was obtained by stacking discs of copper and zinc, separated by paper fibers, these
components being soaked into a brine solution. During the discharge of the battery, the positive
electrode (or the cathode) is reduced and the negative one (the anode) is oxidized while the
electrolyte ensures the local electrical neutrality. While the molar mass of the electrode materials,
and the number of charge they can accumulate/give, governs the battery “capacity” (expressed in
Ah g1, the “energy density” (in Wh kg™) will be the product of this capacity with the working

voltage. Most of the commercial batteries that are still used today (lead-acid, nickel-cadmium,
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nickel-iron, nickel-metal hydride) were developed in the 19th and 20th century and all share the
use of a water-based electrolytes. Hence, practically speaking, all these technologies operate at
voltage under 2.0 V to limit the electrolyte degradation and are limited to energy densities below
100 Wh kg as shown in Figure I-4.
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Figure I-4. Practical energy density and working voltage of the main aqueous (light blue) and non-aqueous (dark blue)
commercial secondary batteries technologies. Values are given for the entire device, and are taken from ref. 18.

The recent boom of the battery technology was allowed by the discovery of the intercalation
chemistry, directly implemented into the so-called Li-ion battery technology. LIBs were invented
in the late 80’s, and are based on a “rocking-chair” technology: the cathode and the anode are
materials that can reversibly intercalate Li* cations and the electrolyte is a matrix containing a
lithium salt that ensures the flow of alkali cations between the electrodes. The potential at which
the reversible intercalation/deintercalation operates is directly correlated with the electronic
structure of the electrode material. Today, the negative electrode is made of carbon-graphite, while
the positive electrodes are often picked up from transition metal oxides (e.g. LiCoO2) or
polyanionic compounds (e.g. LiFePOs). Because graphite can intercalate lithium at very low
potentials (0.1 V vs. Li*/Li i.e. — 2.9 V vs. the standard hydrogen electrode (SHE)) and positive
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electrodes at relatively high potentials (> 3 V vs. Li*/Li i.e. > 0.0 V vs. SHE, or more than 4.0 V
vs. Li*/Li (1 V vs. SHE)) for the most advanced technologies (such as nickel manganese cobalt
oxides, so called NMC, cathodes), one could assemble high operating voltage and high gravimetric

energy density devices.

E vs. SHE (V) : E vs. Li*/Li (V)
1.23 OER LiCoO, Li Mn.O 4
_I - X 274 _4
LiFePO,
. N
Li VO
pH Ix 2 _3
14 . LiMoS |
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Figure I-5. Operating potentials for materials used in Li-ion (or Li-metal) batteries compared to the water Pourbaix
diagram. When a material can operate in an aqueous electrolyte, the color is green. If the operating potential is too
low it is colored in yellow and too high in red. Data are taken from ref. 19.

Nevertheless, even though aqueous electrolytes are safe (less flammability and toxicity),
sustainable, cheap and easy to manufacture (no dry room are needed in the factories), and exhibit
great conductivities,'®° they have a narrow electrochemical stability window. Thus, plenty of
intercalation materials would not be stable when soaked in aqueous electrolytes. Indeed, if the
intercalation potential of a material is too low (resp. high) relatively to the Pourbaix diagram for
water (as shown in Figure I-5), the material would deintercalate (resp. intercalate) by reacting with
water through the following redox reaction: LiA +H,0 =A+ Li* +OH™ + ZH, (resp.

A+ Li* + 2H,0 = 30, + LiA + H30") (A being the host material) preventing the battery to
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operate. Thus, blend of organic solvents (carbonates) were originally preferred to assemble high-
voltage LIBs since they exhibit wider electrochemical stability windows. Nevertheless, few
examples of aqueous LIBs were developed. For instance, the first rechargeable aqueous LIB, which
was engineered by Dahn and coworkers 1994 using LiMn2O4 as positive electrode and VO as
negative electrode and concentrated LiNOs-based or LiOH-based electrolytes with a 1.5V
operating voltage and a about 50 Wh kg*.2%%! Despite such low metrics that preclude rechargeable
aqueous LIBs from competing with their organic counterparts, these prototypes confirm the
feasibility for a “rocking-chair” electrochemistry in aqueous electrolytes. Thus, it appears crucial
to develop strategies in order to tackle this redox stability issue between the intercalation materials
and aqueous electrolytes and combine all the advantages from the Li-ion chemistry (high voltage,

coulombic efficiency and reversibility) and of water-based electrolytes.

If the thermodynamic stability window of water cannot be easily tuned, because the
associated reactions are electrocatalyzed, as discussed above, the kinetics for the HER and OER
are strongly dependent on the experimental conditions. Thus, one could take advantage of this
effect and select intercalation materials that are bad catalysts for water splitting. Looking at Figure
I-5, it clearly appears that the intercalation compounds usually employed as positive electrode
would have their potential close to the OER one (especially at low pH), while negative electrodes
such as Ligvetary Or graphite operate at very negative potentials compared to the HER potential,
whatever the pH. Thus, to improve the energy density of aqueous LIBs, one should focus on the
kinetics of the HER on negative electrode materials. A prototypical example illustrating this
challenge is MoS:. Indeed despite its intercalation potential being not so far from the water stability
region ( ~1.5V vs. Li*/Li),?? the 1T-LixMoS; phase obtained upon lithiation has been found as one
of the best transition-metal based catalysts for the HER,?® which prevents its use as a negative
electrode in an aqueous LIB. The MoS; example definitely demonstrates the existence of synergies

in the development of more performant water electrolyzers and rechargeable aqueous LIBs.

I.3 Historical and emerging strategies to understand and tune the hydrogen
evolution reaction kinetics

Earlier in this chapter, we have clearly highlighted that finely assessing how efficient or not
a material will be for the water reduction is one of the key challenge in order to build more efficient
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electrolyzers or aqueous batteries. In this section, we will review how different physical parameters

were identified and proposed as good “descriptors” for the HER kinetics.

The heterogeneous HER comprises two concerted proton-electron transfers that were
identified to occur in two successive elementary steps.® The reductive adsorption of hydrogen
atoms onto the electrode surface was ascribed as the first step for the electrocatalytic HER and
named the Volmer step: H* + e = H*. Then, the as formed reaction intermediate (H*) can either
chemically recombine with another H* to evolve molecular H> (2H* = H,, Tafel step) or undergo
an electrochemical recombination (H* + H* + e~ = H,, Heyrovsky step).2 The mechanism at
play is highly dependent on the experimental conditions (i.e. electrode material and electrolyte)
and can be approached by combing microkinetics modeling and Tafel analysis.?*

Importantly, a good catalyst should exhibit high exchange current density and a low Tafel
slope values. Platinum meets those two criteria, and is widely recognized as the state of the art
electrocatalyst for the HER. Also, the HER is found to be highly reversible on Pt, which means
that the kinetics for the hydrogen oxidation reaction (HOR) are fast. Even if Pt is quite scarce
(worldwide annual production ~ 180 tons,® unequally distributed?®) and expensive (~ 35 000 $/kg
in February 2021), it is one of the catalyst that is used in industrial electrolyzers because it exhibits
very fast kinetics for the HER. Because Pt is a reversible for the HER/HOR, it is also massively

employed as a fuel cell catalyst.

From a more fundamental point of view, the fast kinetics and the good reversibility for the
HER and HOR on Pt are also useful to define and assemble a reversible hydrogen electrode (RHE)
by bubbling Hz into an electrolyte which can be used as a reference electrode. Using this reference
electrode, the overpotential for the HER (nner) can simply be defined by the difference between
the applied potential and this reference electrode. The RHE potential, which is pH dependent, can

be directly derived from the Nernst equation:
Erue = Esue — };—TPH (I-6)

where Esne is the potential for the standard hydrogen electrode, an ideal electrode that adopts the

potential of a platinum electrode in an ideal solution that contains 1 M H*, with an activity
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coefficient of 1, and under a 1 bar H, atmosphere with a fugacity of 1, R the universal gas constant,

T the temperature and F the Faraday constant.

Owing to its outstanding electrocatalytic activity, most of studies are therefore focusing on
the HER mechanism on the surface of Pt in acidic media. A typical cyclic voltammogram (CV)

recorded for polycrystalline platinum (Pt(pc)) electrode in acidic media is shown in Figure 1-6.
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Figure 1-6. Cyclic voltammogram recorded on a Pty electrode at 50 mV s in a 0.5 M H2S0s solution degassed with
argon.

This typical CV exhibits 4 regions. At high potentials (> 0.65 V vs. RHE), the Pt surface is
oxidized/reduced with the subsequent formation of Pt-OH and/or Pt-oxide that can be concomitant
with the specific adsorption of anions on the surface of the platinum. The second region at
potentials comprised between 0.35V and 0.65 V vs. RHE is referred to as the “double layer region”
as no faradic process occurs. At potentials comprised between 0.05 V and 0.35 V vs. RHE, the
third region was usually ascribed as the hydrogen underpotential deposition (Hupp) region and is
characterized by the discharge of protons on the Pt surface following the reaction: Pt* + H* +
e~ = Pt — Hypp, Where Pt* denotes a free site on the Pt surface. Nevertheless, recent studies
highlight that the mechanisms at play in this potential region may be more complex, and involve

the transfer of water molecules and hydroxide ions as well.?¢-?8 Finally, at more negative potentials,
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H> is evolved in the HER region. Interestingly, one should note that two types of adsorbed hydrogen
atoms exists on Pt, Hupp and H*, but the latter is only formed at potential more negative than in the

UPD region, and is the reaction intermediate for the HER.2%%

Three main features can be observed in the Hupp region: one broad envelope, a couple of
redox peaks at ~0.20 V vs. RHE followed by a third peak at ~0.10 V vs. RHE. While these
phenomena were already described by comparing CVs recorded on single-crystal surfaces in the
60’s and tentatively assigned to the hydrogen UPD on different facets of platinum,3 this
assignment was confirmed in the 80’s owing to the development by Clavilier of new methods for
preparing high-quality surface single crystals.®? Hence, the large envelope is related to the Hupp on
Pt(111) facets, while the peaks at ~0.10 V vs. RHE and ~0.20 V vs. RHE are related to Hupp 0On
the Pt(110) and the Pt(100) sites, respectively. It should be noted that the UPD of hydrogen is not
unique to platinum and is known to occur on other metallic surfaces.®® Due to the ultra-fast kinetics
of the HER on platinum electrodes, the Faradic current is often limited by the mass-transport of H;
generated during the HER, even when a rotating-disk electrode (RDE) apparatus is employed.343°
This limitation hinders a proper fitting with microkinetics models?* and has thus prevented the
community from achieving a fine understanding of the HER mechanisms in acidic conditions.
Despite this limitation, by measuring the HER and HOR currents in the micropolarization zone
(small potential window across the RHE) at low temperature, Markovi¢ et al. were able to
discriminate different activations energy for the HER on different Pt-single crystals facets, with
activation energy ranging from 9.5 kJ mol™ for the Pt(110) to 18 kJ mol™* for the Pt(111).34

While the growth of high quality single crystals has been tremendous for the understanding
of the HER on Pt, the development of computational methods has also brought a deeper
understanding for the HER/HOR. For instance, combining molecular dynamics (MD) with density-
functional theory (DFT), the HOR was predicted to follow a Heyrovsky-Volmer mechanism on
Pt(111).%¢ Furthermore, these calculations also confirmed the presence of two types of hydrogen
atoms adsorbed on the Pt(111) surface. The first one is directly absorbed from the H> molecule on
the bridge sites of the Pt slab and is found not to be reactive, thus its tentative assignment to the
Hupp. The second one, adsorbed on the top of the Pt(111) slab corresponds to a proton in solution
being reductively adsorbed on the femtosecond time scale on the electrode surface. While

theoretical insights help the understanding of the mechanism at a very short timescale, they must
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be confronted to experimental results to assess their probity. Toward that goal, femto spectro-
electrochemical techniques were recently used to correlate the activation energies measured by
Markovi¢ et al.>* with the rate of electron transfer along the Pt-Hupp bond, showing that this transfer
occurs at the femtosecond time scale.®” Doing so, the interfacial solvent reorganization which is
taking place at a greater timescale prior to any electron transfer was also shown to be critical for

the Hupp formation kinetics.?”

While fundamental investigations on platinum model single-crystal electrodes started in the
80’s with Clavilier pioneering work,*® numerous other polycrystalline electrodes were historically
investigated aiming to correlate kinetic parameters with physical properties of these different
metals. Hence, inspired by the pioneering work from Conway and Bockris,* the exchange current
densities for numerous sp metals and transition metals were measured by Trasatti.*° From this
investigation, a linear relationship between the exchange current density of the HER on metallic
surfaces and their work-function was shown, which was ascribed to a different orientation of water
molecules at the surface of the electrode depending on the nature of the metal. However, this
classification does not provide insights on the intermediates for the HER. Thus, comparing the
hydrogen binding energy (HBE) on the metal with the exchange current density, a typical VVolcano
shape was later found (Figure 1-7 a), suggesting that the Sabatier principle can apply to the HER.
Indeed, an ideal catalyst for the HER should bind hydrogen strongly enough to adsorb protons from
the electrolyte (Volmer step). However, if the binding is too strong, it slows down the desorption
of H* necessary to evolve H> (either through Heyrovsky or Tafel step), thus limiting the HER
kinetics. Inspired by these experimental works, Ngrskov et al. computed by DFT the free energy
of formation (AGy.) of the H* intermediate on several metal surfaces and obtained a similar

Volcano shape (Figure 1-7 b), confirming the HBE to be a good physical descriptor for the HER.*!
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Figure I-7. Dependence on the exchange current density for the HER on the a) measured metal-hydrogen bond
strength (reproduced from ref. 40), b) calculated metal hydrogen binding energy (reproduced from ref. 41) and c)
difference of work-function measured between an hydrogenated and a wetted surface with no hydrogen
(reproduced from ref. 42).

Nevertheless, as mentioned by Trasatti, one of the challenges pertaining to this approach is
the reliability in measuring physical properties of pure metals, omitting the presence of the
electrolyte and adsorbed species, alike in the work of Trasatti, or even of a passivation layer (e.g.
Mo or W are covered by an oxide layer while platinum is covered by the Hupp). In light of these
limitations and thanks to recent advances in ultra-high vacuum (UHV) techniques, the work-
function of realistic surfaces was recently reinvestigated by Zeradjanin et al. as a physical

descriptor for the HER including the role of adsorbed water.*> Considering that the free energy of

activation AG” for proton adsorption is a combination of 1) the work to transfer a proton from the
Outer-Helmholtz plane (OHP) to the Inner-Helmholtz Plane (IHP), 2) the proton desolvation and
the energy resulting from the difference of potential between the metal and the IHP and 3) the
energy to transfer electrons from the metal (at its Fermi level) to the IHP, it was thus qualitatively
predicted that the proton adsorption energy becomes more endergonic (weaker E(M-H)) when the
electrode (with an interfacial water layer) work function is increased.** As a direct consequence,
increasing the work function should decrease the rate constant of the electrochemical reaction

usually described within the framework of the transition-state theory (TST) as: k =

Kell“nvne‘(%) where k., is the electronic transmission coefficient (0 <x,;<1) which traduces the
tunneling-probability of the electron increasing with the electrode-reactant coupling, I}, is the
nuclear tunneling factor (I3, > 1) which corrects the rate expression taking into account
molecules/ions that react without entirely surmounting the classical electrochemical free energy
barrier, v,, is the nuclear frequency factor which represents the frequency at which the reacting

species approach the transition state thanks to solvent and bond coordinates motions and AG* is the
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activation free energy.*> However, as deduced from this expression, increasing the work function
not only affects the activation free energy but also results in an increase of the pre-exponential
constant (greater reactant-electrode coupling resulting in larger values of both k,; and I;), which
is often omitted. Thus, a more precise Volcano plot is obtained when plotting the exchange current
density versus the difference of work functions of hydrogenated and non-hydrogenated metals in

the presence of an interfacial water layer (Figure 1-7 c).

Interestingly, despite it presents some approximations, the HBE theory remains largely used
by the catalysis community since it can easily guide for the discovery of new catalysts. For instance,
it was used to explain the great performances of new cheap catalysts, such as MoS; for the HER,*#4
and helped to clarify the nature of active sites which led to the design of new chalcogenide

compounds enriched in active sites.?

Hence, the HER in acidic conditions is now relatively well understood. Nevertheless, when
increasing the pH of the electrolyte from acidic to alkaline conditions, the HER and HOR
performances of numerous catalysts were reported to dramatically decrease. This is prime of
interest for industrial applications. Indeed, we should recall that since no cheap and earth-abundant
OER catalyst operating in acidic conditions exist, technologies allowing operating the HER in
alkaline conditions would be highly desirable (including anion exchange membrane water
electrolyzers). Thus, understanding the physical parameters that slow down the HER Kinetics in
alkaline conditions may help to boost the efficiency of alkaline-based electrolyzer technologies.
For instance, platinum is known to undergo a decrease from 2 to 3 orders in magnitude for the HER
exchange current density from pH = 0 to pH = 13.%4¢ This pH effect thus renders the use of the

HBE theory to find a simple activity descriptor based on a sole materials’ property difficult.

The hydrogen binding energy descriptor and its limits

Inspired by the seminal work on the HBE,*#* Shen et al. recently correlated the HER
activities of several monometallic surfaces in 0.1 M KOH solutions with computed HBE.*
Similarly to the results obtained by Ngrskov in acidic media,** they could exhibit that the HER
activity of the selected metals follows a volcano trend in alkaline media, with Pt being the most

efficient catalyst. Following this finding, the authors subsequently focused on the behavior of
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Pt(pc)*® and found a pH-dependence for the Hupp potentials on (110) and (111) facets. Using the
relation AHypr = —FEpeqr, Where AHy gy, is the difference of HBE between two surfaces and Epeak
the potential of the redox peak, the experimentally determined Hxge were then compared with the
HER overpotential at fixed current density. Doing so, a linear decrease of the HER activity with
the experimentally determined HBE was found (Figure 1-8 a and b). This methodology was then
tentatively generalized for different carbon supported platinoid metals*® and while a similar trend
was found (decrease of the activity while the HBE increases in absolute value), the initial findings
were tempered when observing that the HBE values evaluated by electrochemistry in alkaline
electrolyte are far from those measured with UHV techniques for Pt(pc). This realization brought

to the conclusion that the orientation of adsorbed water should be taken into account.*
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Figure 1-8. a) CV recorded at different pH on a polycrystalline platinum electrode from which are extracted the
hydrogen binding energy. b) Overpotential for the HER at -1 mA cm™2on a polycrystalline platinum electrode in
different buffered electrolyte, plotted versus the HBE obtained from electrochemical measurements (reproduced
with permission from ref. 48). c) Calculated free energy diagram for the HER at pH = 0 and no overpotential for Pt,
MoS; and Au surfaces (data are from ref. 44) and d) cyclic-voltammogram at pH = 2 (H2S04 18 mM +K2S04 82 mM)
on Pt, amorphous MoS; and Au electrodes with a scan rate of 50 mV s with oxidation currents in yellow and
reduction current in blue, dashed lines indicating the j-o axis.
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While attractive, some concerns have been recently raised about the HBE theory.?” Indeed,
as the H*/H> couple is found to be reversible on Pt surface for instance,** all the HER elementary
steps are reversible and the HOR intermediates are certainly identical.* Therefore, the HBE should
control the HER and the HOR in a similar fashion. However, exploring other materials with
relatively good HER performances and a small HBE value such as MoS>**° (Figure 1-8 c), the
observation is made that MoS; poorly catalyzes the HOR (Figure 1-8 d). Hence, this absence of
reversibility on a low-HBE material suggests that the energy and the nature of the intermediates
for the HOR and HER reactions are not identical, thus preventing the use of HBE as a sole
descriptor. Furthermore, as previously mentioned, the HBE measurement by either UHV or
electrochemical measurements (Hupp) involves hydrogen atoms that are likely to be different from
those involved as reactive intermediates in the HER. One obvious manifestation of this difference
is that while the Hupp deposition potential on Pt(111) follows a Nernstian behavior with pH (60 mV
per unit) and so the HBE determined from electrochemical measurements is not expected to change
with pH, the HER activity drastically decreases by 2-3 orders of magnitude changing from pH =0
to pH = 13 for the same surface.*® Finally, the effect of buffer solution should also be investigated
when performing measurements at intermediate pH values, as it can also alter the proton transfer

kinetics.*!

At this point, we have discussed how the identification of reaction intermediates on single-
crystal model electrodes has triggered the quest for finding universal descriptors for the HER
activity. While the HBE has emerged as a good candidate, this theory cannot totally predict how
the electrode-electrolyte interfacial structure influences the performances of a given surface.
Indeed, puzzled by the severe loss of activity of Pt when used in neutral or alkaline conditions, the
electrocatalysis community recently investigated questions previously overlooked: what is the rate
determining step for HER in alkaline conditions? What is the proton donor? What is the role of

spectator species? How the catalyst surface is modified?

Interfacial interactions: how to rationalize them?

Unlike in acidic media, the Tafel slope measured for Pt electrodes in alkaline solutions is
around 120 mV per decade, indicating that the VVolmer or the Heyrovsky step is the rds.?*

Nevertheless, one of the main differences between alkaline and acidic HER is that the proton
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concentration is drastically diminished, so that the Volmer and Heyrovsky steps are likely to

include a water-dissociation step (i.e. the cleavage of an O—H bond) *¢°? as detailed below:

H,0+ e~ = H* 4+ OH™ (Volmer) (I-7)

H* + H,0 + e~ = H, + OH™ (Heyrovksy) (I-8)

Moreover, observation was made that the HER kinetics over Pt(111) in alkaline conditions
are drastically enhanced by the presence of oxophilic groups, such a Pt-islands (defects) and
Ni(OH). on the catalyst surface (Figure 1-9 a),* which could be explained as originating from an
easier H>O dissociation. Following this observation, it was confirmed that the HER activity for
Pt(111) decorated by different 3d transition metal hydroxides M(OH). follows the Brgnsted-Evans-
Polanyi principle and the oxophilic groups affinity with OHags should be neither too strong (surface

poisoning) nor too weak (no binding) to promote the HER Kinetics.*3
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Figure 1-9. a) HER activity in alkaline solutions measured on Pt(111) single crystal electrode, customized with different
oxophilic groups. b) 3D Volcano plot showing the evolution of the exchange current density from low (blue) to large
(yellow) values depending on the hydrogen and hydroxide binding energies (reproduced from ref. 54). c) Bi-functional
mechanism responsible for the enhanced activity when groups that promote water dissociation are present on the
Pt(111) surface (reproduced from ref. 46).

Thus, in alkaline electrolytes, the cleavage of water O—H bond and the transport of OH"
from the catalyst surface to the bulk of the electrolyte are likely to be part of the limiting step for
this so-called bi-functional mechanism. Similar conclusion was recently made for copper
electrodes for which a larger HER activity was measured with more oxophilic surface created by
applying a mechanical or electrochemical surface treatment.>> Overall, switching from HzO" to
H20 as proton donor could simply hamper the VVolmer step,>¢->8 explaining the difference in activity
between acidic and alkaline conditions. This assumption is well supported by the fact that the
activation energy for water auto-ionization (around 75 kJ mol™ at 300K52%%) is larger when

compared to the one for HER in alkaline electrolytes (around 30-45 kJ mol™ for Pt catalysts*>52),
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as recently discussed using DFT calculations.®® Alike for the HBE, recent studies however
interrogate the importance of the surface oxophilicity and of the bi-functional mechanism on the
HER Kinetics.*#%¢2 Indeed, comparing the HER activity for Pt/C, PtNi/C and PtNi/C treated in acid
to remove Ni from the surface of the nanoparticles revealed that while the presence of nickel
increases the HER kinetics in alkaline media when compared to Pt/C,%* removing it from the surface
does not hinder the HER and HOR kinetics for PtNi/C. Thus, the role of the 3d metal was rather
assigned to a modification of the HBE. Additionally, it was demonstrated that in unbuffered
solutions, the two reduction events previously attributed to a different kinetics for the HsO" and
the H20 reduction®® may simply arise from the modification of the surface pH with the applied
potential.®* More recently, it was proposed that a “3D-Volcano plot” comparing the catalyst activity
with the HBE and also the hydroxide binding energy could accurately reflects those limitations
related to the water dissociation step for the alkaline HER (Figure 1-9 b).>* Even more revealing
than the surface decoration of Pt with M(OH), the addition of Li* cations in the electrolyte was
found to be beneficial for the HER in the presence of surface oxophilic groups (Figure 1-9 a).*
This effect was initially rationalized by the Li* anchoring to the M(OH), moieties promoting the

water-dissociation through non-covalent interactions (Figure 1-9 c).*

While most of the researches carried out recently have been focusing on the role of the
cationic species at the solid/liquid interface, the seminal work conducted by Trasatti more than
50 years ago suggested than the water orientation at the interface could be responsible for the
discrepancies in activity over different metallic surfaces.®® Pitfalls exist for experimentally
assessing such sensitive effects and the accuracy of theoretical calculations suffers as well from
the high computational cost of including explicit solvent molecules.®* However, while it was shown
by UHV and DFT calculation than interfacial water does not drastically affect the Hupp
energetics,®>° it is expected to largely influence the alkali cations and hydroxides adsorption.®
Therefore, investigating the water structure (orientation, chemical environment) and dynamics
(lifetime in the IHP, structure reorganization along charge transfer) at the electrode-electrolyte
interfaces will be key to unravel the mechanisms by which interfacial interactions impact the HER

activity.
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Interfacial reorganization: role of the solvent

Only few experimental characterizations of the water structure at the electrode-electrolyte
interface during the HER have been carried out, the main reason being the ambivalent role of water
as solvent and active molecule so that reactive water molecules are often masked by their
environment. Consequently, indirect measurements such as laser-jump measurements®’ or in-situ

spectroscopies®® are so far used to gain insights on the water interfacial structure.

For instance, the use of laser-jump experiments revealed that the Ni(OH), addition on
Pt(111) lowers its potential of zero free charge (pzfc)®-"* which eventually reduces the interfacial
electric field at the HER operating potential, and soften the double-layer to facilitate the OH and
H* transport.®*7* Similarly, this can explain the sluggish activity of Pt(111) in alkaline electrolyte
as its pzfc remains unchanged with the pH while the operating potential (referred vs. the SHE) for
the HER is much more negative, which rigidifies the double-layer and hampers the charged
reactants/products transport (Figure 1-10 a).*>’> Nevertheless, such explanation goes against the
initial observations made by Trasatti*®”* and more recently by Zeradjanin et al.*> who noticed an
increase of the HER activity with the catalyst work-function as well as found a positive linear
correlation between the work-function value and the catalyst potential of zero charge (pzc),

resulting in a poor activity for low pzc materials (Figure 1-10 b).
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Figure 1-10 a) Effect of the pH and pzfc on the double-layer rigidity during the HER. b) Plot of HER exchange current
density in function of the potential of zero charge for several metallic electrodes (pzc are taken from ref. 73 and
exchange current densities from 4°)

While the pzfc model should properly work for surfaces having similar properties (i.e.
similar active sites), a more precise picture of the influence of the pzc of a given surface on the
proton-transfer kinetics must also consider eventual modifications of the pre-exponential factor of
the kinetic constant which can reflect a modification of the proton/electron tunneling or the H*
concentration at the interface, among numerous parameters.**”2 Other models considering the
double-layer ordering were thus developed to explain this pH-dependent activity. Hence, it was
suggested that the activation energy for proton adsorption is mainly driven by a loss of entropy
while protons are transferred from the bulk of the electrolyte to the OHP, loss which increases with
the pH.” This entropy lost is compensated by the enthalpic term with a delay, so that the variation
in the Gibbs free energy remains null, satisfying the equilibrium conditions.” Such a proposition
relies on the assumption that the liquid water structure between the OHP and the electrode is not
affected by pH variations,” which should be discussed in light of the study discussed above on the
influence of interfacial water structure on the HER activity (pzfc theory).®® Furthermore, it is worth
highlighting some computational efforts attempting to explicitly model the electrode-electrolyte
interface. For instance, seminal work on the water dissociation on a Pd surface by Filhol et al.

proposed that at least three distinct water layers at the electrochemical interface are required for
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the H2O reductive (resp. oxidative) dissociation: a layer with protons (resp. hydroxide) donors, a
layer to accept the generated hydroxide (resp. protons) by H-bonding and a layer to diffuse the as
generated species in solution.” Moreover, thanks to recent advances in DFT calculations, a reduced
charge of +0.7 e for protons located in the OHP at the Pt(111)-H20 interface was found, which was
explained by a charge transfer between the electrode and the interfacial solvent molecules.
Interestingly, a bulk behavior (protons exhibiting a unit charge) was found for protons located in
the third layer of water. These differences in charge highlights the importance of understanding the
electrode-electrolyte interface at the molecular scale to precisely assess the charge transfer
energetics. Finally, we should recall that all these models share the same assumption: water self-
ionization is in a fast equilibrium and HzO" should be considered as the reactant at every pH.
However, since the H>O self-ionization activation energy exceeds by a factor of ~2 the one

measured for the HER on Pt,* the validity of this hypothesis has to be demonstrated.

Naively speaking, considering all the parameters reviewed above, the properties for an ideal
HER catalyst should be to possess an active site that can bind H and OH neither too strongly,
neither too weakly (HBE/OHBE theory). Regarding its pzc, it should be high enough to enhance
the pre-exponential factor of the rate constant (more protons at the interface and more coupled to
the electrode), but low enough to minimize the double-layer rigidity and facilitates charge transport
through the double layer. A fine tuning of these properties could be achieved by a phase
engineering of the electrode surface, bearing in mind that the electrolyte itself can play a major
role, especially in alkaline media. Taking into account the surface properties, non-reactive species
such as Lewis acids can help tuning the intermediates energies by for instance promoting the H0
self-ionization and reduce the overall HER activation energy. Nevertheless, these effects have
mostly been overlooked till recently, the reason being the relative lack of experimental and

theoretical studies that could draw a molecular understanding of the catalyst-electrolyte structure.

As previously discussed, the nature of the double-layer has a tremendous influence on the
faradic processes encountered at the electrode-electrolyte interface.’®’” However, due to its narrow
thickness (~30 nm in diluted aqueous electrolytes),’ its precise characterization is challenging. In
order to overtake this difficulty, new tools were recently developed to investigate the physical
properties of the aqueous double layer. For instance, advanced in-situ spectroscopies such as
ambient-pressure X-ray photoelectron spectroscopy (APXS),”® surface X-ray scattering,”® total
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electron yield (TEY XAS)® or even Raman SHINERS®® were used to better glimpse the water
structure and environment at electrochemical interfaces. However, such advanced spectroscopies
are most of the time coupled with ab-initio molecular simulations. Also, information on the
dynamics of water molecules at the electrode-electrolyte interface could be glanced by classical
MD simulations which is preferred to ab-initio methods since larger systems (thousands of

molecules vs. few dozens for ab-initio simulations) can be studied.®*83
I.4 Conclusions of the chapter

The understanding of the physical parameters that governs the HER has been identified as
a key to unlock more efficient electrical energy storage devices, such as aqueous LIBs and water
electrolyzers. Historically, the role of the HBE on the surface of a given catalyst was proposed as
a descriptor for the HER, and led to the discovery of new promising materials such as transition
metal phosphides or sulfides. However, experimentally assessing the reaction enthalpy and entropy
formation for Hupp on Pt, let alone for the initial proton discharge Volmer step, remains
challenging.> Furthermore, realization was recently made that the HBE theory may not be
sufficient to explain the pH-dependence for the HER and the slow kinetics measured in alkaline
aqueous electrolytes. Thus, since the introduction of a new “bi-functional” mechanism in which
non-covalent interactions play a critical role on the HER kinetics, novel studies focusing on the
effect of non-covalent interactions, adsorbed species, etc. on model electrodes were carried out.
These studies as well as the emergence of high-resolution operando spectroscopies or laser-based
techniques combined with theoretical/computational studies made possible an in-depth
understanding of the water structure at the electrode-electrolyte interface, and demonstrated the
influence of the double-layer structure and rigidity on surface adsorption properties. However, a

direct correlation with water reactivity is yet to be reached.

In addition to these operando and theoretical studies, developing simple chemical strategies
can be designed to gain deeper understandings at the molecular level could reveal useful. For that,
decoupling all the different interactions at the interface (water-catalyst, water-water, ions-water
and ions-catalyst) is critical. While challenging in aqueous solutions, the difficulty to decouple
these interactions could be alleviated by studying the HER in “non-usual” conditions such as in

aprotic solvents or confined structure, as we will discuss in the next chapter.
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Chapter Il - Confinement of water into an inert organic matrix to
tune the water reactivity®

[I.1 Motivations

As discussed in the introductive Chapter I -, the HER Kinetics intimately depends from the
nature of the electrolyte. Especially, the HER exhibits sluggish kinetics in alkaline electrolytes,
which is susceptible to hamper the efficiency of anion exchange membrane water electrolyzers.
Moreover, it is now well established that non-covalent interactions taking place in the double-layer
may drastically alter the HER kinetics, similarly to what was described by Frumkin® who revealed
that adsorbed spectator species may alter electrochemical reaction rates. Even if numerous models
were proposed (such as: bifunctional mechanism, HBE, pzfc), our comprehension of how the non-
bonding interactions in the electrolyte impacts the HER kinetics at the molecular scale remains in

its infancy.

Especially, the following key points remains partly unanswered. First, the nature of the
reactant for the HER in alkaline media is unclear. Indeed, while the Volmer step (reductive
adsorption of an hydrogen atom on the surface) is well accepted as the rate determining step (on Pt
at least), question remains as whether the water dissociation step is in a fast equilibrium® or if the
water dissociation step is the rate determining step for the VVolmer step.*® Moreover, while it has
been shown that alkaline cations may boost the HER kinetics in alkaline media thanks to non-
bonding interactions, for instance by introducing Li* cations into the electrolyte, their role is not
yet fully understood. Finally, theoretical studies have shown the importance of the hydrogen bond
network in the vicinity of the electrode to transport HER reactant and products, but it could not be

experimentally imaged.

Realizing the importance of water structuration at the electrochemical interface on the
electrocatalytic activity of metals,® new strategies based on constraining H.O molecules
environment can be envisioned to tune and understand the HER kinetics independently on the

b This chapter is based on the two articles that | co-authored: (1) Dubouis, N.; Serva, A.; Salager, E.; Deschamps, M.;
Salanne, M.; Grimaud, A. The Fate of Water at the Electrochemical Interfaces: Electrochemical Behavior of Free
Water Versus Coordinating Water. J. Phys. Chem. Lett. 2018, 9 (23), 6683—-6688 and (2) Dubouis, N.; Serva, A.;
Berthin, R.; Jeanmairet, G.; Porcheron, B.; Salager, E.; Salanne, M.; Grimaud, A. Tuning Water Reduction through
Controlled Nanoconfinement within an Organic Liquid Matrix. Nature Catalysis 2020, 3 (8), 656—663.
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nature of the electrocatalyst. We decided to develop a strategy to constrain the environment of H.O
molecules by using non-reactive chemical matrices such as organic solvents or ionic liquids (ILs).
Such chemical strategy was not widely explored and only few studies focused on the HER activity
and the effect of the water structure in aprotic media such as ionic liquids (ILs) or organic
electrolytes. However, doing so, different protons donors can be used and the concentration of ions

and water modulated to constraint the water-electrolytes interactions.

Among the few studies carried out in ILs, most of them were focusing on the impact of
moisture contamination on the cathodic stability of these ILs,%"%° with the aim to generate H:
through H.O reduction with low-cost catalysts®®®! or to construct a hydrogen-based reference
electrode for 1Ls.% Interestingly, following this strategy, it was found that electrochemical
interfaces are enriched in water upon polarization, following the hydrophilicity of the ions in
solution (more water molecules at the positive electrode as ILs anions are more hydrophilic).®
Furthermore, alike for aqueous electrolytes, the redox couple H*/H2 was found to be reversible on
a Pt electrode in bis(trifluoromethanesulfonyl)amide (TFSI) based ILs.®?> However, in these
conditions, the VVolmer step was identified as the rate determining step which differs from the step
usually found to be rate determining in acidic aqueous electrolytes.®? Similarly, using H20 as
proton donor, the activity of non-precious low carbon steel electrodes was found to outweigh the
one for Pt in BF4-based 1Ls.9* Altogether, these observations confirm the strong dependence of the
proton donor structure on the HER mechanism and activity and certainly open further experimental

explorations.

In contrast with ILs, a deeper understanding on the HER mechanism was developed in
organic electrolytes. From a practical point of view, the influence of traces of water in organic
electrolytes for LIBs electrochemistry has been a subject of interest since their commercialization
in the 90s’, its presence being detrimental for the stability of the electrode materials and of the
electrolytes and degrades the cycling performances of the system owing to its influence on the
formation and the nature of the solid electrolyte interphase (SEI).%%° It has also been employed as

an additive for new chemistry intercalation batteries based on divalent cations.®

More importantly, the hydrogen electrocatalysis has also been studied in aprotic

electrolytes. Pioneering works in the 70’s already suggested that tuning the proton environment in
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acetonitrile/water mixtures could drastically impacts its electrochemical reactivity.’®> More
recently, works from Ledezma-Yanez and Koper revealed that the HOR on Pt and Au is
tremendously impacted by the water environment in similar solvent mixtures.1921% Also, it was
highlighted that even in absence of “protons” (i.e. acids), water molecules can themselves be
reduced on Pt in water-acetonitrile mixtures with a reduction potential depending on the nature of
the supporting salt.’®* Inspired by these seminal studies, we decided to establish a clear
methodology that would allow us to modify the proton/water environment molecules. To do so, we
decided to use acetonitrile (ACN) as a solvent, since it was previously demonstrated to be stable
upon cathodic polarization and mixes well with water and supporting salts.!%2% Then, we can
vary the nature of the proton source (strong acid or water) and focus on the water reduction itself.
As shown in Figure 11-1, this strategy allows us to study separately the water-water and water
cations interactions and reveal useful to understand how non-bonding interactions may influence
the HER Kinetics.

’
N /
SALS N

H,O/A* concentrati\on

Figure 1l-1. Chemical strategy to select long- and short-range interactions. a) Building blocks representing the
interactions between water-water (blue) or cation-water (yellow) molecules that are studied and b) visual
representation of the 3 series of systems that can be studied by playing on the water or supporting salt concentration.
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1.2 Influence of the proton source: H,0 vs. HCIO4
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Figure 11-2. Cyclic voltammograms recorded at 50 mV s on a polycrystalline platinum electrode in electrolytes
containing 10 mM HCIO4 and 90 mM LiClOa4 a) in water (black) and b) in acetonitrile based electrolytes with different
water concentrations (dry = orange, 1 000 ppm = light blue, 10 000 ppm of water added = dark blue). Potentials were
measured vs. an organic Ag*/Ag electrode (see material and methods), are compensated for the ohmic drop (E-iR)
and reported versus the Standard Hydrogen Electrode (SHE).

As mentioned earlier in this manuscript, the origin of the large decrease for the HER
kinetics onto Pt observed when the electrolytes changes from acidic to alkaline is a puzzling
question for the electrocatalysis community. This can be evidenced by the presence of two
reduction events (a peak at “high” potentials and a wave at lower potentials) when cyclic
voltammograms are measured in mild acidic electrolytes on a Pt electrode (Figure 11-2 a). As the
potential is decreased, protons are slowly consumed (reduction peak) and the interfacial pH goes
alkaline, which finally leads to a reduction wave at highly negative overpotential. To further
explore the existence of two reduction mechanisms (H* in acidic electrolytes and H20O in alkaline
electrolytes), we decided to investigate the reactivity of a “strong acid” (HCIOs) in ACN
electrolytes (Figure 11-2 b). In dry ACN with 10 mM HCIOa, a first peak is observed at around
0 V vs. SHE, similarly to what is measured in water with 10 mM HCIO4 (Figure 11-2 a@). This first

peak therefore involves the reduction of protons from HCIO4 (pKa ~ 1.5 in acetonitrile'%?). By
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slowly adding H-O into ACN, a second reduction event is seen starting at a more negative potential
at around -0.75 V vs. SHE. This second event, that occurs at a similar potential than what is
measured in water-based electrolyte, is associated with the reduction of water molecules and is
characterized by a greater overpotential as a result of the energy penalty required to break O—H
bonds from water.>1% These two mechanisms are therefore ubiquitous and coexist in aqueous
electrolytes for pH > 2,501% as well as in organic electrolytes as shown Figure I1-2, with the
difference that a peak which intensity depends on the amount of H2O is visible in organic
electrolytes due to the limited concentration of water when compared to aqueous solution and/or

the precipitation of a passivation layer, as discussed later in this chapter.

II.4 Free water vs. coordinating water

We then investigated the effect of cation hydrophilicity on the reduction of water in
acetonitrile in the presence of 10 000 ppm (~ 400 mM) of water (Figure 11-3). The experiments
were done varying the nature of the cation for the supporting salt. Indeed, three cations that are
expected to have very different interactions with water molecules, as suggested with their very
different enthalpies of hydration (Figure 11-3 a), were employed. Interestingly, three different
electrochemical behaviors can be distinguished. While almost no cathodic current was observed
with tetrabutylammonium (TBA™) cations (orange), a large cathodic current was measured with
Li* (purple) and Na* (green) cations (Figure 11-3 b). Comparing these results with dry electrolytes
for which no cathodic current is measured (Supplementary Figure 11-1) and with the result obtained
in aqueous electrolyte where a reduction event is measured in a similar potential range (< -0.75 V
vs. SHE) (Figure 11-2 a), this cathodic current can be attributed to water reduction: H2O + e =%
H> + OH". Second, the shape for the reduction current was found dependent on the cation. Hence,
a reduction wave is observed for Na* while a reduction peak is seen for Li* cations. This difference
is explained by the formation of a passivation layer (the so-called SEI). This passivation layer could
result from the reaction of Li* with OH" formed upon water reduction and the subsequent
precipitation of LiOH (Li* + H.O + e = % Hz + LiOHy)), as previously observed in similar
systems,®+19:107 or from the possible reactivity of the organic solvent with OH". In both case, NaOH
or any other Na-based product formed upon reduction is too soluble to passivate the electrode
surface owing to the weaker affinity (weaker Lewis acidity) of Na* cations with OH™ anions or

other anions than Li* cations. %108
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Figure 1I-3. a) Absolute enthalpies of hydration of gaseous cations for Li*, Na* (data from ref. 109) and TBA* (data
from ref. 110) and b) cyclic voltammograms recorded over a platinum electrode in acetonitrile electrolytes containing
10 000 ppm of water, in presence of LiClO4 (purple), NaClOas (green), or TBACIO4 (orange). Potentials were measured
vs. a Ag*/Ag electrode (see material and methods), are compensated for the ohmic drop (E-iR) and reported versus
the Standard Hydrogen Electrode (SHE).

Intrigued by this difference of reactivity for water upon reductive conditions, the solvation
structure for water molecules was analyzed for the different supporting salts by classical MD
simulations. Indeed, because the solutions studied herein are very dilute, first principle calculations
cannot be used. After selecting the proper force-fields, as detailed in the material and methods
section, 100 ns trajectories were generated for each solution. To shed light on the cations first
solvation shell, the radial distribution functions (RDFs) between the cations and the oxygen atom
of water molecules were then calculated (Figure 11-4 a). Li* and Na* cations have a stable first
solvation shell (very sharp first peak in the RDFs), while only a broad low intensity peak at long
distances is observed for the TBA™ cation. In particular, the Li-Owater and Na-Owater first shell
distances obtained in this work are 2.06 A and 2.38 A, respectively, consistent with those
previously reported in the literature for aqueous solutions.!**13 A good agreement was also found

for Cation-Nacn as shown in Supplementary Figure 11-2, further validating the choice of the force

44



Confinement of water into an inert organic matrix to tune the water reactivity

fields.''?1 The number of water molecules in the first solvation shell of the cation is rather large
(about 2.7) for Li™, it slightly decreases for Na* and finally goes almost to zero for TBA™ cation,
which shows the possibility of accommodating a larger number of organic solvent molecules in its
solvation shell (see Figure 11-4 b). The direct consequence of this finding is that the percentage of
“free” water molecules (i.e. water molecules that are not in the first solvation shell of a cation)
rapidly increases moving from Li* to Na® and finally to TBA" cation, as shown in Figure 11-4 c.
The different complexing ability of the three cations with water thus reveals a different hydrophilic
character following Li* > Na® > TBA". The marked passage from hydrophilic Li* cation to
hydrophobic TBA* cation is also confirmed by the evaluation of the cation-water cage lifetime
(Figure 11-4 d and Supplementary Figure 11-3), that indeed is one order of magnitude larger for
Li* and Na* than for TBA, suggesting a reduced (almost zero) cation-H.O affinity for the TBA*
cation.
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Figure II-4. a) Cation-Owater radial distribution functions. b) Snapshots of corresponding MD simulations illustrating
the cation first solvation shell. c) Percentage of free water (left) and d) water molecules lifetime (ps) in the cation
first solvation shell (right)

To experimentally assess these different interactions of water with the aforementioned
cations, *H nuclear magnetic spectroscopy (NMR) was employed (Figure 11-5). The H signal

from H,0 is found for TBA" (2.95 ppm) to not drastically differ from the one of water in
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acetonitrile without any added salt (3.0 ppm). In contrast, it is found at higher chemical shifts
(downfield) for Na* (3.1 ppm), and this shift is even greater for Li* (3.7 ppm). Since a downfield
signal (higher chemical shift) traduces a weaker electronic density around protons, this observation
corroborates a stronger Li*-H2O interaction than Na*-H.O. Instead, almost no interaction is
observed between the hydrophobic TBA™ cation and H2O molecules. This experimental
observation for the increased cation-HO affinity (or hydrophilicity) following Li* > Na" > TBA"
IS in agreement with the predictions made by MD simulations (Figure 11-4 c). As a result, this
spectroscopic study demonstrates that the lower electronic density observed around protons for
solvated Li* cations is due to the strong Lewis acidity of Li* cations, which also suggests a greater

Bransted acidity for these protons due to electron withdrawing from the water molecule.
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Figure II-5. NMR spectra of acetonitrile based electrolytes containing 100 mM of supporting perchlorate salt (LiClOa
= purple, NaClO4 = green, TBACIO4 = orange) or no supporting salt (dark blue) and 10 000 ppm of water. The main
peak is attributed to protons from H.0 while the peaks (and satellites arising from *3C-'H coupling) corresponding to
acetonitrile labeled *.

Having demonstrated the different hydrophilicity for the cations considered in this work,
its impact on the water reduction reaction can then be rationalized. As the electrode is negatively
polarized, cations are migrating with their solvation shells toward the negative electrode. In the
presence of TBA™ cations, the resulting double-layer is hydrophobic (as shown by the short lifetime
of water molecules in its first solvation shell, Figure 11-4 d), and water cannot access the surface
of the electrode even though the concentration of free water is found greater than for Li* and Na*
cations. This explains the absence of cathodic current associated with the reduction of water for

TBA™ (Figure 11-3). On the contrary, hydrophilic lithium and to lesser extent sodium cations
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migrate to the electrochemical interface together with their solvation shell comprised of water
molecules, allowing water to be reduced. Furthermore, not only the nature of the cation dictates
the presence of water at the electrochemical interface, but the cation affinity for water also modifies
the onset potential for water reduction. Hence, the considerable difference in the onset potential for
H-O reduction measured for Li* and Na" cations (~ 250 mV) in Figure 11-3 cannot be solely
explained by the difference of water content or lifetime of water molecules in the cations solvation
shell. Indeed, such a potential shift would result, applying the Nernst equation, in an interfacial
concentration of water 4 orders of magnitude greater for lithium than for sodium, while MD
simulations demonstrate that the ratio of water in the solvation shell of Li* and Na* cations is closer
to 1.6:1 and the lifetime of water molecules in the solvation shell is not drastically modified (Figure
11-4 c, d). Thus, this difference in onset potential can originate from kinetics limitations. As the
initial Volmer step (H20 + e = Hags + OH") is expected to be the rate determining step for water
reduction in these experimental conditions,'®21:%6 the electrochemical activity is going to be driven
by its activation energy that, according to the linear free energy relationship approximation, must
vary linearly with the difference of energy between the products states and the reactants states of
this step.® The greater electronic withdrawing interaction between Li* cations and oxygen atom
from H20 could thus be partly responsible for a weakening of the O—H bond of water molecules
(destabilization of the reactants state), in agreement with the *H NMR results that show more acidic
protons (Figure 11-5) and with previous experimental observations.!*® This is coherent with a
recent ab-initio MD simulation study of aqueous solutions of alkali metal salts under applied
electric field*'” which showed that the water dissociation threshold field is lowered in LiCl and
NaCl with respect to bulk water (with an effect slightly more marked in the case of the lithium
salt), but not in the less acidic KCI. This effect would thus facilitate water reduction by lowering
the transition state energy as a result of an easier proton adsorption and a stronger association of
Li* with OH" produced during the HER (stabilization of the products state).
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Figure 11-6. Cyclic voltammograms recorded at 50 mV s on a platinum electrode in ethylene carbonate : dimethyl
carbonate (1:1 in mass) electrolytes containing 10 000 ppm of water and 100 mM of LiClO4 (purple) or TBACIO4
(orange).

Finally, we could show that the nature of the organic solvent on the double-layer formation
and water reduction is weak. For that, ACN was replaced by a solvent with a greater dielectric
constant, namely ethylene carbonate (EC) dissolved into dimethyl carbonate (DMC), and similar
electrochemical observations were made with the presence of a reduction event starting at around
-0.75 V vs. SHE with Li* while no reduction is observed with TBA™ (Figure 11-6).This result
confirms that organic solvent molecules play a minor role under negative polarization at the
electrochemical interface when compared to the role played by cations. In other words, the
concentration of water is always greater at the negative electrochemical interface in presence of
hydrophilic cations than in the bulk of the electrolyte independently of the polarizability of the

solvent.
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Figure II-7. Influence of the 12-Crown-4 concentration in 100 mM LiClO4 in acetonitrile containing 10 000 ppm of
water electrolytes on a) Li* (left) and H20 (right) NMR chemical shifts and b) water reduction electrochemistry.

Having established that the use of hydrophilic cations such as Li* enables an easy reduction
of water at the electrochemical interface under negative polarization, we then investigated the
reactivity of “free” water molecules in organic solvent independently of the use of hydrophobic
cation. For that, crown ether (12-Crown-4) was used as an additive to selectively “trap” Li* cations
and therefore release water molecules from their solvation shell, thus making them “free”. We first
validated this strategy by studying the water solvation using ’Li and *H NMR (Figure 11-7 a). As
the crown ether/Li"* ratio increases closer to 1, the chemical shift for ’Li was found to be downfield
(higher chemical shift), indicating a change of the Li* solvation shell and its association with the
crown ether molecules.!'® The opposite trend was found for the *H signal from H2O for which the
chemical shift undertakes an upfield, demonstrating a greater electronic density. From these
observations, it can be concluded that “free” water molecules are released when adding
12-Crown-4 to the electrolyte, following the reaction: [Li(H20)x]* + Crown = [Li(Crown):]* + X
H2O-fee”. The electrochemical behavior of these solutions was then studied, and a shift to more
negative potentials as well as a decrease of the cathodic current were found with increasing
12-Crown-4 concentration (Figure 11-7 b). Hence, we can conclude that “free” water molecules
are more difficult to reduce than “coordinating” water molecules in organic media, as seen by the
more negative potential required for their reduction. This finding is in agreement with the results

discussed above for which water molecules strongly coordinating hydrophilic Lewis acid such as
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Li* cations were found to be reduced at lower onset potentials. Furthermore, we can tentatively
assign the decrease of the reduction peak intensity to a reduced concentration of “free” water

molecules at the electrochemical interface when compared to [Li(H20)x]".

Il.5 Water as a solvent: H-bonds vs. water-cations interactions

Among the different interactions playing a role on the water reactivity, our attention first
focused on the short-range A"™-H>O and we could demonstrate that cations with a greater Lewis
acidity may help the water-dissociation step. However, we restricted our study to a case at which
water molecules are not interacting together because they were diluted. As water is not only the
active molecule in aqueous electrolytes, but also the solvent, it would be prime of interest to
understand its role as a solvent, i.e. to study the effect of water-water interactions. Looking back at
our strategy highlighted Figure I1-1, we decided to prepare electrolytes with water concentration
ranging from 1% (~ 440 mM i.e. 4.4 molecules of water per cation) to 10% (~ 4.40 M i.e.
44 molecules of water per cation) in mass (the exact values for the compositions of these
electrolytes are given in the Methods Table 11-1 and Methods Table 11-2). We first monitored
the evolution of the *H chemical shift from H2O molecules in these electrolytes as a function of the
water concentration (Figure 11-8). For electrolytes using TBA™ and Na* cations, a monotonous
increase of the proton chemical shift with the water concentration is measured. Monitoring that the
shift of the peak related to the CHs group in ACN is almost unaffected, we can discard changes
coming from a drastic modification of the electrolytes magnetic susceptibility as the origin for this
shift (Supplementary Figure 11-4). Thus, this downfield shift toward values closer of a bulk H.O
environment reflects a greater acidity for protons that matches well with their increased reactivity.
In contrast, in the presence of LiClOa, a “V-shaped” curve characterizes the evolution of the H
chemical shift for protons in water with its concentration (Figure 11-8). Surprising at the first
glance, such a behavior may originate from the existence of different water populations with an
exchange rate high enough to observe the coalescence of their respective NMR signals.*'® This
existence of different H>.O populations in the presence of Li* cations would confirm a stronger
A*-H,0 interaction in the latter case, consistently with what was observed previously in this

chapter (Figure 11-4).
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Figure 11-8. Evolution of the *H chemical shift of the water molecules in acetonitrile electrolytes containing 100 mM
of LiClO4 (squares), NaClOa (triangles) or TBACIOa (circles) as a function of the water content. The lines are a guide
for the eyes.

Having experimentally established that the water environment is drastically modified when
the water concentration is tenfold increased, we investigated its electrochemical reactivity onto a
platinum electrode embarked on a rotating disk electrode (RDE) setup. When using TBACIO4 as a
supporting electrolyte, no water reduction is measured at low water concentration (Figure 11-9 a),
which can be explained by the formation of a TBA™*-rich electrical double-layer (EDL). Indeed,
since the water molecules hardly enter the solvation shell of TBA™ cations, their presence in the
EDL under negative polarization prevents water to access the interface and therefore to be
reduced.!02-104120 Nevertheless, by increasing the concentration of water in the organic electrolytes,
water reduction slowly takes off with its onset potential shifting toward less negative values at
higher water contents. Unlike for TBACIO4, when using LiClO4 as supporting salt, water reduction
is measured even at a water concentration as low as 1% (Figure 11-9 b). More surprising, the onset
potential is not altered by the water concentration. Indeed, increasing the water concentration only

gradually transforms the reduction event from a peak which arises from the passivation of the
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electrode due to the precipitation of LiOH at low water content (as mentioned in the first part of
this chapter), to a classical exponential event as expected for the catalytically activated HER. The
absence of the electrode passivation at greater water content can be rationalized by the highest
solubility of the LiOH, potentially formed after the VVolmer step, in water than in pure acetonitrile.
Finally, when the cation is changed to sodium (Na*), the reduction of water is observed even at low
water concentration, but at more negative potential than with Li* cations (Figure 11-9 c).
Furthermore, alike for TBA™ cations, the increase of the water content in the electrolyte shifts the
onset potential for H2O reduction toward less negative potentials. While this shift observed for Na*
and TBA" suggests that H.O-H,O interactions that presumably increase at greater water
concentration are likely to influence the HER within these electrolytes, the different behaviors
measured in the presence of these three different cations confirms a competing effect between
H>0-H20 and A™-H.0 interactions. Finally, it is noteworthy that changing the anion from CIO4™ to
TFSI™ is not altering the aforementioned experimental trends (Supplementary Figure I1-5),
confirming that in these conditions the effect of water-water and water-cations interactions prevail

on the reactivity of water.
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Figure 11-9. Linear sweep voltammograms recorded in acetonitrile in the presence of a) 100 mM of TBACIO4 b)
100 mM of LiClO4 and c) 100 mM of NaClO4 with different water contents (1, 2.5, 5, 7.5 and 10% in mass from light
to dark blue, the exact values are given in the Methods Table II-1 and Methods Table 11-2) on a rotating disk (1 600
rpm) Pt electrode with a 50 mV s sweeping rate. Potentials were measured vs. an organic Ag*/Ag electrode (see
methods), are compensated for the ohmic drop (E-iR) and reported versus the Standard Hydrogen Electrode (SHE).
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Nevertheless, while NMR reveals a drastic influence of the water concentration on the
protons environment, it fails to explain why an increase of the chemical shift for the Li* electrolytes
does not lead to more facile water reduction, while the contrary is observed for TBA* and Na*.
Thus, additional understanding on the molecular environment of water molecules in these different
systems was gleaned performing classical MD simulations for bulk electrolytes. To no surprise,
for the TBACIO;, electrolytes, the water environment is found drastically different at 1%, where
isolated H2O molecules exist, from the one observed at 10% where the formation of nanodomains
of clustered water molecules can be found, as illustrated on the snapshots in Figure 11-10 a.
Furthermore, the coordination numbers, which is obtained by integrating the radial distribution
function, between TBA™ cations and water molecules (Figure 11-10 b) at short distances only
weakly depends on water concentration, confirming the absence of favorable interactions between
H>O and TBA" cations (as illustrated by the broadness of the first peak in the radial distribution
functions, Supplementary Figure 11-6). The rise of the coordination number between the water
molecules (Figure 11-10 b) with the water concentration pinpoints an increase of H-bond
interactions between the water molecules at high water concentration. This increasing amount of
interactions is confirmed by the growth of a peak at low-q in the computed Owater-Owater Structure
factor (Figure 11-10 c), indicative of a long-range organization for water molecules and the
formation of water clusters that results from the increase of H-bonds between water molecules.
Thus, the average environment of the water molecules becomes more similar to a bulk water
environment, which explains the downfield in the NMR *H chemical shift (Figure 11-8). Here
again, the more facile water reduction measured when nanodomains start to be formed provides
the first experimental observation for previous ab-initio MD results. Indeed, early studies
highlighted the need for a favorable H-bonding environment for the transfer of both the proton*?
and the hydroxide!?? ions. As a consequence, when autoprotolysis reaction occurs, the transfer of
protons along a hydrogen bond “wire” allows the two ionic products to be separated by three or
more neighbors. If this wire remains unbroken, the ions recombine rapidly.'?® A similar picture
arise from a static DFT study of the palladium-water interface.” Here we can draw an analogy and
propose that larger clusters facilitate the separation of the product of the Volmer step in the
TBACIO; electrolyte.
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Figure 11-10. a) MD snapshots for the systems containing 1% and 10% of water in mass in the presence of 100 mM
TBACIOa4 in acetonitrile. Water molecules are represented in red, TBA* cations in green, ClO4 anions in orange and
acetonitrile solvent with grey points. b) Coordination numbers for TBA*-H20 and H20-H20 and c) structure factor for
the oxygen atom of H20 molecules at different water concentrations (1% in grey, 5% in blue, 10% in dark blue).

Puzzled by the different experimental trends observed for the LiCIOs containing
electrolytes, we also analyzed the water environment with MD simulations for the Li*-containing
systems. At low water concentration (1% in mass ~ 400 mM), water molecules are found to
preferentially coordinate the Li* cations (Figure 11-11 a), consistent with our previous
observations. Unlike for TBA™ cations that are hydrophobic, water is found to replace acetonitrile
and perchlorate anions (Supplementary Figure 11-7) in the first solvation shell of Li* cations
(Figure 11-11 b). This is further confirmed by observing a downfield shift of the ’Li chemical shift
in these electrolytes to values close to those observed in aqueous electrolytes (Supplementary
Figure 11-8). Thus, at intermediate water contents, water is either coordinating Li* cations
(unshielded environment) or free in the electrolyte (shielded environment) (Figure 11-8). Alike for
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TBACIOq, at higher water content, water clusters are forming in the electrolyte (Figure 11-11 a)
with the increase of the coordination between water molecules (Figure 11-11 b) being responsible
for this aggregation. Thus, the increase of H.0-H20 interactions explains the downfield observed

in the NMR spectra at higher water content (Figure 11-8).
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Figure 1I-11. a) MD snapshots for the systems containing 1% and 10% of water in mass in the presence of 100 mM
LiClO4 in acetonitrile. Water molecules are represented in red, Li* cations in blue, ClOs anions in orange and
acetonitrile solvent with grey points. b) Coordination numbers for Li*-H,0 and H,0-H0.

The MD simulations of the bulk of the electrolyte also reveal that the energy required to
extract one water molecule from the Li" cation solvation shell (~200 meV) is greater when
compared to the energy required to separate two water molecules (~80 meV) (Figure 11-12), and
that the strength of these weak H>O-H-O interactions is weakly affected by the water content.
Hence, it confirms that the short-range H20-H-O interactions are much weaker than Li*-H20
interactions, independently of the H>O content in the electrolyte, finally providing the explanation

for our initial observations (Figure 11-9 b).
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Figure 11-12. Potential of mean force between Li* cations and Owater (top) and between Owater and Hwater (bottom)
derived from the g(r) functions. pmf(r) = —kgTIn g(r), where kgis the Boltzmann constant and T the
temperature (300 K) for different water contents (1% in light blue, 5% in blue and 10% in dark blue). Since the largest
values are obtained for Li-Owater, independently on the water content, this indicates that it is more difficult to separate
one Li* cation from a water molecule than a water molecule from another one.

In order to confirm that the different water environments isolated in the bulk of the organic
electrolyte are maintained at the electrode interface, simulations were carried out applying constant
voltages (of both 1.0 and 2.0 V) between two planar carbon electrodes to investigate the water
structure within the EDL.® As shown in Figure 11-13 a, the width of the EDL is of approximately
20 Angstroms and the electric field shows important fluctuations due to the formation of several
well-structured layers of acetonitrile. Interestingly, despite this strong electric field, the water
organization is found to be similar at the negative electrode as in the bulk of the electrolyte,
independently on the applied potential. Hence, water molecules are found to coordinate Li* cations
in both systems (Figure 11-13 b and c), and some clusters of non-coordinating water are present in
the water-rich electrode, surrounding the Li*-(H20)x adducts. This undoubtedly establishes that the

¢ The simulations with a constant voltage applied were realized and analyzed in collaboration with M. Salanne, A.
Serva, R. Berthin and G. Jeanmairet (PHENIX, Sorbonne Université Paris)
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intensity of the short-range Li*-H>O prevails on H>O-H,O interactions and dictates the water

reactivity at the interface.

z(A)

Figure 11-13. a) Poisson potential and electric field in the vicinity of the negative electrode (which has a fixed potential
of -1 V) for the system containing 10% of H20 and 100 mM LiCIO4 and an applied potential of 2.0 V. MD snapshots
of the double-layer structure at the negative electrode for b) 1 % or c) 10% of water in mass.

Finally, the case of the sodium electrolyte can be rationalized from these two extreme cases.
Indeed, the solvation structure for the Na* cations are similar to the one of Li* in the most hydrated
electrolyte, except that one water molecule is replaced by an acetonitrile molecule in the first
solvation shell, as shown in Figure 11-14. This weaker interactions between water molecules and
Na* cations when compared to Li* cations is further assessed by comparing the potential of mean
force (pmf) between the cations and a water molecule. Indeed, the activation energy to separate a
sodium ion from a water molecule (which is the amplitude between the first minimum and the first
maximum of the pmf) is found slightly lower than for Li* (130 mV for Na* vs. 162 for Li*). Overall,
because the Na'-H.O interaction is weaker than the Li*-H>O one, when water is added to the
electrolyte H>O-H2O interactions become predominant and an electrochemical effect can be
measured. Overall, this study suggests that while in presence of strong Lewis acids the short-range
water-water interactions are negligible, they become predominant when no strong Lewis acid is

present in the medium.
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Figure 1I-14. Coordination number between Li* cation (blue) or Na* cations (pink) and a) oxygen atoms from ClO4
anions, b) nitrogen atoms from acetonitrile molecules (middle) and c) oxygen atoms from water molecules (bottom)
in the presence of 100 mM of ACIO4 in acetonitrile containing 10% of water in mass. d) Potential of mean force
between Li* or Na* cations and Owater (derived from the g(r) functions (pmf(r) = —kgT In g(r), where kg is the
Boltzmann constant and T the temperature (300K)) in acetonitrile containing 10% of water in mass and 100 mM of
LiClO4 or NaClOq salt.

Il.6 Nanostructuration of water at electrochemical interfaces

We managed so far to tune the nature of the cation-water interaction, and to study how
increasing the H>O-H2O interactions is affecting the water reactivity. Nevertheless, while some
long-range organization of water was found for the electrolytes with the highest water content, a
direct correlation with water reduction could be drawn for the TBA™ and the Na*-based electrolytes
only showing the importance of H-bonds between water molecules. Hence, we then extended our
study for Li*-based electrolytes by forming larger aqueous-rich domains to increase the long-range
interactions within the electrolyte. We have previously demonstrated that Li* cations preferentially
interact with water molecules. Thus, increasing the Li* concentration at fixed H2O concentration
(Figure 11-1) can eventually lead to the formation of water/Li-rich nanodomains. While such
nanodomains were already reported for water into acetonitrile at large H.O content,*?41%" their
formation is triggered (and enhanced) here by the addition of a salt at large concentration,?®

confirming our intuition.
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Figure 1I-15. Linear sweep voltammograms recorded in acetonitrile with 10% in mass of added H20 in the presence
of 100 mM (yellow), 500 mM (orange), 1 M (red), or 2 M (brown) LiClO4 on a rotating disk (1 600 rpm) Pt electrode
with a 50 mV s sweeping rate. Potentials were measured vs. an organic Ag*/Ag electrode (see material and
methods), are compensated for the ohmic drop (E-iR) and reported versus the Standard Hydrogen Electrode (SHE).

The concentration of LiClO4 was thus gradually increased from ~100 mM to ~2 M in the
10% H0 in mass electrolytes (see Methods Table 11-3 for the exact values). Interestingly, as the
LiClO4 concentration increases, the onset potential for water reduction is shifted toward less
negative values (Figure 11-15). To better grasp the molecular origin for this enhanced reactivity,
the electrolyte structure was thus analyzed with MD simulations. Doing so, we found that, at short-
range, Li-H,O interactions are gradually replaced by ion-pairing. Indeed, the increase of the LiClO4
concentration results in an increased amplitude of the first plateau of the Li-O(CIO4’) coordination
number, which suggests more ion-pairing, accompanied by a small increase of the acetonitrile in
the first solvation shell of Li* cations and a small decrease of the water content in the first solvation
shell (Figure 11-16 a, b and c). These results are confirmed by the typical “bell-shape” curve
obtained for the conductivity of these electrolytes (Figure 11-16 d) as well as by the decrease of
the ’Li chemical shift (Figure 11-16 e).
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Figure 11-16. Coordination number between Li* cations and a) nitrogen atoms from acetonitrile molecules, b) oxygen
atoms from ClO4  anions and c) oxygen atoms from water molecules (bottom) in acetonitrile containing 10% of water
in mass at different H20/Li ratio (44 yellow, 8.8 orange, 4.4 red). d) Conductivity of acetonitrile electrolytes with 10%
in mass of added H20 and in the presence of 100 mM (yellow), 500 mM (orange), 1 M (red), or 2 M (brown) LiClOa.
e) Evolution of the “Li chemical shift with the LiCIO4 concentration in these electrolytes.

However, the formation of water-rich domains at the nanoscale may result either in a
fluctuation of the species concentration or in the microsegregation between these heterogeneities.
The latter can be experimentally accessed by small-angle X-ray scattering (SAXS) at the low-q
values which reflects changes in the structure factor.'?12° Indeed, increase of the SAXS intensity
at low-q values is observed with the LiClO4 concentration (Figure 11-17 a), which reveals the
growth of nanodomains. This observation is corroborated by the increase of the X-ray-weighted
structure factor calculated from the MD simulations at the low-q values (Figure 11-17 b) that arises
from the formation of oxygen-rich domains (i.e. rich in H2O molecules and ClO4 anions), as shown

when the structure factor analysis is restricted to oxygen atoms (Figure 11-17 c).

60



Confinement of water into an inert organic matrix to tune the water reactivity

a b C
40 12
] _ 16
35 - 10+ 14
J 8 124
—~ 3.0 ] 1
-} 1 10+
L) ] 64 C o]
2 25- = w8
= ] 4. .
(e i
9 i R s ] ]
£ 20 2 4
1 | 0- 2\
15 A
] C 1 C 0
1 LiClOa -2 4 LiClOa 5 1 CLiC|O4
. . . T T T T T T T T - . ; , ;
10000 0os  oho 0 1 2 3 4 5 6 0O 1 2 3 4 5 6
q (A q (A" q (A7)

Figure 11-17. a) Total X-ray-weighted structure factor of the electrolytes containing 10% H>0, 100 mM (yellow), 500
mM (orange), 1 M (red) LiClO4 as computed from the MD simulations. b) Small-angle X-ray scattering intensity
experimentally measured for these electrolytes. c) X-Ray weighted contributions from the oxygen-oxygen pairs to
the global X-ray-weighted structure factor as computed from the MD simulations.

Hence, these results suggest that increasing the LiClO4 concentration enhances the size of
the formed aqueous-rich nanodomains in the organic electrolyte. This conclusion is visually
illustrated by MD snapshots of the electrolytes containing either 100 mM or 1 M of LiClO4 and
10% in mass of H>O, where larger aqueous domains are observed in the 1 M electrolyte (Figure
11-18 a and b).
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Figure 11-18. MD snapshots of the a) diluted (100 mM LiClOsand 10% H20) and b) concentrated electrolyte (1 M LiClO4
and 10% H20). ¢) Number of LiClO4-H20 domains and their average volume depending on the LiClO4/H20 ratio at 10%
in mass of water calculated from a domain analysis performed on the trajectories obtained from the classical MD
simulations.

Furthermore, this interpretation is reinforced by observing that while activation energies
for the Li* and H.O diffusion measured by diffusion-NMR spectroscopy? (Table 1l-1 and
corresponding diffusion coefficients and Arrhenius fittings are reported in Supplementary Figure

11-9) differ at low concentration (Ep ., = 42 K. mol~'and E, = 31 kJ.mol™! at 100 mM

DH20
LiClOgs), they become closer to each other when the LiCIO4 concentration is increased to 1 M

(Eap , =32Kk.mol tand E, = 28 kJ.mol™1). As a result, we can assume that the diffusion
D, :

Dx,0
of both Li" and H2O becomes correlated with the formation of these H2O-LiClOa4 rich nanodomains
in the electrolyte. Moreover, at greater LiClO4 concentrations, a second population of Li* that
exhibit lower diffusion coefficient is found, which is consistent with the ion-pairing observed in

highly concentrated LiClO4 electrolytes.

4 The measurements and interpretation of the diffusion NMR experiments was realized by Elodie Salager and
Benjamin Porcheron, in CEMHTI laboratory (Univerité d’Orléans).
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Sample 10% H20 1 M LiClO4 10% H20 100 mM LiClO4
Ex(H20) (kJ.mol ™) 2843 3145
Ea(CH3CN) (kJ.mol?) 2343 3047
Ea(Li, fast) (kJ.mol?) 3246 42+4
Ea (Li, slow) (kJ.mol™?) 92+2

Table II-1. Activation energies measured by pulse-field gradient NMR. Uncertainties were evaluated by fitting the
data for all possible permutations of 4 temperatures out of 5.

More quantitative information is obtained by performing a domain analysis'*: when
LiClO4 concentration is increased from 100 mM to ~1 M (at fixed water concentration), the number
of H20O-LiClO4 domains follows a two-fold decrease while their average volume increases by a
factor of 4 (Figure 11-18 c). Interestingly, even at the electrified interfaces where strong electric
fields are present, these large water-rich domains are conserved and migrate to the negative
electrode forming aqueous-rich “channels” between the interface and the bulk (Figure 11-19).
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Figure 11-19. Snapshot extracted from the MD simulation at constant applied potential of 1 V for the system rich in
water and lithium (acetonitrile that contains 10% of water in mass with a H2O/Li ratio = 4.4, see Methods Table 1I-4).
The positive carbon electrode is on the left while the negative one is on the right. Lithium atoms are in blue, water
molecules in red (O) and white (H), perchlorates molecules in orange (only the central Cl atom is represented) and
acetonitrile in grey.

Furthermore, no significant variation is observed when the applied potential is increased
from 1.0 V to 2.0 V. Indeed, similar density profiles showing water heterogeneities for the different
species are observed at the different voltages, as illustrated in the Supplementary Figure 11-10
for the system containing 1% of H>O and 100 mM LiClO4. Hence, the presence of these large
water-rich aggregates strikingly contrasts with our previous observations at low LiClO4 content for
which only small water clusters could be found in the bulk and at the EDL. While these results
suggest that the long-range ordering of the agueous phase within the electrolyte is likely to impact
the water reduction, the environment of water at short-range conspicuously diverges between the
different electrolytes studied. Indeed, when the H>O/Li" ratio decreased (i.e. LiClO4 is added to the

63



Confinement of water into an inert organic matrix to tune the water reactivity

electrolyte), the analysis of the MD simulations have revealed the formation of ion pairs, and the
loss of one water molecule in the first solvation shell of Li* cations. Hence, to finally assess whether
the increase of the reactivity for water molecules at higher LiClIO4 concentrations emerge from a
modification of short- or long-range environments, we decided to keep the H>O/Li" ratio constant,

i.e. to move along the third axis of the phase diagram in Figure 11-1.
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Figure 11-20. a) Linear sweep voltammograms recorded in acetonitrile with a H,O/Li* ratio of 4.4 at different water
concentration (from 1% light grey, to 10% red) on a rotating disk (1 600 rpm) Pt electrode with a 50 mV s sweeping
rate. Potentials were measured vs. an organic Ag*/Ag electrode (see material and methods), are compensated for
the ohmic drop (E-iR) and reported versus the Standard Hydrogen Electrode (SHE). b) SAXS intensity in the low-q
range of acetonitrile for the electrolytes with 1% (grey), 5% (rose) or 10% of added H20 at constant HO/Li* ratio of
4.4 c) Number of LiClOs-H20 domains and their average volume depending on the LiClO4/H20 ratio at 10% of water
concentration extracted from the MD simulations and d) corresponding coordination numbers between the Li*
cations and acetonitrile molecules (top), ClO4 anions (middle) and water molecules (bottom).

The linear-sweep voltammograms recorded with this series of electrolytes show 1) a
gradual reduction of the electrode passivation and 2) a gradual shift of the onset potential for
reduction toward less negative values when the concentration is increased (Figure 11-20 a).
Logically, this behavior directly results from a combination of the two extreme trends previously

measured (Figure 11-9 and Figure 11-15). Furthermore, a significant increase in the SAXS
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intensity at low-q values with the Li-H>O concentrations is observed, experimentally confirming
the growth of these long-range LiClOs-H2O domains in this third series of electrolytes (Figure
11-20 b) which is further assessed by a domain analysis: at high H2O-LiClO4 contents, the LiClOs-
H20 rich domains numbers is not drastically altered while their volume is fivefold increased
(Figure 11-20 c). Finally, the analysis of the coordination numbers for the cations in this series of
electrolytes confirms that similar short-range environment for the Li* cations is maintained (Figure
11-20 d). Studying the water reactivity at fixed H.O/Li" ratio confirms that the formation of water
rich nanodomains, connecting the electrode interface to the bulk of the electrolyte triggers the water

reduction at higher potentials.

Overall, the greatest reactivity measured for water in large water-rich domains can be
explained with the current knowledge of the bulk water autoprotolysis mechanism!?:122 as well as
the framework developed by Filhol et al. ™ which suggests that several “layers” of water are
required to accomplish the VVolmer step: the first one provides proton to the electrode, the second
accepts the OH™ generated during the HER and the following ones allow the reactants and products
to diffuse into solution following a Grotthuss diffusion mechanism. It is also noteworthy that a
higher Li* concentration in the electrolyte may also drive the OH" transport across the double layer
and promote the cleavage of the water O—H bond, as previously suggested.*”*3! From these
experimental and modeling observations, we can therefore conclude that the highest activity
measured for water reduction in the presence of these nanodomains highlights the critical role of

the long-range-interactions onto the water reactivity.

II.7 Conclusions of the chapter

From both an experimental and a modeling point of view, we have highlighted in this
chapter the critical role played by the organization of water at both short and long-ranges on its
reactivity upon electrochemical reduction. They provide a picture at the molecular scale of the
complex role of the water at electrochemical interfaces. Indeed, by playing on the water content
and the salt concentration/nature in the electrolytes, we could constrain the structure of water and
sort out 3 different behaviors. First, we could clearly exhibit that the potential at which protons are
adsorbed on the Pt electrode directly depend on the nature of the protons donor (HCIO4 vs. H20),

which suggests that the alkaline HER mechanism (H-O as the proton donor) differs from the acidic
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one (H*/H30™ as the proton donor). Then, focusing on the water reduction, we clearly demonstrated
that short-range interactions (water-water and water-cations) are competing. We find that when the
H>0-H>0 interactions are insignificant in the electrolyte (low water concentration), the strength of
the water-cation interaction directly impacts the O—H bond strength and thus dictates the water
reactivity upon reduction. This clearly suggest that the cleavage of the O—H bond of the water
molecule, i.e. water autoprotolysis, may limit the water reduction, and thus the HER in alkaline
media, Kinetics and that adding strong Lewis acids in the electrolyte may help to overcome this
issue. Moreover, employing this confinement strategy we could glimpse some insights on the role
of water as a solvent for the water reduction. By creating H-bond interactions between water
molecules at the short-range, small water clusters are formed which can impact the water reactivity
only if the cation-water interaction is not too strong. Finally, when the size of these clusters is
grown by increasing the salt concentration, thus creating nanodomains in the electrolyte as detected
by SAXS, an increase of the water reactivity is measured. Classical MD simulation shows that
these structural heterogeneities are conserved at the interface. Overall, this confirms at the
molecular scale that the transport of hydroxides and hydroniums ions at the electrode-electrolyte
interface through several layers of water is a key parameter controlling the water reactivity.
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Figure 1I-21. a) Exchange current densities for the HER over platinum and gold electrodes compared with the
computed free energy for the formation of the adsorbed hydrogen intermediate (Data taken from ref. 41). b) Linear
sweep voltammograms (50 mV s) recorded over a platinum rotating disk electrode (1 600 rpm) in acetonitrile with
TBACIO4 (left panel) at 100 mM with 1% (grey) or 10% (dark blue) in mass of water and with LiCIO4 (right panel) at
100 mM with 1% of water (grey) or 10% of water (dark blue) or 2 M LiClO4 with 10% of water (brown). c) Similar
curves registered on a gold rotating disk electrode (1 600 rpm). Potentials were measured vs. an organic Ag*/Ag
electrode (see material and methods), are compensated for the ohmic drop (E-iR) and reported versus the Standard
Hydrogen Electrode (SHE).

Importantly, we also demonstrate that similar electrochemical behaviors hold for different
electrode materials. More precisely, while changing the HBE of the surface from a strong binding
(Pt) to a weak binding surface (Au), thus covering both sides of the usual 2D-Volcano plots
traditionally employed to describe the catalytic activity of metallic surface towards HER, effects
of water and salt concentrations are found similar for ACN/LiClIO4/H20 mixtures (Figure 11-21).
Therefore, we reveal that a third dimension, which would stand for the electrolyte structure, is
required to capture the HER kinetics at the solid/liquid interface. Because both the short- and long-
range environment of the water molecules impact its activity, this third dimension can only be
described by the combination of different descriptors, as we demonstrate in this work. Indeed, our

confinement strategy allows to scan each effect independently by moving alongside only one
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“degree of freedom”, thus highlighting different regimes in which one descriptor controls the HER
kinetics. Hence, by tuning the salt nature, or the water concentration, the activation energy for the
cation desolvation (as extracted from the potential of mean force) describes the HER kinetics which
is thus dictated by short-range interactions (Figure 11-22). When reaching large concentrations, a
change of descriptor is needed with the size of the aqueous-rich domains found to correlate with
the onset potential for the water reduction (Figure 11-22). Overall, we demonstrate that adopting
this confinement methodology can therefore allow rationalizing electrolyte effects previously
observed (Li", double-layer rigidity, etc.) by providing a molecular picture.
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Figure 11-22. a) Onset potential for the water reduction (atj = 1 mA cm™) in acetonitrile electrolyte with 5% in mass
of water and 100 mM of TBA, Na or Li perchlorate expressed in function of the activation energy for the cation-water
separation obtained from the cation-Owater potential of mean force. b) Onset potential for the water reduction (at j =
1 mA cm?) in acetonitrile electrolyte with 10% in mass of water at different Li/H.0 ratios expressed in function of
the aqueous domain volume obtained from the domain analysis of the molecular dynamics simulations.

Mastering the water structure at the electrode-electrolyte interface has recently been
highlighted both from theoretical >*? and experimental®>*>3 studies as critical to improve the
catalytic activity of a surface toward water splitting. The framework developed in this work
presents a molecular picture of how short and long-ranges interactions can be employed to promote
water reduction on conductive electrodes in non-aqueous electrolytes. This acquired knowledge
may transpose beyond the HER to other domains such as the electrosynthesis of complex organic
molecule where it was for instance recently theoretically predicted that the formation of domains
at the electrode-electrolyte interface may drastically influence electrochemical synthesis

kinetics.'® Thus we believe that a similar approach that the one developed in this study may be
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employed to confirm these theoretical predictions. This picture may also been of interest to explain
the decrease of potential window stability measured in wet ionic liquids,®8°%? or explain the
surprising poor cathodic stability of water-in-salt electrolytes that contains Li-H20 rich domains as
will be discussed more deeply in the next chapter.t3+13 Moreover, the creation of these kind of
nanodomains in the electrolyte may also be used to tune the selectivity of reactions such as CO2**°
or N2 reduction by playing on the affinity of the reactants/products with an aqueous or

hydrophobic nano-phase.
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Chapter Il - From water-in-salt electrolytes to aqueous biphasic
systems €

[11.1 Motivations

As mentioned in the introduction of this thesis, thanks to the development of high specific
energy insertion materials, LIBs are nowadays well established as the leading technology to feature
mobility and meet the renewable energy storage needs.!*! Today, typical LiBs materials are
working at voltages higher than 4 V for positive electrodes, while negative electrodes operate at
potential lower than 1 V (vs. Li*/Li), well below the thermodynamic stability of carbonate-based
electrolytes commonly employed. This is made possible thanks to the initial degradation of the
electrolyte, either at the open-circuit voltage (OCV) or during the first initial cycles, forming an
electronically insulating but ionically conducting layer on the surface of the electrode called the
SE1.97142143 |n parallel with the development of LIBs based on carbonated electrolytes, the
feasibility of aqueous LiBs has been investigated since the early 1990’s,22! motivated by
environmental, safety and manufacturing cost challenges. However, the development of these
aqueous devices faces two main challenges. First, the electrochemical window in which water is
thermodynamically stable is limited to 1.23 V, well below typical organic electrolytes. Second, the
formation of a stable and electronically insulating SEI in aqueous electrolytes appears challenging
owing to the greater solubility of ionic compounds in water than in organic electrolytes and to the
absence of organic solvent to decompose and gives the polymeric part of the SEI.2** Nonetheless,
inspired by organic superconcentrated electrolytes,®%4¢ a new class of “aqueous”
superconcentrated electrolytes emerged. They were described as Water-in-Salt Electrolytes
(WISEs)*" or hydrate melt electrolytes.'® Such aqueous superconcentrated electrolytes are
obtained by dissolving large quantities of organic salt such as LiTFSI salt in water (more than
20 moles per kilogram of water). Interestingly, the formation of fluorinated based SEI was reported

to be formed on the surface of the negative electrode,4"1%® allowing the assembly of 3 V and even

¢ This chapter is based on three articles that | co-authored: (1) Dubouis, N.; Lemaire, P.; Mirvaux, B.; Salager, E.;
Deschamps, M.; Grimaud, A. The Role of the Hydrogen Evolution Reaction in the Solid—Electrolyte Interphase
Formation Mechanism for “ Water-in-Salt ” Electrolytes. Energy Environ. Sci. 2018, 11 (12), 3491-3499, (2) Dubouis,
N.; Park, C.; Deschamps, M.; Abdelghani-Idrissi, S.; Kandu¢, M.; Colin, A.; Salanne, M.; Dzubiella, J.; Grimaud, A.;
Rotenberg, B. Chasing Aqueous Biphasic Systems from Simple Salts by Exploring the LiTFSI/LiCl/H20 Phase Diagram.
ACS Cent. Sci. 2019, 5 (4), 640—643 and (3) Dubouis, N.; France-Lanord, A.; Brige, A.; Salanne, M.; Grimaud, A. Anion
Specific Effects Drive the Formation of Li-Salt Based Aqueous Biphasic Systems, The Journal of Physical Chemistry B,
2021.
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higher'®147 aqueous batteries. Thus, these so-called WiSEs have recently been investigated in
depth for the realization of practical LiBs**>!4%152 but also for other applications such as sodium-

ion, '3 potassium-ion,*>* lithium-air'> batteries or even supercapacitors.t®

However, the origin for the electrochemical stability of these electrolytes has been widely
discussed. While it is well established and admitted that upon positive polarization, the large
hydrophobic anions are crowding the electrochemical interface and repulsing water molecules from
the positive electrode,138147151157-160 thys postponing the OER towards higher potential, the
mechanism explaining the improved cathodic stability of the electrolyte (i.e. stability at the
negative electrode of the battery, so called the anode) has been widely debated. Moreover, while
the formation of a fluorinated-rich SEI is well accepted,*"%® its formation mechanism remains
questioned. Indeed, based on first principle calculations showing a shift of the organic anions
lowest unoccupied molecular orbital (LUMO) towards more negative energies, it was proposed
that the direct electrochemical reduction of these anions leads to the formation of a fluorinated-rich
SE|.147.148.161-163 However, despite such analysis being widely admitted in the batteries electrolytes
field, it is not straightforward to correlate the electronic structure of the electrolyte with the
thermodynamics and kinetics of electrochemical reactions, as previously discussed in great
extent.1®* Especially, the thermodynamics of a reaction depend on both the reactants’ and the
products’ energies, the latter being totally omitted when electrolyte electronic structures are
computed. Moreover, it is not so clear whether the pure electronic transfer from the electrode to
the anion is the rate determining step of the reaction and thus governs its kinetics. Also, it was
demonstrated that the potential at which the reduction occurs in these electrolytes strongly depends
on the nature of the electrode material,*3>1% suggesting that these reactions are electrocatalyzed.
Hence, the nature of the intermediate species is likely to tune the reaction Kkinetics, as widely

discussed in the previous chapters.

72



From water-in-salt electrolytes to aqueous biphasic systems

Solvated Solvent Water [Li(H,0), . I"
Li cation o cation

Voo ool o RN
,j) ° (Q qug& concentration qu. .éC?(
OAO o % .?\ ! .1 ~
R

Free TFSI anion

Water-in-Salt
Diluted Aqueous Electrolyte «Solvate lonic Liquid» structure

Figure llI-1. Schematic structure of the environment for water molecules, Li* cations and organic TFSI" anions in
diluted or superconcentrated aqueous electrolytes. The following color code is used to describe the different atoms:
H = grey, C =black, N = blue, O =red, F = green and S = yellow.

Importantly, the water structure in WiSEs has been proven to drastically differ compared
to traditional diluted aqueous electrolytes. Indeed, in such highly concentrated electrolytes, most
of the water molecules are found as “coordinating-water” (i.e. in the first solvation shell of a
cation),*>!47 as schematized in Figure 111-1, eventually leading to a structure similar to the one
found in solvate ionic liquids, with the positive charge of the cations being delocalized within its
solvation shell.1%¢16” Moreover, the formation of Li-H,O rich domains at the nanoscopic scale was
demonstrated in these WiSEs.1%138168 This allow us to describe/discuss the results obtained on
WISEs using the framework developed in Chapter 11 -. Hence, the first part of this chapter will be
dedicated to the study of the cathodic stability of these systems.

From a practical point of view, the cost of organic fluorinated salts used in WISEs is
prohibitive compared to the one of inorganic salts such as those obtained from brines (LiCl). In an
attempt to decrease the amount of expensive organic salt used in these aqueous electrolytes,'®® we
also investigated mixtures with inexpensive lithium salts and observed an unusual phenomenon,
namely the formation of an aqueous biphasic system (ABS). When two liquids with very different
physicochemical properties, such as water and oil, are put in contact, they usually coexist as

separate phases with a sharp interface. This fact has long been exploited e.g. for the separation of

73



From water-in-salt electrolytes to aqueous biphasic systems

aqueous solutes via liquid-liquid extraction using organic phases or ionic liquids.t’%1"2 While first
ABS based on polymers were discovered in the late 19th century,!’® the coexistence of two aqueous
solutions of different salts has only been reported much more recently and the range of such ABS
remains comparatively limited.}’*1"® Their composition usually involves a concentrated inorganic
salt and an ionic liquid. The resulting phases both contain a sizeable amount of water (hence their
name) and the origin of the phase separation is thought to result from the simultaneous presence of
water hydrogen bond network structuring (kosmotropic) or disordering (chaotropic) ions.t” This
raises the fundamental question: how "different” should the components of the mixture be for such
a liquid-liquid phase separation to occur -- i.e. in the aqueous case, for an ABS to form? Studying
a large variety of Li-based salts, we will thus discuss in the second part of this chapter which
physical descriptors can be used to predict the formation of ABSs. We will also show that ABSs

reveal promising as electrolytes for new generation of batteries.

l1l.2 Reactivity of water in superconcentrated electrolytes
Evaluation of the impact from the salt concentration on the electrochemical reactivity of agueous

superconcentrated electrolytes

To assess the stability of WiSEs, we first employed two flat model electrodes, glassy carbon
(GC) and polycrystalline platinum, respectively known to possess poor and good electrocatalytic
activity towards water reduction. The electrochemical results presented in Figure 111-2 a confirm
that the anodic stability of water increases with the LiTFSI concentration, independently on the
electrode material (Pt and GC). As proposed by Coustan et al.*>" and latter on rationalized by
others,1381%8.166 the screening by TFSI- anions of the positively charged electrode prevents the
migration of water to the surface of the electrode, which increases the onset potential for the oxygen
evolution reaction (OER: H.O = 2H" + % O, + 2¢"). Regarding the cathodic behavior, no real trend
was found, as the cathodic currents are similar within the range of error bars due to ohmic drop

compensation (between 15 Q for 1 m electrolytes up to 125 Q for 20 m electrolytes).

Intrigued by the lack of modification of the cathodic behavior with increased LiTFSI
concentration, the electrochemical window was widened and rotating disk setup was used to avoid
limitations related to mass diffusion. First, when the salt concentration is increased from 1 m to

20 m, only a small negative shift of the onset potential for the electrolyte reduction (~100 mV) is
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measured on GC electrode, while the onset potential measured on a Pt electrode is found not to be
sensitive to the salt concentration (Figure I11-2 b). More importantly, similar measurements
performed in highly concentrated inorganic salts (LiNOz and LiCl, Figure I111-2 c) reveal that the
onset potential for the electrolyte degradation is the same, whatever the salt (LiNO3, LiCl, LiTFSI).
Surprisingly, a broad and large reduction peak was observed for 20 m LiTFSI on both Pt and GC
electrodes, followed by another reduction event at more negative potentials (Figure 111-2 b). Since
rotation is applied, this phenomenon is unlikely arising from a diffusion-limited process for which
a plateau would be observed. Inspired from the observations from Chapter Il -, a passivation of
the electrode can explain such behavior. Another specific feature noticed for 20 m LiTFSI is the
quasi absence of reduction current observed during the backward scan which could further indicate
the deposition of a passivating layer, as already noticed in ionic liquid.l”” Nevertheless, the
apparition of this cathodic peak was measured only in presence of TFSI™ anions, excluding the

simple electrode passivation by LiOH precipitation (Li* + H20O + € = LiOHsolig) + %2 Ha).
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Figure 111-2. Cyclic voltammograms recorded at 100 mV s a) in static conditions over glassy carbon (left) and platinum
(right) electrodes in 1 m (blue), 5 m (green), 10 m (orange) and 20 m (red) LiTFSI aqueous electrolytes and b) on
glassy carbon (top) and platinum (bottom) disk electrodes rotated at 1 600 rpm in 1 m (blue) 10 m (orange) and 20
m (red) LiTFSI aqueous electrolytes and c) same rotating disk experiment performed in LiNOs saturated solution (~
11 m, rose) and LiCl saturated solution (~ 18 m, purple). On a) grey area represents the thermodynamic stability
window of water in the considering of pure water at pH = 7.
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Growth of a passivating layer on the electrodes upon water reduction and LiOH formation.
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Figure I11-3. a) Cyclic voltammogram recorded at 5 mV s on a carbon electrochemical quartz microbalance electrode
in 20 m LiTFSI solution showing the intensity (red) and the mass deposited on the electrode (blue). b) Schematic
representation of the phenomena taking place during the forward scan of the cyclic voltammogram. c) Evolution of
the mass of the electrode (blue) and of the current (red) in function of the electrical charge passed through the
electrode. The dashed lines indicate areas in which a fitting of the mass of the electroactive species can be obtained
thanks to the Faraday law. d) Scanning electron microscopy pictures of gas diffusion layer electrodes just wetted in
20 m LiTFSI and rinsed (left), hold at -1.8 V vs. SHE for 3 min (middle) and for 10 min (right) and rinsed.

To confirm the passivation hypothesis, electrochemical quartz crystal microbalance
(EQCM) was used (Figure 111-3 a). At relatively mild reducing potential, no current and no
modification of the quartz resonance frequency is observed. When lowering the potential
below -1.7 V vs. SHE, a concomitant increase of the cathodic current and a decrease of the quartz
resonance frequency are measured, indicative of a gain of mass. When reaching the cathodic
plateau, the mass stabilizes before to further increase when entering the solvent reduction region at
potential lower than -2.5 V vs. SHE. On the backward scan, a continuous loss of weight is
measured, revealing the desorption of ions previously adsorbed at the interface under negative
polarization.}’®18! Indeed, below the pzc of the electrodes, Li* cations are continuously adsorbed
to screen the negative charge on the surface of the electrode. For WISEs, these solvated
[Li(H20)24]" cations are not only surrounded by water molecules, but form pairs with TFSI
anions.?®®182 Thus, TFSI- anions can absorb on the electrode surface together with [Li(H20)2.x]*
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cations. Finally, after reaching back a potential at which no current is measured, the mass stabilizes
with an irreversible gain of 5 ng cm2 (Figure 111-3 b). This irreversible gain of mass takes place
in the potential range highlighted by the grey area, which matches well with the potential at which
a reduction peak is observed during the cyclic voltammetry. Analyzing the evolution of the mass
with the charge passed during the cathodic process the presence of at least two distinct processes
are confirmed. Unfortunately, the exact molecular weight of the deposited product could not be
extracted since the values for the molecular mass found using the Faraday law are very low (Figure
111-3 ¢). Furthermore, it is worth mentioning that all the electrochemical measurements show that
the passivation of the electrode is only partial. Indeed, the formation of this film does not totally
suppress the electrolyte degradation at very low potentials below -2.5 V vs. SHE where large
cathodic current is measured. As discussed by Suo et al., this can be in part explained by the
increased probability for electrons to undergo a tunneling process through this poorly conductive
thin layer when going towards more negative potentials.’*® To confirm that the gain of mass
observed in this potential range was due to the deposition of a film on the electrode surface, porous
gas diffusion layer (GDL) electrodes were held at -1.8 V vs. SHE in 20 m LiTFSI solution and
analyzed post mortem by scanning electron microscopy (SEM). After holding the GDL electrode
for 3 min (Figure 111-3 d), small deposits that are not observed when simply soaking the electrode
at the OCV could be seen. After 10 minutes holding, the fibers are almost fully covered by a film

made of aggregates of particles (Figure 111-3 d).
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Figure IlI-4. a) H and b) °F MAS NMR spectra of a gas diffusion layer hold at -1.8 V vs. SHE in 20 m WISE for 30 min
(blue curve and red curve showing the raw and fitted data, respectively). c) XRD pattern of a similar gas diffusion
layer hold at -1.8 V vs. SHE in 20 m WiSE for 10 min compared with LiOH (black) reference pattern. The “*” symbols
show the peaks matching those of LiOH reference pattern.

The chemical nature of the decomposition phases was thus analyzed by ex-situ solid-state
NMRf on a GDL electrode discharged at -1.8 V for 30 min. First, *H NMR spectrum (Figure 111-4
a) reveals the presence of LiOH as indicated by the broad peak centered at around - 1 ppm and
confirmed by X-ray diffraction (XRD, Figure I11-4 c), while other environments could be assigned
to residual water. The '°F spectrum (Figure I11-4 b) shows several peaks, with the most intense
one around -82 ppm assigned to residual LiTFSI trapped in the SEI. Additionally, two other
environments could be observed. The first one at around -207 ppm originates from LiF, 8318 while

fThe measurement and analysis of the NMR spectra was realized by M. Deschamps (CEMHTI Orléans)
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the one at -98 ppm may correspond to CFx groups. Hence, the simultaneous presence of CFx groups
together with LiF indicates fragmentation of CFs groups during the formation of the amorphous
part of the SEI. Overall, these first electrochemical studies combined with characterization of
cycled model electrodes confirmed that the cathodic pic observed at high LiTFSI concentration

originates from a passivation mechanism, that involves the degradation of the TFSI™ anions.
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Figure IlI-5. a) Cyclic voltammograms recorded on a glassy carbon plate electrode in 20 m LiTFSI electrolyte at 0.5
mV.st under a continuous argon flow and online electrochemical mass-spectrometry Ha, generation monitoring for
the first (top) and a second (bottom) cycle, arrows showing forward (reduction) and backward (going back to OCV)
scans, purple plain line serves as a guide for the eyes b) pictures of a platinum wire cycled in reduction witha 5 mV.s
1 sweep rate in 20 m LiTFSI electrolyte in presence of a pH indicator presenting a purple color in alkaline media, the
pH scale being shown in c).
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Having established the nature of the materials constituting the SEI, we decided to further
investigate the mechanism for its formation. Since LiOH was found as one of the SEI components,
the mechanism for the SEI formation must involve the reaction of water molecules. Indeed, two
paths can be envisioned for the formation of LiOH. First, it could be the result of an acid-base
reaction between an organic base formed during TFSI™ anions reduction and water molecules (R™ +
H.O = B-H + OH"). Second, it could originate from the reaction of Li* with OH" generated during
the water reduction following the reaction 2 H.O + 2 e = H, + 2 OH". Hence, to discriminate
between these two pathways, on-line electrochemical mass spectrometry (OLEMS) measurements
were conducted in 20 m LIiTFSI electrolyte to detect if gaseous H: is evolved under reductive
conditions. As shown in Figure I11-5 a, during the first cycle, an important generation of Hy is
recorded during the cathodic peak previously described. Interestingly, in the following cycle, H:
evolution is nearly suppressed, which confirms the passivating role of the layer formed
concomitantly with the HER in the first cycle. We could then demonstrate, following the change
of color of 0-Cresolphtahalein complexone used as a pH indicator, that a strong basification occurs
on the surface of the electrode upon HER owing to the generation of OH" at the electrochemical
interface following the water reductive dissociation. Hence, with the presence of Li* cations at the
electrochemical interface’®1°8 as well as the generation of OH" during the HER (Figure 111-5 b
and c), and owing to the limited solubility of LiOH in water (approximatively 5 m) compared to
LiTFSI, the common ion effect and the large ion activity coefficients in superconcentrated
electrolytes!8® can easily explain the precipitation of crystalline LiOH observed by XRD (Figure

I11-4). Hence, the following mechanism is proposed:
H,0 + e~ = % H, + OH" (111-1)

OH™ + Li* = LiOH(eysy (111-2)
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Figure IlI-6. a) Fourier transform infrared spectroscopy analysis of the 100 mM TFSI solution in 3 M LiOH and b) in
KOH) before heating and after 12 and 60 hours at 120°C (spectra are not normalized). c) 19F NMR analysis of the 100
mM KTFSI in 3 M KOH solution before (green) and after 60 hours at 120°C (blue) compared with the same analysis
replacing KTFSI by KF (pink).

However, none of these steps could explain the traces of fluorine and sulfur that were
observed by solid-state NMR (Figure 111-4 a) and that were previously reported on the surface of
Li* insertion materials.**>!4"148 Even though TFSI- anions were previously described as stable in a
wide range of pH, including strong alkaline media,*® electro-generated species are often more
reactive than their chemical counterparts owing from the slow solvent reorganization when

compared to the electron transfer,'®:18 which can render TFSI- anions unstable towards OH-
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species generated during the HER. To mimic this increased reactivity, the stability of TFSI™ anions
in alkaline environment was studied at temperature above room temperature. Thus, 3 M LIiOH
(resp. KOH) solutions containing 100 mM of LIiTFSI (resp. KTFSI) were introduced in
hydrothermal bombs and heated for 12 h and 60 h at 120°C. Resulting solutions were analyzed by
Fourier transform infrared spectroscopy (FTIR) and °F liquid state NMR spectroscopy. FTIR
results presented in Figure 111-6 a and b reveal that TFSI anions undergo a chemical degradation
in these strong alkaline conditions. Indeed, after 60 hours of heating, the FTIR bands assigned to
SO; (1,350 cm™ and 1,175 cm™) and SNS (1,160 cm™) bonds almost disappeared for both
solutions,* while new bands at around 1,290 and 1,025 cm™ appears. However, looking at the
reaction mixture after only 12 hours in these conditions, different kinetics for the degradation of
TFSI anions are observed for Li* and K*, with the degradation being faster with K* than with Li™,
This result provides useful indications on the mechanistic pathway for TFSI degradation in alkaline
conditions. Indeed, as Li* is a much stronger Lewis acid than K*, the nucleophilicity of OH" anions
is greatly diminished in the presence of Li* cations.*®® Hence, a nucleophilic attack of OH on the
sulfur atom of the TFSI, which were previously shown to possess a large Mulliken charge, 91192
can be proposed as a possible mechanism for TFSI alkaline hydrolysis. To confirm this hypothesis,
proton decoupled °F NMR spectra were recorded after TFSI hydrolysis (Figure 111-6 c). As
expected, the solution before hydrolysis shows only one peak at -79.8 ppm, corresponding to the
CF3z groups of TFSI™ anions. After heating for 60 hours, two peaks at -77.0 and -118.8 ppm were
observed in the °F NMR spectrum. Comparing with a solution of 100 mM KF in 3 M KOH, the
peak at -118.8 ppm can be attributed to the presence of F anions. This control experiment shows
that under strong alkaline conditions such as the ones encountered during initial HER at the
negative electrode in WiSEs, TFSI is unstable and some LiF is generated by its slow reaction with
OH-" anions. These results are in line with the solid-state NMR results discussed previously and
confirm the presence of two fluorine environments arising from the chemical fragmentation of the

CF3 groups from TFSI under alkaline conditions.

83



From water-in-salt electrolytes to aqueous biphasic systems

organic

nucleophilic
product

attack

@ ., |
HER )\‘ B @ - *TFSI‘{/L‘ . \ Fluorinated SEI

C ‘r‘ H LiOH precipitation

. precipitation
e

/dissolution i
~

_

Figure IlI-7. Schematic illustration of the formation of the SEI following a “water reduction mediated mechanism”
occurring in 20 molar LiTFSI WiSE.

Gathering all these observations, we propose the following mechanism that contributes to
the formation of the passivating layer at the negative electrode in WiSEs (Figure I11-7). First, as
demonstrated by OLEMS, water is reduced at negative potential which leads to the formation of
gaseous H: and the release of OH" at the surface of the negative electrode. This process leads to the
precipitation of LiOH on the surface of the electrode. Combining FTIR and *°F liquid NMR, we
could then demonstrate that TFSI is decomposed in the presence of either solid LiOH or OH" ions
in solution which react with the electrophilic sulfur atom of TFSI- anions through a nucleophilic
attack. This attack generates F~anions as well as some organic compounds that precipitate with Li*
cations thanks to the common cation effect. Hence, a fluorinated SEI is eventually formed and

allows cycling anode materials outside of the thermodynamic potential of the water.

From a fundamental point of view, the poor cathodic stability of such superconcentrated
aqueous electrolytes can be rationalized within the framework developed in Chapter I1 -. Indeed,
in these electrolytes water is mostly found as “coordinating water”.*>4 Moreover, it is clearly
established that the bulk of the electrolyte, Li*-H,O nanodomains are formed,'® and these large
domains enriched in “coordinating water” are found to migrate to the negative electrode when an
electrical field is applied.®*®%® Hence, a parallel can be drawn with the water-rich/salt-rich
electrolytes studied in Chapter Il - owing to their similar molecular edifices. Since the water
reduction was found to be “facile” in presence of these Li-H2O aggregates, it comes to no surprise
that water reduction is not delayed to more negative potentials in aqueous superconcentrated
electrolytes when compared to their more diluted counterparts. Overall, in this work we revealed
that cathodic stability of WISEs is mostly explained by the formation of a passivating SEI that
prevents further electrolytes degradation rather than by a diminished water reactivity due to the

modification of the water environment.
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[11.3 Immiscibility of aqueous superconcentrated electrolytes

Formation of aqueous biphasic systems

° HO8g Li'e

TFSI

Figure 111-8. a) Constituents of the system: water molecule, Li* cation, TFSI" and CI" anions. b) Stoichiometric amount
of LiTFSI, LiCl and water to prepare the 12 m LiCl — 5 m LiTFSI Aqueous Biphasic System. The red arrows show liquid-
air or liquid-liquid phase separations.

The formation of the SEI in WISE has been identified as the key to increase the cathodic
stability of aqueous electrolytes. Especially, the absence of a passivating layer in LiNO3z or LiCl
superconcentrated electrolytes (Figure 111-2) clearly establishes the need of having a fluorine
source in the electrolyte. Moreover, we could also establish that the precipitation of the inorganic
components of the SEI cannot occur in a diluted electrolyte but requires a superconcentrated
regime. Indeed, it is achieved thanks to the common ion effect and modification of the activity
coefficients in WiSEs.® While elegant, such fundamental studies however do not address the
scalability of WIiSEs which is hampered by the use of large quantities of very expensive organic
anions (TFSI). Moreover, such superconcentrated aqueous electrolytes contain more organic
species than water, questioning the validity of the sustainability argument. Thus, we aimed at
designing cheaper and more sustainable electrolytes, by using a cheap inorganic Li salt (LiCl) as a
source of Li* cations (solubility ~ 18m) while LiTFSI would be added only as an additive for its
ability to form a passivating SEI (SEI former). Surprisingly, when such mixture with a global
composition of 12 m of LiCl and 5m of LIiTFSI was prepared, we observed at room temperature

the formation of two coexisting liquids separated by a sharp interface (Figure 111-8).
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Figure 11I-9. a) Chemical Shift Imaging of an NMR tube containing the 12 m LiCl — 5 m LiTFSI ABS, revealing distinct
local environments for Li* cations and water in the two phases. The color indicates the intensity (from blue for low
to red for high) as a function of chemical shift and position, while the shape of the peaks reflects the distortion of the
magnetic field near the liquid-liquid and liquid-air interfaces. b) FTIR spectra of the top and bottom phases of the 12
m LiCl — 5 m LiTFSI ABS compared with those of a 18 m LiCl solution and a 20 m LiTFSI solution, respectively.

To better understand the composition of each phases, we employed ‘Li and *H chemical
shift imaging (CSI) NMR? to provide specific information of the chemical environment of the
different species (Figure 111-9 a). The evolution of the chemical shifts across the interface indicates
that Li* cations and water molecules are present in the two phases and adopt distinct local
environments in each of them. Moreover, the distortion of the signal at the interface results from a
change of dielectric constants between the two liquid phases. In addition, FTIR spectroscopy
allows us to probe the local environment of water in both phases, which in turn provides indirect
information on their composition. As shown in Figure 111-9 b, water molecules from the top phase
exhibit O—H bond stretching modes (broad signal around 3 400 cm™) similar to those in an
aqueous 18m LiCl solution, while weak absorbance peaks around 1 250 cm reveal traces of TFSI
in solution.*® A similar resemblance between the bottom phase and aqueous 20 m LiTFSI can also

be deduced from their FTIR spectra.

& The NMR experiments for the aqueous biphasic systems characterization were realized in the CEMHTI Orléans
with the help of Michael Deschamps.
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Figure 111-10. a) Density profiles for 1°F, ’Li and *H obtained by NMR for the 12m LiCl — 5m LiCl ABS compared with b)
those obtained by Molecular Dynamics simulations for CI-, TFSI', Li* and H20 for the same system. On the top of panel
b), a snapshot extracted from the simulation (Li* ions are in orange, Cl anions in green, TFSI" anions in red, and water
molecules are not shown) illustrates the presence of a sharp interface.

The liquid-liquid phase separation is further quantitatively examined in Figure 111-10,
which compares the equilibrium density profiles for various elements probed by NMR imaging
experiments and computed by MD" simulations. Despite the difference in length scales probed by
both approaches (~1cm for NMR, ~10 nm for MD), they provide a consistent picture of a sharp
interface between two coexisting liquids. The compositions are in good agreement for the species
that we could probe experimentally (all but CI- anions), which validates the MD simulations. In

P The molecular dynamics simulations were conducted in collaboration with M. Salanne and B. Rotenberg from
PHENIX (Sorbonne Université, Paris) and C. Park, M. Kandu¢ and J. Dzubiella from Research Group for Simulations of
Energy Materials (Humboldt-Universitat zu Berlin, Berlin)
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particular, MD simulations predict almost quantitatively the ratio of Li* concentration in both
phases, as well as the virtual absence of TFSI™ in the Cl-rich phase. The predicted water content in
the TFSI-rich phase is smaller than in the other one, even though the ratio is slightly larger than the
experimental one.
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Figure lll-11. a) Phase diagram of the ternary LiCI-LiTFSI-H20 mixture. The phase boundary is located by cloud point
experiments between full black circles correspond to a biphasic system and empty circles corresponding to a
monophasic system. Tie lines are obtained by MD simulations for 12 m-5 m (red), 6 m-6 m (blue), 4 m-4 m (green)
and 1 m-1 m (magenta) LiCI-LiTFSI systems and relate the global composition of the system (empty triangles) to that
of the resulting phases (full triangles). The corresponding density profiles are shown in b) 1 m-1 M, c) 4 m-4 m and
d) 6 m-6 m. The 12 m-5 m tie line was deduced from the density profiles presented in Figure 111-10. MD simulation
snapshots illustrate the initial system for the 12 m LiCl — 5m LiTFSI composition and resulting LiCl and LiTFSI rich
phases.
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The formation of an ABS, i.e. a phase separation between two liquid phases, depends on
the global composition of the system. The boundary between the monophasic and biphasic regions
of the phase diagram was determined by cloud point measurements and is shown in Figure 111-11
a. Briefly, the cloud point titration consists in introducing a precise mass (m) of a concentrated
solution of LiTFSI (20 m) or LiCl (18 m) in a test tube, which was weighted before used to tare the
scale. The other solution is introduced dropwise, until a cloudy solution is observed. The tube is
weighted again (mc) so that the mass of the added solution can be deduced (ms = mc - m;) and the
composition of the system is reported as a point of coexistence (biphasic system). Then, water is
added dropwise until the solution turns limpid. The tube is then weighted (m.) to determine the
mass of added water (mw = mL - mc) and the point corresponding to the monophasic system is
reported on the phase diagram. As for the above-mentioned system (12 m LiCl + 5 m LiTFSI), we
also observed a phase separation in the MD simulations for a global composition of 6 m + 6 m,
while for a more dilute system (1 m + 1 m) the system remains monophasic. At a global
composition of 4 m + 4 m, the system is close to the transition between the one- and two-phase
behaviors. The resulting compositions of the coexisting liquids in the phase-separating cases,
obtained from the MD density profiles Figure 111-11 b, ¢ and d, are thus very close to the
experimental phase boundaries Figure I111-11 a. Such an agreement is remarkable considering the
complexity of the system. This further supports the validity of the MD simulations, which in turn
complements the experimental phase boundaries with the tie lines (which could in principle be
obtained by separating and weighting both phases, but would require larger volumes and therefore

be much more expensive).

We finally turn to the physical origin of the phase separation. In contrast to previously
reported ABS,1>178 in the present systems the salts share a common cation. In agreement with
previous MD studies of bulk WiSEs,**” we find that in our case the relevant cationic species in both
phases is the hydrated Li*, despite the observed partial desolvation in this high concentration
regime (Figure I11-12). This indicates that the phase separation is essentially driven by the
different properties of the anions.
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Figure 111-12. MD snapshot of the 12 m LiCl — 5 m LiTFSI system, showing the solvation structures of Li* cations
(orange) in the LiCl (CI" in green in top panel and bottom left panel) and LiTFSI (TFSI" in red in top panel, with separate
colours for each atom in bottom right panel) rich phases. Li* cations remain partially solvated by water molecules (O
in red, H in white) in both phases.

The driving force to form an ABS was previously proposed to result from the difference in
interaction with water molecules between two salts: one structuring water (kosmotropic) and the
other disordering the hydrogen bond network of water (chaotropic),” a phenomenon classically
evidenced by viscosity measurements.®® Indeed, a common way to assess individual ions effect

on water structure is to measure the viscosity of dilute solutions (from 5 mM to 500 mM) and to

determine the B-coefficient in the Jones-Dole equation (n/Mwater —1 = Ac'z + Bc) by
comparing with the results obtained for KCI, assuming the additivity of ionic contributions (and
using the fact that B(K") = - B(CI").1%31% Actually, this empirical equation accounts for the
influence on the electrolyte viscosity of both the ion-ion interactions with the A term (that can be
theoretically computed from Debye-Huckel theory) and the solute-solvent interaction with the B
term. For a given solute, if the B term is positive it is commonly accepted that the solute will
structure the H-bond network of the water molecules in its close surrounding (kosmotropic), and a
negative B coefficient should result in a disruption of the H-bond network in the solute vicinity.%
The viscosity measured for LITFSI, LiCl and KCI solutions from 50 mM to 1 M are well described
by the Jones-Dole equation for the three salts, which allows us to determine the corresponding A
and B parameters (Figure 111-13). An almost null B-coefficient is measured for KCI, for which it
can be deduced B(K*) = - B(CI) = 0.00 dm®? mol*2. The positive B-coefficient of
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+0.18 dm®? mol"*? found for Li* cations indicates its water-structuring role (kosmotropic) and is
in excellent agreement with the literature (+0.15 dm®? mol*2).2%3 Finally, a B-coefficient for TFSI-
anions of + 0.59 dm%? mol"”? can be deduced from the slope obtained for LiTFSI and the above
value for Li*. While TFSI- was reported to be chaotropic,®! our viscosity measurements reveal that
it would rather be a kosmotropic salt owing to its positive B-coefficient (Figure 111-13). This could
result from the large size and hydrophobic character of TFSI- anion.!%*% However the concept of
chao/kosmotropicity, which underlines the effect of individual ions on water H-bond network,
should be taken with some caution at such high concentrations. This is particularly true for WiSEs
where the salt-to-water ratio is larger than one, since in this regime the effects of ion-water

interactions are not additive.'*¢1%
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Figure 11I-13. Viscosity measurements for low concentrations (0 to 1 mol L) aqueous solutions of LiTFSI (red), LiCl
(blue) and KCI (green). Straight lines represent a linear fitting with the Jones-Dole equation.

From a thermodynamic point of view, a mixture of a solvent with two salts sharing a
common ion can be considered as a ternary mixture, due to the constraint of electroneutrality. Using
integral equations, Lo Celso et al. analyzed the phase behavior of such mixtures for neutral
(solvent) and charged (ions) hard spheres'® and found that an asymmetry in the size of the
counterions can be sufficient to induce a phase separation, for a range of compositions and

temperatures. On the microscopic scale, this means that the liquid structures satisfying both the
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local electroneutrality and packing constraints with each counterion separately are more stable than
for the case when all ions are mixed. This is not to say that water does not play a role in the mixing
free energy, which determines whether or not the phase separation occurs: it does contribute both
energetically (via ion solvation and screening of electrostatic interactions) and entropically
(configurational entropy via the composition of each phase). However, this contribution may not
be the dominant one. This claim is further supported by the low solubility of alkali halides in
conventional ionic liquids in which there is no solvent, revealing an intrinsic immiscibility between

large organic anions and halides.'%

Geometrical descriptors for the formation of ABSs

This first part of the study of ABSs was limited to a single halide and a single organic anion.
Moreover, the anion size mismatch was inferred from a simple chemical intuition looking at the
chemical formulas of the different anions, but not directly assessed since the anion size was not
measured. Therefore, our initial finding calls for a deeper study to check if such explanation based
on the size mismatch holds true or not. We thus studied a series of aqueous Li-salt binary mixtures
with a series of anions spanning a wide range of geometries: CI-, Br, I, NO3z  and CIO4 on the one
hand, and three fluorinated sulfonylimide anions on the other hand, and determined which pairs
form ABS.

In order to test the influence of the geometry of the anions, we decided to first investigate
the effect of the nature of the fluorinated sulfonylimide anion on the formation of ABSs while
keeping the CI" anion for the second salt. Hence, two additional organic symmetric fluorinated
anions with the following formulas N(SO2).F>" (bis(fluorosulfonyl)imide, FSI) and
N(SO2CF2CF3)2  (bis(pentafluoroethanesulfonyl)imide, BETI) were selected from the
sulfonylimide family. Their chemical formulas is shown in (Figure 111-14 a). For the former, no
formation of a biphasic solution could be spotted even for a highly concentrated solution of the two
salts (18 mol kg each) at room temperature. Aqueous LiFSI and LiCl thus coexist over the whole
range of compositions within a single aqueous phase at room temperature. In contrast, when a
concentrated solution of LiBETI (15 mol kg*) was combined with a concentrated LiCl solution

(18 mol kg?), a phase separation could be triggered. The phase diagram for the LiCI-LiBETI-H.0
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system was constructed using the cloud point method. When compared to the one of

LiCI-LiTFSI-H20 (Figure 111-14), a larger biphasic region is measured.
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Figure llI-14. a) Chemical formulas of FSI', TFSIand BETI  anions with N atoms in dark blue, S atoms in yellow, O atoms
in red, C atoms in black and F atoms in light blue. b) Phase diagrams of the LiCI-LiTFSI-H20 (grey circles) and LiCl-
LiIBETI-H20 (yellow triangles) systems at room temperature, constructed using the cloud point method. The regions
under the lines are the monophasic regions.

Then, to test the influence of the size of the second anion on the formation of ABSs, we
varied the nature of the halide (X" = CI', Br-, I') while keeping TFSI" as organic anion. In all cases,
phase separations could be observed at large salt concentrations. Thus, the phase diagrams for the
various LiX-LiTFSI-H20 systems were constructed using the cloud point titration method. When
plotted in the mass scale (Figure 111-15 a), the extent of the monophasic region reduces when
going from I to Br and then CI. Nevertheless, to properly assess those physical effects at the
molecular level, the molality scale appears more adequate. Indeed, two electrolytes sharing the
same molality also share the same ion-pairs over water molecules ratios, making it possible to
discuss the role of ions and solvent molecules. Interestingly, when the different phase diagrams are
plotted in the molality scale (Figure 111-15 b), the boundary lines that separate the monophasic

region from the biphasic region almost perfectly overlap for the three different halides.
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under the line is the monophasic region.

In order to complement the results with another family of compounds, a similar study was
carried out using inorganic anions, i.e. perchlorate and nitrate, that do not belong to the inorganic
halides or organic sulfonylimide families and thus show different chemistries and geometries. In
both cases, no ABS was formed when they were mixed with concentrated LiTFSI solutions, unlike

what was previously observed for halides. The results obtained for the formation of the ABS are
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summarized in Table IlI-1. In the following, we will assess the ability of various geometric

descriptors to predict the occurrence of ABS.

LiCl LiBr Lil LiNO3 LiClO4
LiFSI X n.a. n.a n.a n.a
LiTFSI + + + X X
LiBETI ++ n.a. n.a. n.a n.a

Table IlI-1. Summary on the formation of ABS. The natures of the first and second salts are given in the columns and
lines respectively. Symbol code: (X) = no ABS observed , (+) formation of an ABS, and (++) formation of an ABS with a
small monophasic region. The systems that were not investigated are indicated as “n.a.”. All these data are at room
temperature.

Probing the influence of the anion size from simple density measurements

In order to be effective, chemical descriptors should be simple to measure. Based on the
theoretical model developed by Lo Celso et al. who studied the mixing behavior of charged hard
spheres®® (in the absence of solvent), we expect the relative size of the two anions (or their ratio)
to play an important role on the formation of an ABS. However, there is currently no consensus on
the best method to determine the size of ions in solution. For example, the ion-water distances can
be probed by diffraction methods or molecular simulations,?® but these two methods are rather
complex to implement. A simpler approach to sense the mean ion diameters (dion) Of the ions
composing a salt is to measure the densities of several solutions prepared with a precisely known
concentration of salt and water.2°2%2 Briefly, the densities d of solution containing a precisely

known amount of a salt (m,;¢) and water (my, o) were measured with an electronic densitometer.

d
MH,0

Mgalt

Thus, the ¢4 and cyy, oWere extracted following the equations: csq;e =
M

and ¢ =
+1] H20

salt[

d R . . .
and were further converted to the nm= scale. The partial molar volume of an ion pair

m
MHZO[ salt +1

Vp is then extrapolated by taking the intercept at ch20 = 0 of a linear regression, as shown in Figure

I11-16 a for the lithium halide salt, Figure 111-16 b for the lithium fluorosulfonylimide salts and
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Figure 111-16 c and d for LiNOz and LiClOa, respectively. The mean ion diameter (dion) is then

taken as half the diameter of the sphere with a volume V. The dion thus obtained are given in
Figure 111-16 e.
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Figure IlI-16. a) Concentration of ion pairs (ions pair per unit of volume) as a function of the water concentration for
LiCl (grey circle), LiBr (blue triangle) and Lil (red squares) determined by measuring the density of solutions with
different molalities. b) Concentration of ion pairs for LiFSI (blue squares), LiTFSI (grey circles) and LIiBETI (yellow
triangles). c) Concentration of ion pairs for LiNOs. d) Concentration of ion pairs for LiClO4. €) Mean ion diameters (A
) for all the anions computed from the apparent ion pair volume extrapolated from the concentration of ions at ch20

=0. Molecular representations are given for the organic anions with N atoms in dark blue, S atoms in yellow, O atoms
in red, C atoms in black and F atoms in light blue.

If first looking at the large organic anion series (Figure 111-16 €), the size argument seems
to provide a qualitatively good descriptor for the formation of the ABS. Indeed, no ABS would be
formed for the LiCI-LiFSI-H,0 system due to the small diameter of the FSI anion (3.3 A according
to our estimate), and the larger the fluorosulfonylimide, the larger the immiscibility domain
(Figure 111-14 b). However, the situation is much less clear when looking at the small inorganic
anion series. Indeed, the three halides show similar phase diagrams when using the molality scale
despite the increase of their radius with their atomic number (Figure 111-15 b). This could point
towards a “threshold” size below which an ABS is formed independently of the diameter of the
small ion. Nevertheless, it is worth noting that dion(l) is found to be only 1.25 times larger than
dion(CI). This small difference, presumably not significant compared to the size of the organic TFSI-

anion, may explain why no effect of the halide size is observed on the phase diagrams.
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However, as seen on Figure 111-16 e, the diameters of the nitrate and perchlorate anions
are very similar to the ones of Brand I, respectively, which is either due to a poor determination
of the ion diameter or to the failure of ion diameter as a sole descriptor for the formation of ABS.
Concerning the first hypothesis, it is certain that the diameters obtained herein from density
measurements are approximate. For example, they are twice smaller than those of the same anions
within pure ionic crystals.?® This observation surely results from the small size of the Li cation
(d = 1.80 A in pure ionic crystals),?* even compared to those of the halides (at least twice larger),
which results in a systematic underestimation of dion for the anions. Indeed, the dion value estimated
by this method is the average ion diameter for a given ion-pair, e.g. considering similarly the anion
and the cation. In order to assess this effect, the diameter was also estimated using density
measurements of sodium halide and potassium halide salts dissolved in water (Figure 111-17).

a b C

30 30

NaCl KCl I ( ) ()
4  NaBr A KBr e : '
25 -

o o @ .@
20 . .

20 |

(nm3)
(nm=)

ion pairs
-
o
1
ion pairs

C
S
1

5
| |
nik .
2% Y ﬂ.\ .
[
0 S 'Y 0 : ey
0 10 20 30 0 10 20 30 0 eSS e S
Cho (nm?3)

Cho (nm3) K

Figure 1lI-17. a) Concentration of ion pairs in function of the water concentration for NaCl (grey circle), NaBr (blue
triangle) and Nal (red squares). b) KCI (grey circle), KBr (blue triangle) and KI (red squares) determined by measuring
the density of solutions with different molalities. The lines correspond to linear extrapolations of the ion
concentrations. c) Extrapolated mean ion diameters for the different ion-pairs (in A)

The diameters are almost invariant between LiX, NaX and KX salts (X being the halides)
while the cation size should increase, thus showing that the anion contribution to the dion largely

dominates the one of the cation and validating this experimental method as a good estimation of
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the relative anion sizes. In addition, a spherical geometry for the ion-pairs was assumed in order to
determine the dion. While this assumption may roughly hold for simple spherical anions such as the
halides, it probably fails for ions with more complex geometries. Indeed, the NO3™ anion has a
triangular shape while the ClO4 one forms a tetrahedron. It is thus possible that the Li* ions can
approach closer to the anion center along specific directions (for example between the two tips of
the triangle in the case of the nitrate), thus resulting in an underestimation of the anion diameter
using the density measurement method. It is probably even more irrelevant for the organic anions
since their spatial conformation may depend on their concentration. Indeed, it was demonstrated
that in so-called water-in-salt electrolyte (LiTFSI at 20 mol kg*) developed for aqueous LIBs, the
formation of contact ion-pairs and ion-aggregates at such large ionic concentration leads to
different conformation of the TFSI- anions.*” Such observation further highlights the difficulties
in determining which characteristic distance should be used to describe ionic sizes (interatomic
distances, radius, etc.). This calls for the use of more involved descriptors to analyze the formation

of ABSs when the anions’ characteristic sizes are too similar.

Probing the influence of the anion hydrophobicity using gas phase DFT calculations'

Further complicating such study, an analysis solely based on the ion size also misses
features such as differences in hydrophobicity between anions. Originally, ABS formation was
thought to be determined by the structure-forming (kosmotropic) or structure-breaking (chaotropic)
nature of the ions; however, we recently showed that such a criterion is not sufficient.?* An ion’s
structure making or breaking behavior is intimately related to how an ion interacts with its
surroundings. In the case of a dilute aqueous solution, this is generally characterized by the
hydrophilic or hydrophobic character of an ion. We therefore investigated if differences in the
anions’ hydrophobicity behavior could rationalize the cases for which the sole difference in anions

size cannot explain the ABS formation.

"The DFT calculations were realized in collaboration with A. France-Lannord and M. Salanne from PHENIX
(Sorbonne Université, Paris)
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Figure 111-18. Electrostatic potential V(1) mapped to the 0.001 e/A3 isosurface of the electron density for a series of
anions (CI, Br, I, NOs, ClO4,, FSI, TFSI,, BETI') obtained from gas phase quantum chemistry calculations, along with
the molecular polarity index (MPI). For non-spherical anions, extrema values of the electrostatic potentials are
indicated along with their location on the isosurfaces.

To do so, the simplest approach would consist in using the hydration free energies of the
anions as a descriptor. However, experimental measurements show significant variability which
can be attributed to the various assumptions required for extrapolating such values.?® Nevertheless,
the experimentally determined Gibbs free energy of hydration?®® do place NOs™ as more hydrophilic
than I', which seems to indicate that this descriptor is also deficient for explaining their different
abilities to form ABSs. Molecular polarity index (MPI) obtained from the electrostatic potential
calculated at the quantum chemistry level has also been proposed to correlate with the ion
hydrophilicity, the larger value of the MPI corresponding to a more hydrophilic character.?%’
Results obtained for MPI computed for the different anions are shown on Figure 111-18. Here
again, it is clear that this descriptor is not able to catch differences between the Br-, NOgz", I" and
ClOy since they all display very similar MPIs.
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Probing the solvated anions geometry using ab initio molecular dynamics simulations!

In order to clarify the differences existing between halides and perchlorate or nitrate ions,
we then computationally investigated the shape of these ions in solution. For that, ab initio MD
simulations were performed in order to avoid any pitfall associated to the choice of a particular
force field. The computed radial distribution functions between the halide anion or the central atom
of the nitrate and perchlorate anion and the hydrogen atoms from the water molecules are shown
Figure 111-19. We observe that this function hints towards a larger diameter for the NOs™ anion
compared to our experimental estimate, since it is almost superimposed with the one of the I anion
(while density measurements gave similar diameters for NO3™ and Br-, as shown Figure 111-16). In
addition, the ClO4 anion displays the largest preferred distance to the water molecules. However,
the differences observed here are too small to conclude further on a diameter effect.
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Figure I11-19. Radial distribution function between the halide anion or the central atom of the nitrate and perchlorate
anion and the hydrogen atoms from the water molecules.

i The ab-initio molecular dynamics simulations were realized in collaboration with A. France-Lannord and M.
Salanne from PHENIX (Sorbonne Université, Paris)
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MD simulations allow us to go further and determine the shape of the solvation shell. This
was done using a domain decomposition analysis of the trajectory, using the VVoronoi tessellation
method.!*® Doing so, the shape of the anions could be characterized, assuming the anion to occupy
the ensemble of VVoronoi cells containing the anion and no other atom from the local environment.
Results are presented in Table I11-2. It is worth noting that the surface area and volume of the
calculated domains are only estimated since they strongly depend on the metrics used as VVoronoi
radii (in our case, van der Waals radii). However, the use of different parameters would lead to
qualitatively similar results. It is therefore clear that, owing to their molecular character, the nitrate
and perchlorate anions occupy significantly more space than their halides counterparts. This result
therefore reinforces the argument following which ABS are formed when the two anions have
different sizes due to packing constraints, albeit this cannot always be cast in a simple descriptor

as initially attempted in this work.

Anion s(Ay v (A3) Q N
Br 62.68+2.93 38.70+2.41 0.829+0.020 28.4+4.0
NOs3” 93.26+4.44 61.871£4.00 0.731+0.020 70.415.7
I 70.08%£2.57 47.24+2.24 0.856+0.016 32.413.7
Clos 114.46+4.57 84.14+4.33 0.731+0.023 85.815.6

Table 1ll-2. Geometrical characteristics of the anion-containing domains: surface area (S), volume (V), isoperimetric
quotient (Q), and number of facets (N). Reported values are averages with associated standard deviations calculated
over the trajectories.

A third important quantity which can be extracted is the sphericity of the calculated domain,

through the introduction of the isoperimetric quotient Q defined as:
V2
Q =36m—.

For a spherical domain, Q = 1, while the asphericity increases with decreasing Q value. As
seen in Table 111-2, halide domains show high Q values. Such a result is not trivial, as this method
probes the imprint of the anion in its environment rather than the shape of its electronic cloud. In
details, the I" domain is slightly more spherical than the Br~ one, mostly because it is larger and
composed of more facets (N values in Table 111-2). On the other hand, both nitrate and perchlorate

domains show significantly larger asphericities. Since TFSI™ anion exhibits a highly non-spherical
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geometry, its Q value should certainly be low as well, explaining its mixing with low Q-values
anions such as ClO4 or NOs™ and the formation of ABS in presence of highly spherical halide
anions. Overall, this means that this quantity may be seen as a secondary descriptor for systems in
which the diameter is not sufficient.

Can ABSs be used for electrochemical applications?

Our investigation of ABSs started from electrochemistry related interrogations. Despite the
fact that ABSs found various applications in life-science or recycling, their use remains relatively
limited as potential electrolytes for batteries. However, as they can be prepared from two
conductive salts, they could reveal useful to design batteries. For instance, Navalpotro et al.
recently took profit of the difference of solubility for organic redox molecules in the different
phases of an ABS to assemble a membrane-free aqueous redox(-flow) battery.?% In our case, both
phases forming the ABSs contain Li* cations commonly used in intercalation batteries. Moreover,
while one phase contains an organic ion, the other is mainly composed of a halide salt. Because
chloride-ion batteries using polypyrrole polymer (PP) electrodes have been previously
investigated,?® we assembled a prototype of dual-ion (Li*/CI") battery using a PP cathode, a M0gSs
anode able to intercalate Li* cations and a LiCI/LiTFSI (18 m / 20 m) ABS electrolyte, as

schematized in Figure 111-20.
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Figure 111-20. First charge (green) and discharge (red) cycle obtained for a dual ion battery using a 20 m LiTFSI-18 m
LiCl ABS electrolyte with a polypyrrole chlorine adsorption positive electrode and a negative MoeSs negative
electrode. Capacity is expressed based on the MoeSs mass. Cycling was done at a C-rate of 1 (one mole of electron
per mole of active material per hour), based on MosSs mass.

During the charge of the device, chloride ions can undergo an oxidative adsorption on the
PP electrode:

xCl"4+ PP = PP—Cl, + xe” (111-3)
while Li* ions are intercalated in the MogSg anode:
x Lit + MogSg + x e~ = Li,MogSg (111-4)

On the contrary, the discharge of the cell must involve the reductive desorption of chloride
ions and the oxidative deintercalation of lithium cations. Thus, such system requires the presence
of chloride ions at the PP electrode. However, the negative electrode MoeSg cannot be cycled in
regular aqueous electrolytes such as LiCI-H2O as it operates at voltages below the HER.

Nevertheless, this issue can be alleviated by cycling in WIiSEs thanks to the formation of a
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fluorinated SEI, as discussed above in this chapter.'*’ Hence, this system appears as a good
prototype to test the viability of ABSs as electrolytes for dual-ion batteries. Since a reversible
electrochemical trace is obtained, this experiment confirms the possibility of using ABS to develop
dual-ions batteries with different anolyte and catholytes in absence of any membrane. In particular,
the interface between the two phases remains stable even when an electric field is applied. Because
a liquid-liquid interface is present, the transfer of Li* cations between the two aqueous phases is
expected during the battery operation to maintain the charge neutrality in the both phases, raising
questions about the mechanism for the ion transfer at a water-water interface. From a practical
point of view, further improvements, such as stability of the positive current collector in presence
of CI and reducing the large hysteresis observed in this preliminary experiment, would be required

to assemble an effective dual ion battery based on ABS electrolytes.

More recently, transition-metal free batteries based on a new “intercalation-conversion”
chemistry were proposed.? To assemble these batteries, a water-in-bisalt*® electrolyte (WiBSEs)
consisting in a mixture of LiTFSI and LiOTf (lithium triflate) is employed. Regarding the electrode
materials, the prototypical anode material, i.e. graphite in this case (coated with a polymer to ensure
the stability with the WiBSEs),*! is used as the negative electrode to reversibly intercalate Li-ions.
However, the choice of the positive electrode is more novating: it consists in a composite made
from graphite, lithium chloride and lithium bromide allowing the intercalation and conversion of
chloride and bromide ions into the graphite and so called LBCG (Figure 111-21 a). Indeed, it was
proven by various material characterization techniques (Raman, XAS, etc.) that the bromide and

chloride ions can undergo successive oxidative intercalation into graphite positive electrode:
Br~+ C, = C,[Br] + e~ (I11-5)
ClI- + C,[Br] = C,[BrCl] + e~ (111-6)
while lithium is intercalated into graphite at the negative electrode:

2Li*+ C, + 2e~ = Li,C,[BrCl] (111-7)
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Figure 11I-21. a) Schematic representation of the two electrochemical steps occurring during the operation of the
LBCG battery. b) Cyclic voltammogram of the LBCG composite (LiCl, LiBr and graphite powder mixed with PVDF
binder) in (blue) WiBSE (LiTFSI/LiOTf) or (orange) in a superconcentrated LiCl-LiBr (7m/7m) electrolyte. The
composite electrodes were pressed on a Ti-gauze and the potentials were measured against a 3M AgCl/Ag electrode.
The current densities are normalized with the mass of composite. Because intercalation processes are relatively slow,
a 0.05 mV scan-rate was employed for both experiments. A large excess of capacitive carbon YP50 composite was
used as a counter electrode.

Because these aqueous batteries theoretically outperform the state of the art organic Li-ion,
it would be prime of interest to rationalize how they operate. Especially, the operation of the
cathode is not straightforward. It was indeed reported that upon dissolution of a tiny amount of
lithium halide when in contact with the electrolyte, an ABS is locally formed at the cathode.
Nevertheless, it was not proven that the formation of an ABS is required to suppress the electrolyte
irreversible oxidation (OER or chlorine/bromine evolution reactions). To further test this
hypothesis, we assembled different three electrode cells (Figure 111-21 b). The first one is a
replicate of the cell proposed in the original study, using a WIiBSE electrolyte (LITFSI 20 m
combined LiOTf 7 m) while a second one was built using a concentrated LiCI/LiBr (9 m/9 m)
solution as electrolyte. The reversible intercalation conversion of bromide and chloride was only
observed in presence of the WIBSE, while an exponential wave corresponding to irreversible
electrolyte oxidation was observed in presence of the LiCI/LiBr electrolyte. These experimental
observations prove that the formation of an ABS at the cathode is required to trigger the bromide-
chloride intercalation conversion reactions and opens questions about the exact role of the ABS at

the cathode, which will be the object of further studies in the group.
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[1l.4 Conclusion of the chapter

In this chapter we investigated the water reactivity in superconcentrated agueous
electrolytes. While WiSEs are known to have a larger intrinsic oxidative stability related to double-
layer effects, we found that their negative stability is rather related to the formation of a SEI.
Indeed, we could not observe drastic shift of the water reduction onset potential depending on the
concentration or on the nature of salt in the electrolyte. Combining operando electrochemical
measurements with material characterization techniques, we could demonstrate that despite water
reduction occurs, the OH™ generated during the HER degrades TFSI anions into fluorine containing
products that precipitate due to the common ion effect to form the SEI. Thus, the aging properties
of the SEI will govern the long-term stability of this aqueous superconcentrated electrolytes. Recent
studies show that despite a good passivation of the negative electrode is obtained during the first
cycles, the efficiency of WiSEs based systems decreases when cells are not operated or are cycled
at higher temperatures.?!! During the time of this thesis, new generations of WiSEs were developed,
with even greater salt concentrations.?!>21> Nevertheless, despite these aqueous electrolytes
exhibiting electrochemical stability windows greater than the one measured for pure water, they
are mainly constituted of organic salts, water representing less than 15 we, of the electrolyte (Table
111-3), killing the cost and sustainability advantages initially conferred to WiSEs when compared

to classical organic electrolytes.

System Stability Water (Wos)
WiSE 2.7V 15%
Hydrate-Melt*® 3.0V 10%
Asymmetric 214215 5.0V 5%

Table llI-3. Electrochemical stability window and water weight content of various superconcentrated electrolytes.

In order to overcome the drawbacks related to the high concentration of WISEs, we tried to
dilute organic anions and to formulate them in superconcentrated brines. Doing so, we observed

the formation of ABSs. Interestingly, the formation of ABSs was reported to strongly depend on
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how ions interact with water molecules surrounding them.1”> Nevertheless, viscosity measurements
revealed that such explanation does not hold for the salts we used (lithium halides and
sulfonylimides). Combining density measurements with molecular simulations, we investigated
numerous physical parameters as potential descriptors to predict the formation of ABSs. The size
of the largest (organic) anion appears to be critical to determine how “easy” it is for two salts to
segregate into two coexisting aqueous phases, but the results are less clear concerning the impact
of the size of the smallest (inorganic) anion. The comparison between Br~, I, NO3 and CIO4 in
which the two halides form ABSs with LiTFSI while the two others do not, shows that the local
interaction with the water molecules, as described by their hydrophilic character or through the
corresponding radial distribution functions, does not play a crucial role. Instead, a geometrical
analysis of the solvation shell shows important differences between the two pairs of ions in terms
of occupied volume and asphericity, which hints towards an important role of the packing ability

of the ions, hence their overall shape, on the formation of ABSs.

Also, this study helped us to better understand how water molecules behave in electrolytes
that are prime of interest for electrochemical energy storage devices. While models such as “water
fingers” rationalizing the physics for the transfer of ions at the liquid-liquid interfaces have already
been proposed,?*%217 it would be important to adapt them and explain how ion-transfers occur at
ABSs interfaces where the solvent is the same in both phases. Despite this chapter showing that at
that stage superconcentrated electrolytes and ABS remains a curiosity for electrochemical devices,
we utilized the fundamental questions that their formation raised to tackle practical challenges
related to intercalation electrode dissolution in rechargeable batteries as discussed in the next

chapter.
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Chapter IV - Reversible intercalation in vanadium halides enabled
by the use of superconcentrated electrolytesk

IV.1 Motivations

The previous chapters were mainly devoted to the understanding of the environment and
reactivity of water molecules in complex electrolytes. Our focus was paid on understanding the
impact of the electrolyte structure on the kinetics at the electrode/electrolyte interface, but fixing
the electrode to metallic ones without focusing on the effect of the electrolyte on the stability of
the electrode. However, recent developments in batteries and electrocatalysis fields clearly
highlight the need to take the electrolyte/electrode stability into account when designing a new
electrode material. Such paradigm is well illustrated by the absence of cheap/abundant transition-
metal based materials for the OER in acidic electrolytes, because such materials would readily
dissolved in such corrosive conditions. Also, similar dissolution issues find applications in other
fields such as LIBs.

Indeed, throughout its history, LIB research has witnessed a frenetic race for designing new
intercalation compounds, so that most of the crystallographic families with open framework have
been investigated and though chances to discover new promising phases are slim. Nevertheless,
some compounds sharing similar structures with those of archetypal LIBs cathode materials have
never been envisioned as potential host materials. For instance, while transition metals oxides and
sulfides have been widely studied, members of the vanadium tri-halide family VX3 (X = Cl, Br or
I) were never investigated as battery intercalation compounds despite sharing similar structure with
the iconic Li-ion cathode layered materials TiSz2 and LiCoO>. Yet, recent studies highlight the
interesting physical properties of theses vanadium halide phases.?#?1° For instance their magnetic
and electronic structures can be finely tuned by playing with the interlayer coupling between the
Van der Walls gap.?®® Such structural modifications are easily achieved through cation

intercalation,??! reinforcing our motivation for testing these materials as Li intercalation hosts.

k This chapter is based on the peer-reviewed article | co-authored: Dubouis, N.; Marchandier, T.; Rousse,
G.; Marchini, F.; Fauth, F.; Avdeev, M.; ladecola, A.; Porcheron, B.; Deschamps, M.; Tarascon, J.-M.;
Grimaud, A. Superconcentrated Electrolytes Widens Insertion Electrochemistry to Soluble Layered Halides,
Nature Materials, 2021.
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However, the absence of reports on layered halides intercalation compounds is partially explained
by their high solubility in polar solvents, as highlighted by their use as vanadium precursors in

redox-flow batteries.??2

As briefly explained in the introduction, the (un)stability of materials in liquid electrolyte
was already one of the main hurdles that has delayed the commercialization of secondary lithium-
ion batteries relying on insertion reactions. Indeed, the physical and chemical integrity of
carbonaceous electrodes were found altered upon lithium intercalation in polypropylene carbonate
(PC) based electrolytes initially employed.??® Such difficulty was later on addressed by tuning the
lithium solvation shell with the use of EC, suppressing the co-intercalation of PC and forming a
stable passivating layer onto the carbon anode,??* or more recently by using superconcentrated
electrolytes.??>-2%" In turn, this example demonstrates that an electrolyte engineering approach can
be used to unlock lithium intercalation in phases hitherto believed to be too unstable for the
application. Besides graphite intercalation, superconcentrated electrolytes have also shown helpful
functionalities to solve most fundamental drawbacks relative to the use of carbonate based
electrolytes, such as incompatibility with Li-metal, instability at high voltages, flammability or
dissolution of transition metals from the cathode.3135145146.228-231 Qe can legitimately wonder
whether recent advances made in the comprehension of electrolytes’ properties could help to
overcome stability issues that have hampered the reversible intercalation of Li cations into halide-
based compounds, such as the members of the VX3 family.

In this chapter, in the light of what we observed in the previous chapter, i.e. that halides do
not mix with sulfonylimide, we investigated the electrochemical insertion of lithium into VX3
compounds using superconcentrated electrolytes. For that, we studied the electrochemical behavior
of three vanadium-based halides: VCls, VBrs and VIz. Combining electrochemical measurements
with structural (synchrotron X-ray and neutron diffractions) and solubility measurements, we
demonstrate that Li* can be reversibly intercalated into these halides unlike in classical diluted
electrolytes or ionic liquids into which they readily dissolve. Doing so, we open the door to new
intercalation chemistries going beyond our current knowledge regarding oxides, sulfides or
polyanionic compounds, which will serve the field of materials science to develop a fagcon materials

with tunable physical properties.
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IV.2 Synthesis and characterization

While VCls is commercially available, V13 and VBrs were grown in evacuated quartz sealed
tubes by reacting elemental vanadium, iodine and bromine, with a slight excess of halides. After
heating, single crystals were obtained and further purified under dynamic vacuum to remove
halides impurities (methods for details). The structure' of the as synthetized materials was obtained
from Rietveld refinements of XRD patterns (Figure 1V-1, Supplementary Table 1V-1 and
Supplementary Table 1V-2) was found to match those reported in the literature,?*82'° where edge-

shared VVXs octahedra form honeycomb layers stacked along the c direction with a AB sequence
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Figure IV-1. a) Indexed synchrotron XRD (A = 0.41378 A) pattern for VCls where vertical green tick bars stand for the
Bragg positions. b) Rietveld refinement of VBrs and c) Vls synchrotron patterns (A = 0.41378 A). The corresponding
structural models are reported in the Supplementary Table IV-1 and Supplementary Table IV-2. The pink circles,
black continuous line, and bottom blue line represent the observed, calculated, and difference patterns, respectively.
Vertical green tick bars stand for the Bragg positions. Corresponding structures for d) VCls, e) VBr3 and f) VIs where
vanadium, chlorine, bromine and iodine atoms are represented in blue, green, purple and orange, respectively.

' The analysis of the diffraction data was conducted by T. Marchandier and G. Rousse from our lab

111



Reversible intercalation in vanadium halides enabled by the use of superconcentrated electrolytes

IV.3 Electrochemical activity of VXs in various electrolytes
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Figure IV-2. a) Galvanostatic cycling of VClz (green), VBrs (purple) and Vis (red) at C/40 using LP30 electrolyte and a
Liiveta) negative electrode. b) Galvanostatic cycling of VCls (green), VBrs (purple) and Vs (red) at C/40 in a solid-state
configuration using argyrodite electrolyte and InLi negative electrode. c) Galvanostatic cycling of VCls (green), VBrs3
(purple) and VIz (red) at C/40 using a 5 M LiFSI in DMC electrolyte and a Liivetal) negative electrode. For b) and c) the
first two cycles are plotted. The “x” axes represents the arithmetic number of mole of electrons exchanged per mole
of active material. If the current density is negative (discharge) x increases (reduction of the active material), while x
decreases during the charge (oxidation of the material). d) Electron dispersive X-ray (EDX) spectra recorded for Li
negative electrodes after the full discharge of VIs half-cells at C/40 in LP30 and e) LiFSI 5 M. The corresponding
scanning electron microscopy images are given in insets. The white cross shows the point where the EDX spectra
were recorded.
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These materials were tested by assembling battery half-cells to investigate their ability to
electrochemical insert lithium cations (Li*), using state-of-the-art LIB electrolyte LP30 (1 M of
lithium hexafluorophosphate in an equivolume mixture of dimethyl carbonate, DMC). For these
three compounds (Figure 1V-2 a), a relatively small discharge capacity is obtained and the process
is clearly irreversible as no capacity is observed during the subsequent charge. Moreover, the
electron dispersive X-ray (EDX) spectra of the lithium negative electrode after discharge (Figure
V-2 d) shows signals at energies characteristic from Vi« and Vko pointing to the dissolution of
the cathode material and an irreversible solution process as the origin for the limited discharge
capacity. Hence, there is a need to develop a new strategy to overcome these dissolution issues.

The first attempt consists in replacing the liquid electrolyte by a solid-state electrolyte in
which no dissolution can occur. Effectively, when composite cathodes are prepared and tested in
an all-solid-state battery configuration (see methods), the electrochemistry is greatly improved
compared to that in LP30, thus hinting towards the electrochemical intercalation of Li* into VX3
compounds (Figure 1VV-2 b). However, in such configuration the complex interplay between ionic
conductivity of the solid electrolyte, chemical compatibility between components and electrode
microstructure requires a separate optimization of electrode formulation and testing conditions for
each compound. This is indeed exemplified in the chemical incompatibility found between VBrs3
or Vlz and argyrodite solid-state electrolyte, evidenced as a clear color change-upon mixing. This
observation, combined with the difficulty of assembling ASSB and characterizing active materials
in such configuration, renders critical the search for an adequate liquid electrolyte in which halides

would be stable.

To select the correct electrolyte, reconsidering the physico-chemical properties of classical
aprotic LIBs electrolytes proves to be insightful. Commercial LP30 electrolyte is made from a
mixture of carbonate solvents (EC and DMC) in which a salt (LiPFe) is dissolved. While EC is a
polar component essential to ensure both ion-pairs dissociation and the formation of a stable solid
SEI at the negative electrode, its high dielectric constant is presumably responsible for the VX3
dissolution. Hence, not only the chemical composition of the electrolyte must be modified to
prevent vanadium cations and/or halides solubility but also its solvation properties. Inspired by the

recent observation of the non-miscibility of lithium halides salts with lithium imide salts,'6":232 we
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then investigated the electrochemical behavior of vanadium halides in superconcentrated
electrolytes. As shown in Figure 1V-2 ¢, when LP30 is substituted with a 5 M LiFSI in DMC
electrolyte (denoted LiFSI 5 M hereafter), the electrochemical behavior of the three different
phases is drastically even at C-rates as low as C/40™, indicating that superconcentrated electrolytes
can tackle the solubility issue observed in LP30. Indeed, albeit some initial irreversible capacity
being observed in the first cycle, these results suggest that almost 1 Li* per formula unit can be
reversibly inserted into these hosts. Furthermore, no vanadium was found at the negative electrode
at the end of discharge (Figure 1V-2 e) as indicated by the absence of signals at the Vka energy.
Overall, switching from regular diluted carbonate-based electrolytes to a superconcentrated
electrolyte appears as a key to unlock the electrochemical intercalation of Li* into halide layered

compounds.

IV.4 Determination of the mechanism for the phase transformation upon cycling
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Figure IV-3. Operando synchrotron X-ray diffraction patterns recorded for a) VClz b) VBrs and c) VIs upon cycling (left).
The electrochemistry was conducted at C/20. The potential profile recorded during the operando measurement is
plotted on the right panel.

™ As for a note, a C-rate of C/x means that the current density is set in order to insert (reduction) or remove
(oxidation) 1 mol of electron per mol of active material in x hours.
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To grasp further insights into the behavior upon cycling of these halides, their structural
evolution was monitored by operando synchrotron X-ray diffraction (SXRD). For LixVCls (Figure
IV-3 a), two successive biphasic processes can be distinguished upon discharge, consistent with
the two plateaus previously observed (Figure 1V-2 d). For 0 < x < 0.6, the pristine phase disappears
at the expense of an intermediate phase which is then replaced by a fully lithiated phase. On charge,
the process is found reversible with the discharged phase being converted back to the pristine one;
similar reversible bi-phasic intercalation processes are observed for both VBr3 and VIs (Figure
IV-3 b and c). Having proved the full structural reversibility of the insertion process and the
absence of vanadium dissolution, we believe that part of the observed irreversibility capacity is
mostly nested in minute amounts of amorphous impurities of chemically absorbed | or Br in our
starting materials that were made by gas phase reactions using an excess of halides. The structure
of every intermediate and fully lithiated phases were then determined by Rietveld refinement. This
analysis reveals that the O1-type layered structure (R3m space group) of the pristine is preserved
for every intermediate phases, with the sole evolution of the lattice parameters (Figure 1V-4 and
Supplementary Table 1V-3 and Supplementary Table 1V-4).
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Figure IV-4. a) Indexed synchrotron XRD (A = 0.41378 A) pattern for LiosVCls where vertical green tick bars stand for
the Bragg positions. b) Rietveld refinement for LiosVBrs and c) LiosVIs synchrotron XRD c) patterns (A = 0.41378 A),
corresponding to the structural model reported in the Supplementary Table IV-3 and Supplementary Table IV-4. The
pink circles, black continuous line, and bottom blue line represent the observed, calculated, and difference patterns,
respectively. Vertical green tick bars stand for the Bragg positions. Structure of d) LiosVCls, €) LiosVBr3 and f) LiosVis.
Vanadium, chlorine, bromine, iodine and lithium atoms are represented in blue, green, purple, orange and yellow,
respectively. Some parts of the pattern have been excluded due to the presence of Li or Be diffraction peaks.
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Figure IV-5 a) Synchrotron XRD (A = 0.41378 A) Rietveld refinement for LiVCls, b) LiVBrs and c) LiVls. d) Neutron
diffraction (A = 1.6220 A) Rietveld refinement for LiVCls, e) LiVBrs and f) LiVls. The corresponding structural models
are reported in the Supplementary Table IV-5, Supplementary Table IV-6 and Supplementary Table IV-7. The pink
circles, black continuous line, and bottom blue line represent the observed, calculated, and difference patterns,
respectively. Vertical green tick bars stand for the Bragg positions. g) Structure of LiVCls, h) LiVBrs, i) LiVls. The
vanadium, chlorine, bromine, iodine and lithium atoms are represented in blue, green, purple, orange and yellow,
respectively.

Unlike for the intermediate phases, the structure of the fully discharged phases is dependent
on the nature of the anion. Hence, while for VI3 the fully discharged phase possesses the O1
structure, for VCls and VBrs a distortion to an O3 layered structure (R3m space group) is observed
(Figure 1V-5, Supplementary Table 1V-5, Supplementary Table IV-6 and Supplementary
Table 1V-7), in agreement with a previous report on a VCls lithiated phase prepared by a solid-
state route.?3* Such a subtle Li-driven structural difference depending upon the nature of the halide
may simply be rooted in their size, following the ionic radii Cl < Br < I. Finally, and to no surprise
for layered compounds, it was confirmed by neutron diffraction experiments that lithium cations
sit in the interlayer of the phases (Figure 1V-5).
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Figure IV-6. a) Galvanostatic intermittent titration technique measurements of VCls (green), VBrz (purple) and Vi3
(red) at C/40 alternating between 30 min galvanostatic and 2 hours of relaxation. b) Electronegativity of the halide
ligands according to the Pauling scale and impacts on the orbital structure.

To gain a deeper understanding of the kinetics of the redox process taking place during
intercalation, galvanostatic intermittent titration technique (GITT) was performed. Briefly, a
constant current pulse is applied (here for 30 min), followed by a relaxation time in which no
current is passed through the cell (here 2 hours). Monitoring the cell voltage during both sequences
allow to compare the “kinetic” pathway (Figure 1V-6 a) with a quasi-equilibrium pathway
obtained by recording the potential after the relaxation (Figure 1V-6 a). Interestingly, the quasi-
equilibrium path is almost identical for the three halides. Two discharge plateaus are observed,

only differing in their potentials which correlate nicely with the ligand electronegativity (the more
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electronegative the halide, the higher the potential, Figure 1V-6). This result suggests that the
electrochemical activity is solely related to the redox potential of the VV(111)/\V/(I1) couple. As for a
note, the hysteresis (i.e. overvoltage) can be approximated by the difference of voltage at a given
“x” between the kinetic and quasi-equilibrium pathways. Such hysteresis can originate from
different physical parameters (iR-drop, ion-diffusions, electronic conductivity, structural
rearrangements, etc.). Here, the kinetic pathway was found to strongly depend from the batch of
VBrz and VIs synthetized materials. Because single crystals were obtained, the main difference
between the batches is probably related to a difference in the particle sizes. Hence, the hysteresis

estimated herein probably takes its origin from ion-diffusion and/or electronic conductivity issues.
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Figure IV-7. a) Operando evolution of the V K-edge spectra measured by X-ray absorption spectroscopy during the
discharge of VClz at C/20. b) Comparison of the spectra recorded at the open circuit voltage (blue), end at the end of
discharge (green) with VCl, reference material (red). c) Evolution of the vanadium average oxidation state as a
function of the electrochemical cycling for VClz obtained from PCA analysis conducted on V K-edge operando XAS
dataset. The cycling was done at C/20 in 5 M LiFSI DMC. d) Reconstructed principal components 1 (blue), 2 (pink), 3
(green) obtained by MCR-ALS analysis compared to VCls (dark green) and VCl2 (red) references.
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To validate this charge compensation mechanism, operando XAS" was performed on VVCl3
(Figure 3 c). During the discharge, a shift of the V K-edge position to lower energy (Figure 1V-7
a) reveals a shift from V(1) (pristine) to V(II) (Figure 1V-7 b). Indeed, the end of discharge
spectra K-edge position matches almost perfectly the one of the V(II)Cl. reference. The overall
evolution during the discharge can be fully described using three principal components: the pristine
phase, the end of discharge phase and an intermediate phase (Figure 1VV-7 ¢ and d), confirming the
existence of an intermediate phase as previously observed during operando synchrotron XRD. The
whole operando XAS dataset was used as an input for the principal component analysis (PCA) to
determine the number of independent. The XAS spectrum of these principal components was thus
reconstructed using multivariate curve resolution—alternating least-squares (MCR-ALS)
analysis.?*® Three principal components are needed to describe the whole evolution of the XAS
spectra during the Li* intercalation. They are reported along the references in Figure 1V-7 d. The
first principal component (PC1) corresponds to the first operando XAS spectrum for which the V
oxidation state is found close to the expected V(I11). On the other hand, the edge position of the
third principal component (PC3) agrees with that of VCl,, confirming the V(II11)/\V(Il) redox
mechanism upon Li insertion. The second component (PC2) cannot be expressed as a linear
combination of PC1 and PC2, and corresponds to a vanadium +2.55 oxidation state. The details
(variance plot and evolution of up to 8 PCs during the discharge) for the PCA analysis are given in
Supplementary Figure 1V-1 and Supplementary Figure 1V-2. Because the evolution of the
vanadium redox number should counter balance the quantity of lithium inserted in the phase, the
determination of the oxidation state for the intermediate phase further suggests its composition:

Lio.ssVClz, leading to a better understanding of the Li/V stoichiometry in the intermediate phase.

IV.5 Rationale for the decreased solubility of halides in superconcentrated
electrolytes

In summary, we directly proved that superconcentrated electrolytes can be used to explore
new intercalation compounds and synthesize novel phases for chemistries previously disregarded
as highly soluble in liquid electrolytes. To rationalize this effect, the solubility of VClsz was
measured at different concentrations of LiFSI as supporting salt in DMC by inductively coupled

plasma mass spectrometry (ICP-MS). To do so, the powders were stirred during 3 days at room

" A. ladecola measured and analyzed the data from the operando XAS cells
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temperature (~25°C in an Ar filled glovebox) and the solutions centrifuged and filtered. The
organic solutions obtained were then extracted/diluted in 2wy HNO3 solutions in order not to

saturate the ICP-MS detector (cv < 1 ppm).
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Figure IV-8. a) Evolution of VCls solubility measured by ICP-MS LiFSI/DMC electrolytes as a function of the LiFSI
concentration. b) Same for VBrs (purple) and VIz (red)

The results, shown Figure 1VV-8 a, reveal an initial increase of the vanadium solubility as a
function of the LiFSI concentration followed by a drastic decrease when LiFSI concentration is
higher than 1 M, reaching values as low as few mM for the LiFSI 5 M superconcentrated
electrolyte. Furthermore, vanadium chloride powder was mixed with 5 M LiFSI in DMC solutions
for 3 days at 55°C and 85°C, before allowing the solutions to rest at room temperature and
monitoring the amount of dissolved vanadium. Since the measured concentrations were extremely
close to the ones obtained at room temperature (cv(RT) = 6.3 mM, cv(55°C) = 7.6 mM and
cv(85°C) = 5.5 mM), any scattering of the results due to a kinetic hindering of the powder
dissolution can be discarded to explain the aforementioned trend. Moreover, similar results
showing a lower solubility at high LiFSI concentrations were obtained for Vs and VBr3 (Figure

IV-8 b). Thus, this peculiar bell shape reflects a thermodynamically-driven phenomenon.
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Figure IV-9. a) UV-vis spectra for 1 M LiFSI in DMC solutions saturated in VCls (green), VBrs (purple), and VIs (red).
The spectrum for VClz shows some saturation, which is related to the high vanadium concentration, even when
measured in a 0.1 mm optical pathway cuvette. b) Solubilities measured for VClz (green), VBr3 (purple) and Vi3
(orange) by ICP-MS in a 1 M LiFSI in DMC electrolyte. c) Expression of the vanadium halide solubility as a function of
the dissolution mechanism (chelation or ligand exchange).

To derive the equilibrium law that governs the solubility of vanadium at different

supporting salt concentrations, we first need to understand the nature of the dissolution reaction by

identifying the chemical environment of the vanadium cations dissolved in solution. Visually,

every 1 M LIiFSI solution saturated with VX3 exhibits a pronounced coloration, as evidenced by

the presence of absorption peaks in their UV-vis spectra (Figure 1V-9 a). Interestingly, the
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wavelengths of the absorption peaks are halide-dependent, suggesting the formation of a vanadium-
halide complex in solution. Moreover, the initial increase of the solubility with LiFSI concentration
(at concentrations below 1 M) advocates for the participation of the salt anion in the formation of
this complex. Such observations can be rationalized by the formation of adducts in solution in the

form of [VX3.nFSIp]™P, through a chelation or a ligand exchange mechanism, as proposed below:

_ n-—p _
VX3 (eristy P FSI (sop) = [VX@-mFSI,] " +nX (IV-1)

where n and p are integers with 0 <n <3 and p > 0 (n =0 for the chelation mechanism).

Moreover, the solubility of LiCl is very low in DMC (1.3 mM in pure DMC).2% Hence,
since the VClz solubility in 1 M LiFSI electrolyte is around 100 times greater than this value, CI’
ions must be generated from the VCIs dissolution and should undergo an almost complete re-

precipitation:
Li+(sol) + ClI” (so1) = LiCl(crist) (K% »> 1) (IV-2)

This second step, however, can hardly be observed due to the very limited amount of LiCl
precipitated. Indeed, when the exact quantity of VClz is added to a 1 M LiFSI solution to reach the
limit of solubility (s), the quantity of chloride ions that would precipitate into LiCl can roughly be
estimated to be ~ 10 mg in 1 mL of electrolyte (quantities used in this study). Such small quantity
is evidently too low to be easily washed and separated by centrifugation and be further

characterized by XRD, for instance.

The existence of a precipitation step can drastically shift the first equilibrium towards the

formation of the product, as expressed by the equation below:

- . n-p . o o
VX3(CriSt) + p FSI (sol) +n L1+(sol) = [VX(3_n)FSIp] +n LlX(CTiSt) (K =K 1 K 2) (IV-3)

At the thermodynamic equilibrium, the Guldberg and Waage law of mass action gives:

a —_
[VX(g_m)FSIp]" "

(@it (40 )" (AFSI= (4 )P

K =K°, K° = (1v-4)
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Thus, considering the activity of a solute as the product of its concentration ¢ and its activity
coefficient y, divided by the standard concentration (c° = 1 mol L1), the solubility s of the VX3 salt

can be expressed by the following equation:

. n - p . n _ p
S _ Ko Ko (VL1+(50D) (Yrsi (Sol)) (CL1+(50D) (Crs (Sol))
1472 ()P

(Iv-5)

(o]
¢ VVXs-mFStp|" "

Since the solubilities of LiBr (scier) and Lil (sLii) are expected to be greater than the one of
LiCl in nonpolar solvents (e.g. stisr = 4 mM in DMC at 25°C, 3 times that of LiCI)%*®, one would
expect K°(Cl) > K°»(Br) > K°(I), which is consistent with the trend observed for the solubilities
of the VX3 compounds that follows VCIls > VBrz > Vlz (Figure 1V-9 b). For a chelation
mechanism, K°2 = 1 and the solubilities of the different vanadium halides are expected to vary less
than for the ligand-exchange mechanism. Hence, our experimental observations Figure 1V-9 b
point towards dissolution through a ligand-exchange mechanism.

Neglecting a variation of the activity coefficients, hypothesis which usually holds for low
salt concentrations,*®® the VX3 solubility should thus increase with the LiFSI concentration, in
agreement with our experimental observations made for concentrations < 1 M (Figure 1V-8).
However, such explanation does not hold anymore at high ionic strength, regime in which activity
coefficients are known to be modified.'® First, as expressed in Equation (IV-6), a large decrease
of y.;+ and y¢- could potentially explain the lowering of the VX3 solubility. Nevertheless, as
suggested in a recent theoretical work, the average activity coefficient of single ions is more likely
to be greater at high salt concentrations.'® Hence, the decreased solubility is rather explained by a

large increase of V| P which, owing to the interaction of the vanadium adduct with

VX (3-n)FSIp
surrounding solvent molecules, would require developing a refined model to accurately account
for the variation of its activity coefficient with the ionic strength. We should further emphasize that
independently on the dissolution mechanism (ligand-exchange or chelation), the VX3 solubilities
are expected to vary in a similar manner depending on the LiFSI concentration.

Our study provides the rationalization for the observed bell shape behavior: the initial
increase of the solubility originates from the increased concentration of FSI™ anions, while the

decrease observed in the concentrated regime arises from a large deviation from unity of the
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transition-metal complex activity coefficient value. More importantly application-wise, the
solubility of the fully discharged LiVCls phase shows similar bell shape (Figure 1V-10 a), albeit
the solubility is found lower than for VVClz which ensures a good resistance to dissolution for the
material even upon reduction. However, we note that upon long cycling a severe capacity decay is
observed and can be attributed to vanadium dissolution accumulated over time (Figure 1V-10 b).
Indeed, since the cycle numbers for a similar capacity retention are much greater (approximatively
threefold) when the cycling is operated at C/10 compared to C/40, part of the capacity loss is likely
to be related to vanadium dissolution upon time. Obviously, future work range in better tuning the
delicate electrolyte-solvent balance to improve the capacity retention both at RT and 55°C. In
conclusion, these findings confirm that the fundamental framework developed in this work captures

every stage of lithiation and can be transposed to the study of other intercalation compounds.
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Figure IV-10. a) Evolution of LiVCls solubility measured by ICP-MS in LiFSI/DMC electrolytes as a function of the LiFSI
concentration. b) Discharge capacity retention obtained for VCls cycled either at C/10 (orange) or C/40 (blue). The
dashed lines indicate the number of cycles attained with similar capacity retention values depending on the cycling
rate.

IV.6 Conclusions of the chapter

Overall, we established the use of superconcentrated electrolyte as a platform to discover
new families of materials for Li* intercalation. Driven by the broad interest for their physical
properties, we (reversibly) intercalated Li* into layered vanadium halides to form new layered
phases, the impact of which goes beyond the sole development of intercalation electrodes for
secondary batteries. Indeed, preliminary NMR suggest a fast exchange of Li* cations between
different crystallographic sites, which does not come as a total surprise owing to the ongoing

interests for halides as solid state ionic conductors. Moreover, these layered halides have been
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widely investigated for their promising magnetic properties, and preliminary magnetic
susceptibility measurements show that Li+ intercalation can be used to tune their magnetic
structure. Aside from unlocking the synthesis of new layered structures, our study also lays the
fundamental background to comprehend a so far ill-understood effect related to the use of
superconcentrated electrolytes, i.e. the decreased solubility of active material. Indeed, we
demonstrate that the low solubility of transition metal compounds in superconcentrated electrolytes
originates from a shift of the solubility equilibrium, i.e. from a thermodynamic effect rather than a
kinetics one, which also applies to current collectors whose stability in presence of corrosive anions
(FSI, TFSI, etc.) was observed to increase in superconcentrated electrolytes. In general, our study
highlights the critical need for solid-state chemists to include knowledge about the physical
chemistry of liquids when developing novel intercalation compounds. Evidently, the future success
of such explorative and collaborative work will rely on answering fundamental questions regarding

equilibrium and ion activities in this novel class of electrolytes.
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General conclusion and perspectives®

During this thesis, we developed a fundamental understanding of how the structure of liquid
electrolytes may dictate their use for electrochemical applications such as water electrolysis and Li
batteries. After recalling that both water electrolysis and Li batteries largely benefited from
intensive research in solid-state chemistry that brought knowledge about the best electrode
materials/electrocatalyst that should be used for various applications, we highlighted that one of
the greatest challenges to further improve electrochemical energy conversion devices lies in our
understanding of the impact of the electrolyte on the interfacial processes happening upon

operation.

Especially, we first focused on the understanding of the role of water as an active molecule
or as a solvent for the HER. Because in aqueous electrolytes water molecules found at the
electrochemical interfaces are subject to many non-covalent interactions, we developed a
fundamental framework to separately investigate how water molecules environment may modify
the water reactivity. Toward that goal, we explored systems that are comparatively less studied and
in which water is confined in an organic matrix, acetonitrile in our case. First focusing on short-
range interactions, systems were prepared by dissolving a very scarce amount of water in
acetonitrile. This confinement strategy coupled with MD simulations, and experimental
characterization techniques allowed us to sketch a structure-reactivity correlation for the water
molecules. We revealed that when the electronic density of water molecules is decreased by the
presence of a Lewis acid or other water molecules for instance, water molecules reduction is more
facile. Such results may explain why the addition of Li* cations may boost the kinetics for the HER
in alkaline electrolytes. Furthermore, we also managed to tune the environment of the water
molecules at the nanoscale. Indeed, increasing the salt concentration in these electrolytes led to the
formation of aqueous rich nanodomains, in which water reactivity is exacerbated compared to the
diluted case. The presence of such nanodomains at the electrochemical interface may help to

transfer water-ions between the bulk of the electrolyte with the electrode-electrolyte interface,

° This General conclusion and perspective part is partly based on the following paper | co-authored: Serva,
A.; Dubouis, N.; Grimaud, A.; Salanne, M. Confining Water in lonic and Organic Solvents to Tune Its
Adsorption and Reactivity at Electrified Interfaces. Acc. Chem. Res. 2021.
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which could explain the more facile water reduction observed in these electrolytes. Overall, our
observations confirm that when water is the reacting molecule for the HER, the kinetics for its

dissociation (i.e. cleavage of the OH bond) are likely to govern the HER kinetics.

Nevertheless, these observations also raised numerous questions. First, from a fundamental
point of view, while insights were gained on how the water environment modifies its reactivity
upon reduction, we could not directly translate it for the water oxidation reaction. Because the OER
is the main source of energy penalties for the water splitting, this direction of research would
probably help to further increase electrolyzers’ performances. Nevertheless, one of the main
experimental hurdles to be tackled is the absence of model catalyst to study the water oxidation in
organic electrolytes. From a more applied point of view, we demonstrated the possibility to prepare
organic electrolytes that contain aqueous nanoreactors with tunable sizes that could prove very
useful for a wide variety of applications. For instance, such aqueous—organic mixtures have already
been employed in CO; reduction.?*"?*® Indeed, apolar small molecules such as CO2 and N2 have
poor affinities for water molecules and thus low solubilities in aqueous phases, which drastically
hampers the reaction rates for CO2 or N2 reduction. Nevertheless, a proton source is required to
achieve the transformation of CO: into high-added-value compounds such as methane, methanol,
ethanol, ethylene, etc. Thus, one could seize the opportunity of tuning the size of aqueous domains
that form in aprotic solvents to enhance the selectivity and/or rate toward high-value-added
products while sustaining a sufficient CO2 solubility. This stratagem could even be pushed toward
more complex processes, such as synthetic electrochemistry. Indeed, changing the size and
composition of the aqueous and/or organic nanodomains formed in the electrolytes could allow
polar and apolar reactants to be brought together at the electrochemical interface and thus increase
the molecular complexity of products that could be formed.!33

Outside of the electrocatalysis field, these findings can also reveal helpful in understanding
the parasitic reactions due to water contamination in carbonate-based LIBs. Indeed, the “perfect”
water content for organic-based LIBs was long debated, as water contamination may modify the
SEI composition on anode materials and thus enhance or deteriorate their performances.®®°%2%° The
approach we deployed to understand how water speciation may impact its reactivity at electrified
electrodes may thus help to rationalize these experimental observations. For instance, it was

recently suggested that because water and Li* are strongly bonded, they can co-absorb on a metallic
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surface upon negative polarization, leading to the formation of oxide species and the evolution of
molecular hydrogen, both being detrimental for battery cycling.?*° Water is also used as an additive
in organic electrolytes for divalent ion batteries to boost the kinetics for intercalation of divalent
anions into oxides.® However, divalent cations such as Mg?* are strong Lewis acids and strongly
bind water molecules, which facilitates their electrochemical reduction and drastically limits the
tolerable amount of water in these systems. Moreover, this strong cation-water affinity may also
lead to co-intercalation of water molecules in the bulk of the electrode, limiting the effective
capacity of these devices.

Playing on the solvation structure of water molecules was also recently discussed to propose
high-voltage aqueous LIBs using superconcentrated aqueous electrolytes. In these electrolytes,
most of the water molecules are found in the first solvation shell of a Li* cation, and Li-H-O rich
nanodomains can be observed. Measuring the intrinsic electrochemical stability of these new
electrolytes, we could find that their greater cathodic stability originates mainly from the growth
of a passivation layer, onto the electrode surface, formed upon decomposition of water molecules
and organic anions. These findings are in line with what was observed when studying water
reactivity in organic electrolytes. Indeed, in WiSEs, water molecules are mostly found in the first
solvation shell of Li* cations, and the presence of H.O-Li nanodomains in these superconcentrated
aqueous electrolytes is well established, and advocates for a facile water reduction in light of what
we measured in organic electrolytes. Nevertheless, the superconcentrated regime is required to
facilitate the precipitation of the inorganic components of the passivating layer. Trying to blend
different Li salts at large concentrations, we found that when two salts sharing the same cation but
very different anions are mixed together in water, the formation of an ABS can occur. Screening a
large variety of salts with different anions, we could find some pre-requisite to predict the formation
of ABSs in presence of two Li-salts: the size of the anions must be very different and we also
highlighted that difference in geometries (e.g. spherical vs. ovoid) is a prerequisite to trigger the
ABSs formation. We also highlighted that ABSs formation can be used to design innovative
aqueous based batteries. Our first attempts to design a membrane-free dual-ion battery were very
preliminary and more is needed fully to appreciate the stability of the liquid-liquid interface formed
in ABSs. Moreover, despite recent reports that the ABS can trigger novel intercalation

chemistries,?!? nothing is known regarding why ABSs must be used as electrolyte in this case.
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Aside from batteries, such systems may prove useful for electrochemical synthesis. Indeed,
multiphasic electrolytes (made by emulsion) have been investigated as a way to unlock new
synthesis paths because of their ability to tune the reaction processes at the triple phase boundary.?*
Actually, the presence of in-situ liquid-liquid extraction phenomena in these systems may help to
extract the products of the reaction, and improves yields of electrochemical reactions. Because
ABSs do not contain any organic solvent they can thus be envisaged to develop even greener
organic electrosynthesis processes. Moreover, ABSs seem promising to recycle transition metals
used in LIBs cathodes such as cobalt.?*? Hence the systems we studied may further serve the LIB

recycling field since anions from the electrolytes salts could be recovered as well.

Studying electrochemistry in these superconcentrated electrolytes also raised fundamental
questions. While in diluted electrolytes, the thermodynamic potentials for coupled proton-electron
transfers reactions such as the HER or OER can be simply estimated from the Nernst equation and
the solution pH, it is not so obvious to translate these concepts for superconcentrated electrolytes.
Indeed, in such solutions, the activity coefficients of ions is known to largely deviate from unity,%
which raises questions about the pH definition and measurement in WiSEs. Attempts to measure
the pH in WISEs did not reach consensus: based on measurements using a combination of glass-
electrodes and pH-meters, it was proposed that WiSEs can be slightly more acidic than neutral
water, 4243 or even very acidic (pH ~ 2).2* Because glass-electrodes may not show an accurate
response in concentrated media, such measurements should be confronted to other experimental
techniques that assess the ions activity coefficients. Thus, preliminary measurements of the HER
and HOR on a Pt RDE were carried out during this thesis, and suggested that the concentration of
protons in WISEs is not increased compare to diluted electrolytes. However, the reversible
HER/HOR potential compared to a calomel reference was observed to largely shift to more positive
values at high ionic strength, suggesting that the activity coefficients of protons may reach very
large values. Hence, the determination of the ions activity in these superconcentrated solutions will
be the subject to a further study in our lab. Indeed, it can help to better understand the (un)stability
of aqueous based electrolytes, but applies far beyond aqueous batteries field. It may actually help
to better grasp why a different SEI formation mechanism is observed switching from diluted

(reduction of the solvent) to superconcentrated (reduction of the anion) organic electrolytes.??®
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Outside of the battery field, we believe that, desalinization devices or chloroalkali electrolyzers

operating in brines could benefit from this fundamental understanding.

Interestingly, we could also apply our understanding of the intrinsic non-miscibility of
halides with sulfonylimides anions to develop an electrolyte engineering approach and widen the
known insertion electrochemistry to layered vanadium halides. Doing so, we synthetized new
LiVXsz (X = Cl, Br, I) phases, recalling the interest for solid-state chemists to dialog with the
physical chemists working on physical chemistry of liquids. Also, throughout this study we
developed the fundamental understanding to explain the mechanism preventing the dissolution of
transition metals into superconcentrated electrolytes. Indeed, we found that the corrosive character
of fluorinated organic anions is inhibited in the superconcentrated regime because the formation of
complexes based on transition metal and anions is prevented. We hypothesized that activity
coefficients of such complexes in solutions drastically deviate from unity, opening the door to

deeper thermodynamic modelling studies.

Closing the loop with the beginning of this thesis, the understanding of the influence of the
electrolyte concentration on the stability of electrodes we developed for batteries could also reveal
crucial for the electrocatalysis community. Indeed, despite the recent development of elegant
operando approaches tracking the catalysts dissolution using RDE setups,?*° the conditions of such
studies are far from those used in industrial devices operating at higher temperature, with large salt
concentrations and very different mass/volume ratio for the catalyst and the electrolyte.'® Gaining
some general knowledge on how ions dissolve in concentrated electrolytes would surely help to

design more resilient electrolyzers.
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Conclusion and Perspective Figure 1. Tuning the solvent environment at the atomic, nanoscopic, or macroscopic

scale is a promising strategy to unlock new electrochemical technologies.

Altogether, the findings of this thesis highlight that mastering the electrolyte solvation
structure at the atomic, nanoscopic, or macroscopic scale is a key to unlock new electrochemical
technologies for electricity storage, electrocatalysis, or electrosynthesis as illustrated in

Conclusion and Perspective Figure 1.

132



List of abbreviations

List of abbreviations

Abbreviation

ABS
ACN
APXS
BETI

CSlI
CcVv
DFT
DMC

dion

EC
EDL
EQCM

FSI
FTIR

GC
GHG
HBE
HER
HOR
IHP
IL

Ko
ks
LBCG
LIB
LUMO

MD
MEA

Signification

electronic transmission coefficient

agueous biphasic system

acetonitrile

ambient-pressure X-ray photoelectron spectroscopy
bis(pentafluoroethanesulfonyl)imide
concentration

chemical shift imaging

cyclic voltammogram

density-functional theory
dimethylcarbonate

density

mean ion diameter

ethylene carbonate

electrical double-layer

electrochemical quartz crystal microbalance
Faraday constant

bis(fluorosulfonyl)imide

Fourier transform infrared spectroscopy
activity coefficient

glassy carbon

greenhouse gases

hydrogen binding energy

hydrogen evolution reaction

hydrogen oxidation reaction
Inner-Helmholtz plane

ionic liquid

reaction rate constant

reaction thermodynamic equilibrium constant
Boltzmann constant

Lithium bromide chloride graphite composite
Lithium-ion battery

lowest unoccupied molecular orbital

mol L*

molality (mol kg™)

mass

molecular dynamics

membrane electrode assembly
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MPI
NMR
OER
OHP
OLEMS
OTf
Pc
PC
pmf
PP
ppm
pzc
pzfc

RDE
RHE
SAXS
SEI
SHE
SXRD

TBA
TEY
TFSI
TST
UHV
w%
WIiBSE
WISE
XAS
XRD
AG*

molecular polarity index
nuclear magnetic spectroscopy
oxygen evolution reaction
Outer-Helmholtz plane
on-line electrochemical mass spectrometry
triflate

polycrystalline

propylene carbonate

potential of mean force
polypyrrole polymer

part per million

potential of zero charge
potential of zero free charge
isoperimetric quotient
universal gas constant
rotating disk electrode
reversible hydrogen electrode
small-angle X-ray scattering
solid electrolyte interphase
standard hydrogen electrode
synchrotron X-ray diffraction

Temperature
tetrabutylammonium

total electron yield
bis(trifluoromethanesulfonyl)amide
transition-state theory
ultra-high vacuum

weight percentage
water-in-bisalt electrolyte
water-in-salt electrolyte

X-ray absorption spectroscopy
X-ray diffraction

activation free energy

nuclear tunneling factor
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Supplementary Figure II-1. Cyclic voltammograms recorded at 50 mV s on a platinum electrode in dry acetonitrile

electrolytes containing 100 mM of LiClO4 (purple) or TBACIO4 (orange). The cathodic current at ~ 0.3 V vs. SHE can be
attributed to platinum surface electrochemistry (for instance, Pt-OH desorption).
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Supplementary Figure 1I-2. Cation-Nacn radial distribution functions (RDFs calculated from the MD simulations of
Li/NaClO4 in H2O/ACN).
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Supplementary Figure 1I-3. Cage correlation function used to determine the residence lifetime of H20 in cations first
solvation shell for the LiClO4 (purple), NaClO4 (green), TBACIO4 (orange) simulations. The characteristic time of the

exponential decay was measured at 37% of the cage function value for t=0 ps.
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Supplementary Figure 11-4. 'H chemical shift for H20 (squares) and acetonitrile CH3CN (ACN, circles) molecules for
different water contents in acetonitrile with 100 mM LiClO4. The almost steady chemical shift of the —CHs group of
acetonitrile as a function of the water concentration confirms that the trend measured for the *H chemical shifts of
protons from H20 is not related to a change in the electrolytes magnetic susceptibility. The lines are guide for the

eyes.
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Supplementary Figure II-5. Linear sweep voltammograms recorded in acetonitrile in presence of 100 mM LiTFSI with
different water contents (1, 2.5, 5, 7.5 and 10% from light to dark blue) using a rotating disk (1 600 rpm) Pt electrode
with a 50 mV s sweeping rate. No modification of the onset potential at which water is reduced was observed,
independently of the water content, confirming that the trend previously measured for LiClO4 is independent on the
nature of the anion.
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Supplementary Figure 1I-6. TBA-O(H20) radial distribution functions, g(r)’s, computed from the MD simulations for
electrolytes containing 100 mM TBACIO4 at different water contents (1% in light blue, 5% in blue and 10% in dark
blue) in acetonitrile. The broadness of the first peak in the g(r) reflects the hydrophobic character of TBA* cations.
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Supplementary Figure 1I-7. Coordination number between Li* cations and nitrogen atoms from acetonitrile
molecules (top) and oxygen atoms from ClO4 anions (bottom) in the presence of electrolytes containing 100 mM
LiClO4 at different water content (1% in light blue, 5% in blue and 10% in dark blue) in acetonitrile. The decrease of
the first plateau intensity with the water content shows that water molecules replace acetonitrile and perchlorate
anions in the Li* cation first solvation shell when the concentration of water is increased in the electrolytes.
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Supplementary Figure 11-8. Evolution of the “Li chemical shift in the presence of 100 mM LiClOa in acetonitrile as a
function of the water content. The chemical shifts measured at high water contents (> 7.5%) slightly above 0 ppm
are close to values measured in aqueous electrolytes (0 ppm is defined by the ’Li resonance frequency in a 1 M LiCl
aqueous solution). The negative values measured at lower water-content may result from a shielding from the ACN
or ClO4 anions.’8 The line is a guide for the eye.

139



Supplementary data and methods

a -18 1 b
-18 ! : ! . : ! . ! !
a2 | = ﬁxperlmental . . % experimental
N t 5 temperatures 182 ¥
N — — —fits 4 temperatures -\ t 5 temperatures
RECE AN P! = — — —fits 4 temperatures
-184 \
— 1 — S
= 8 = N "R
- T 1ee ~. -
w o RS \Ng
~_ -188 ~
S £ n1es TRy
k= = ~3%
= 1 = xR
=) [a N
£ 192 1 c
—_— -_— 152 b
-19.4 1
-194 ]
"
-19.6 e
D ~ <5 -196 1
os CH.CN ~o | D
“| H,01%,LiClO, 1M S e [ O . 1
0 2, St \ . L H,0 1%, LiCIO, TM
375 38 385 39 395 4 405 41 415 42 425 -20
a 104 375 38 385 39 395 4 405 41 415 42 425
1/RT (mol J7) 1/RT (mol J) w107
c =185 n|
» % experimental
T fit’5 temperatures
~
R — — —fits 4 temperatures -
R
SEN
= - f‘i\
= gs S
n S
i
~ et
E SEe
= o7 TR
a S SaT
= NN
c ~ s~
= N o~
205 ~
S \ﬁk ~F
~ N
~
21t RN
L, fast N
H,0 1%, L|C|O4'IM ™
215 .
373 38 385 39 395 4 4.05 4. 4.15 42 4.25
- 4
1/RT (mol J7) x10
d -18.8 T T T T T T T T T e -19 T T T T T T T T T
® .
k4 % experimental T % experimental
19 X fit 5 temperatures \\\ fit 5 temperatures
N ﬁ\ fits 4 temperatures S — — —fits 4 temperatures
. S N — 3
= 02 NS 1 = RN
W ~ \\“& w1 -185 -3 B
~ iR P \X
g -19.4 \\\313 é \\\x
= S = \\\
a SN a) AN
196 T 1 c R
£ AN = ~3:y
i\ 20 NN
SR | s
-10.8 N §\\ \*\\
N <Y,
~
. Beyen o g D T~ 5
H 0 10%, LiCIO, 1M ~ Ho . ~ s
2 ! * AN H,010%, LiClO, 1M AN
-20.2 205 =
375 38 385 39 385 4 405 41 415 42 425 375 38 385 38 395 4 405 41 415 42 425
R 4 - 4
1/RT (mol J7) x10 1/RT (mol J7) x10
f -19.2 T T T T T T T T T g -20
f. % experimental % experimental
94 oL fit 5 temperatures - fit
N — — —fits 4 temperatures
-19.6 A NN 1 205
- Swno.
= .98 Sl \\\_\\ R | =
“ S PN n
~ SRS 4 ~ L
20 x N =21
£ SRR E
= . S 1 =
8 ™ A a
= = =
= 204 ‘\\:\\ c .15
= SE -
RN
206 N
e N
208 \\Q’Q\_#_ 4 ot
D ~ SN
2 Li, fast L
H,010%, LiClO, 1M S ]
212 \ A . . . \ ' , . | 25 L \ .
375 38 385 39 395 4 405 41 415 42 425 376 378 38 382 384 386 388
- ) - 4
1/RT (mol J) x10 1/RT (mol J7) 10

Supplementary Figure 11-9. Arrhenius fits for the self-diffusion coefficients in the 10% H>0 100 mM LiClOa4 electrolyte
for a) CH3CN, b) H20, c) Li* and in the 10% H20 1 M LiClO4 electrolyte for d) CHsCN, e) H20, f) Li* (fast) and g) Li* (slow).

The data were processed and integrated in the Bruker Topspin software. The water and

acetonitrile 'H peaks are well resolved and were fitted independently. The self-diffusion
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coefficients were obtained in Matlab (The Mathworks, Inc.), using a weighted least-square-fit
(polyfitweighted, 2006, S.S. Rogers) to the equation In(A) = a — BD, with A the area of the signal,

D the self-diffusion coefficient and B = (A — =) (2myG6)~, A the effective diffusion time, & the
he self-diffusi ffici d ( ‘;) 5)? he effective diffusi i § th

effective gradient duration, y the gyromagnetic ratio and G the PFG strength. For the (ACN 10%
of H20, 1 M LiCIO4) sample at 310 K and 318 K, the ’Li data required 2 components and a non-
linear fit to A =x; exp(—B;D,) +«, exp(—B,D,) was performed using the nlinfit Matlab
function. The uncertainties are given as +2 standard deviations in the figures. The activation

energies were then obtained using a least-square fit (Arrhenius law) in Matlab.
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Supplementary Figure 11-10. Molecular density profiles along the simulation cells for the constant applied potential
(1V and 2V) simulations of system 1 (1% H20 + 100 mM LiClOa4). The negative electrode is located on the left. Two
trajectories of 1 ns each are shown in each case to highlight the fluctuations. For the acetonitrile, the profile is flat,
which highlights a homogeneous distribution. On the contrary the water and the ions form heterogeneities that move
with time across the cell, which leads to large local density peaks. The variations between the 1.0 V and the 2.0 V
cases are not significant since similar profiles are obtained.
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Methods

General procedures

All the experiments were carried out in an Ar-filled glovebox (MBraun, Oz < 0.5 ppm H20
< 0.5 ppm). All the salts were dried under vacuum for 24h in a Biichi oven at 80°C and directly
transferred to the glovebox. The electrolytes were prepared by adding a precise weight of Ar-
flushed Milli-Q H20 to acetonitrile (Acros organics; 99.9%, AcroSeal®, over molecular sieves) so
that the final electrolyte contains the right weight percentage of H20. To these as-prepared solution,
a precise mass of salt (anhydrous LiClO4, Alfa Aesar, 99%, LiTFSI, Solvay, NaClO4, Alfa Aesar,
Battery Grade or TBACIOa, Sigma-Aldrich for electrochemical analysis, >99.0%) was added to
obtain the desired cation/water ratio. The electrochemical cells were rinsed in aqua-regia, boiled in
Milli-Q water before to be rinsed 5 times with fresh Milli-Q and finally dried 1h at 80°C prior to
be used. The density of the electrolyte was measured by weighing 2.0 = 0.025 mL (volumetric
flask) of each electrolyte. Their conductivity was measured with a SevenCompact 230 (Mettler
Toledo) conductivity-meter. All their physical properties (density, concentration) are given in the
Methods Table 11-1, Methods Table 11-2 and Methods Table 11-3.

Electrochemical measurements

Data were acquired on a Biologic VMP3 potentiostat. Prior to any measurement, platinum
and gold polycrystalline electrodes (5 mm diameter, Pine research) were polished using three
polishing slurries (6 pm diamond on nylon polishing disk, followed by 0.3 pm and 0.04 pm
aluminum oxide on microcloth polishing disk) using a polishing machine (Le Cube, Presi).
Residual traces of slurries were removed by sonicating the as-polished electrode in a 50:50
H20:EtOH solution two times for 2 minutes. To ensure the cleanliness of the platinum electrodes
surface, the electrodes were held at + 2.0 V vs. SHE in a 0.5 M H2SO4 solution purged with Ar for
2 minutes followed by 10 cycles of cyclic voltammetry (from 1.350 V to 0.0 V vs. SHE) in a fresh
H2SO4 solution. Then, freshly cleaned electrodes were rinsed with ultrapure water, air-dried and
pumped in the glovebox antechamber. Inside the glovebox, the electrodes were immediately
covered by a drop of acetonitrile before being mounted onto a rotating disk setup (Pine research).
All electrochemical measurements were recorded using a three electrodes cell setup with an
AgNOz3/Ag organic reference electrode (regularly calibrated against ferrocene). As for a note, this

procedure does not totally guaranty the absence of potentials shifts related to changes in the
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junction potentials. Nevertheless, in ACN-H.O electrolytes with water concentrations similar to
those studied in this chapter, such artefacts were previously estimated to be ~ 30-50mV, %! and are
thus “negligible” when compared to the shifts in reduction potentials discussed in this chapter
(> 200 mV). Furthermore, the absence of shift of reduction potential observed for water molecules
at different water concentrations in LiClOs-H2O-ACN electrolytes also suggests that junction
potentials are not the cause of the shifts in reduction. During the measurements, the working
electrode was rotated at 1 600 rpm or left static. A flame-annealed platinum wire was used as a
counter electrode and placed in a separate compartment. A sweep rate of 50 mV.s* was used during
all the electrochemical experiments. The ohmic drop was measured using current-interrupt
technique after every electrochemical measurement. Typical values of around ~50 to ~100 Q were
obtained. The ohmic drop compensation was performed during the data treatment (85% of
correction, as suggested by the potentiostat manufacturer).

Liquid Nuclear-magnetic resonance characterization

Liquid-state NMR spectra were recorded on a Bruker 7.046 T Avance Ill HD NMR
spectrometer mounted with a 5 mm HX(F) probe head. For electrolyte analysis, NMR tubes
equipped with a D20 (99% D, Sigma-Aldrich) filled coaxial insert were used in order to lock the
magnetic field and HOD signal was used as an internal reference (4.7 ppm). Single pulses
sequences were used to record the *H and ’Li spectra. Values of 0.01 ppm (~ 3 Hz) for the H peaks
and 0.02 ppm (~ 2 Hz) for 'Li * peaks were measured for the full width at medium height, which

gives a good approximation of the measurements uncertainty.

Small-angle X-Ray Scattering

Small-angle X-ray scattering data were collected at the SWING beamline (SOLEIL
synchrotron, Saint-Aubin, France). The beamline was operated at 16 keV and an Eiger 4M Detector
(Dectris) was used. Electrolyte samples were filled into 1 mm capillaries inside the glovebox,
sealed with epoxy and the measurements were performed at room temperature. The sample-to-
detector distances were set to 6.2 m and 0.5 m, which allowed to cover scattering vectors in the
range from q = 0.0016 A to 0.28 A™. The data analysis (including integration, normalization and

background subtraction) was carried out using the FOXTROT software.
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IH and ’Li self-diffusion coefficient measurements by NMR

The self-diffusion coefficients were measured using 10 mm tubes in a Bruker Advance IlI
HD 4.7 T operating at 200 MHz for *H and 77.7 MHz for ’Li, using a Bruker 10 mm liquid-state
probe equipped with a *H or “Li 10 mm saddle coil. The pulsed magnetic field gradients (PFG)
were performed with a Bruker diff30 pulsed magnetic field gradient (up to 30 G.cm™.A) coil and
a Bruker GREAT®60 gradient amplifier. A stimulated echo?*® was used with diffusion times of 7 to
10 ms and encoding/decoding square PFG pulses (1 to 2 ms). The PFG amplitudes were varied in
32 steps from 0 to 600 G/cm (’Li) and from 0 to 300 G/cm (*H). A saturation, 2 dummy scans and
a repetition time of 4 s for ’Li and 5 s for *H were used to ensure steady state. At least 32 transients

were added for each measurement.

The Bruker Control Unit (BCU20) was used to set 5 temperatures for the water in the PFG
coil (281 K to 321 K in steps of 10 K), and the temperature was calibrated using a 10 mm tube
filled with glycerol in the same conditions. The sample was left to equilibrate for at least 30 minutes

in the spectrometer before the measurements.

Molecular dynamic simulations for bulk electrolytes

Classical MD simulations of the bulk systems were performed using the GROMACS
software package.?*’” Acetonitrile solvent was described with a six-site model.2*® SPC/E model was
chosen for water molecules.?*® Force field parameters for perchlorate anions and TBA cations were
taken from Ref. ?°° and Ref. 2%, respectively. The Lennard-Jones parameters for Li* and Na* were
taken from Aqvist.252 Mixed Lennard-Jones parameters for all of the different atom types were
obtained from the Lorentz-Berthelot combination rules. The simulations were performed in the
NVT ensemble at 300 K for 100 ns, with the Nosé-Hoover thermostat?>32>4 (the relaxation constant
used is 0.5 ps), using a timestep of 1 fs and saving a configuration every 100 fs. The initial
configuration was achieved by generating a low density cubic box by means of the PACKMOL
package,?> that was then compressed in the NPT ensemble in order to reproduce the electrolyte
density at temperature and pressure conditions of 300 K and 1 atm, respectively. All the box
configurations are given in Methods Table 11-1, Methods Table 11-2 and Methods Table 11-3.
The systems were then equilibrated in the NVT ensemble at 700 K for 0.5 ns, followed by a final

NVT equilibration at 300 K for 2 ns. The production simulations were finally carried out in the
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NVT ensemble at 300 K for 100 ns. Long-range electrostatic interactions were computed with the
particle mesh Ewald method,2¢ while a cut-off distance of 9 A was adopted for the non-bonded
interactions. The LINCS algorithm was employed to constrain the stretching interactions involving
hydrogen atoms.?>” The coordination numbers were obtained by the integration of the radial
distribution functions (RDF), calculated every 100 fs using the GROMACS utilities.?4” The
structure factors were calculated with an in-house code using the partial RDFs. The domain

analysis was performed using TRAVIS,3928 while VMD software was used to obtain the

snapshots.?>°

Water content (weight%) 1% 2.5% 5% 7.5% 10%
Density (g.cm™) 0.773 0.773 0.775 0.789 0.784
[H20] (mol.L}) 0.420 1.03 2.02 3.01 3.96
[LiCIO4] (mol.L'Y) 0.096 0.095 0.092 0.092 0.091
Box Length (A) 44.08 44.70 45.02
Number ACN 965 966 966
Number H20 22 110 220
Number LiClO4 5 5 5

Methods Table II-1. Physical properties for the electrolytes containing 100 mM LiClO4 and different water contents,
as well as details for the simulation box. Similar boxes were used for NaClOs simulations, changing only the force-
field for the cation.

Water content (weight%) 1% 2.5% 5% 7.5% 10%
Density (g.cm™) 0.769 0.775 0.781 0.783 0.792
[H20] (mol.L'}) 0.422 1.05 2.06 3.03 3.99
[TBACIO4] (mol.L'Y) 0.097 0.096 0.094 0.092 0.091
Box Length (A) 44.94 44.59 45.07
Number ACN 965 966 966
Number H20 22 110 220
Number TBACIO4 5 5 5

Methods Table II-2. Physical properties for the electrolytes containing 100 mM TBACIOs and different water
contents, as well as details for the simulation box.

Li/H,0 molar ratio 0.02 0.11 0.22 0.45
Density (g.cm?) 0.784 0.819 0.853 0.914
[H20] (mol.L}) 3.96 3.89 3.83 3.70
[LiCIO4] (mol.L?) 0.091 0.445 0.878 1.69
Box Length (&) 45.02 45.45 45.68
Number ACN 966 966 966
Number H.0 220 220 220
Number LiClO4 5 25 50

Methods Table II-3. Physical properties for the electrolytes containing 10% in mass of H0 at different Li/H.0 molar
ratio and simulation box details.
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The X-Ray weighed structure factors were determined using:

Y X, ciciwi (kyw) (k)[Si; (k) — 1]
1% cowy ()

where ¢ is the scattering vector magnitude, c; the atomic fraction of the atom i and w;is the atomic

S(g)=1+ (Methods 11-1)

form factor obtained from ref. %, and S;; the partial structure factor that is obtained by a Fourier

transform of the partial distribution function:
dmtp (* _
Sij(@) =1+ Tf r[gyj(r) — 1] sin(qr) dr (Methods 11-2)
0

where p is the atomic number density of the electrolyte (number of atoms in the box divided by the

box volume) and g;;(r) the partial distribution function.

Molecular dynamic simulations at constant applied voltage

Classical MD simulations of the electrolytes containing LiClOs between two planar
graphite electrodes were performed at a fixed potential differences of 1 and 2 V using the
Metalwalls code?®!, following the approach detailed in Refs.262263 |n short, the electrode atoms
charges fluctuate in order to ensure that the fixed potential condition is matched at each timestep
of the simulation. 2D periodic boundary conditions were used in the xy directions. The force field
parameters were kept the same as in the bulk simulations, with the addition of the Lennard-Jones
parameters for the electrode carbon atoms taken from Ref.254 The simulations were performed in
the NVT ensemble at 300 K, with the Nosé-Hoover thermostat?>*2># (the relaxation constant used
is 1 ps), using a timestep of 1 fs. Long-range electrostatic interactions were computed with the
Ewald summation method in 2D with a combination of point charges for the electrolyte and
Gaussian charges for the electrodes, 262265 while a cut-off distance of 12 A was adopted for the non-
bonded interactions. The SHAKE algorithm was employed to constrain the stretching interactions
involving hydrogen atoms.266:267 Further details about the box sizes are provided in Methods Table
11-4. The electrolyte is put in between two planar graphite electrodes, each of them consisting in

three layers of graphene (1440 carbon atoms per electrode).
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The systems were first pre-equilibrated by fixing the electrode charges to zero (about 400
ps) and then under constant applied potential of 1 or 2 V. Regarding the simulation at 1 V, the
equilibration time was 2.5 ns, 1.5 ns and 3 ns for the three systems, respectively. Once the steady
state was reached, the systems were simulated for at least 3 ns. For the 2 V simulations, only the
first two systems were simulated, with an equilibration time of 1.5 ns and 600 ps, respectively. The
following production time was at least of 1 ns. In both cases, the simulations were stopped since
no structural differences were observed with respect to the 1 V case. Similar density profiles
showing water heterogeneities for the different species are observed at the different voltages, as
illustrated in the Supplementary Figure 11-10 for the system containing 1% of H,O and 100 mM
LiCIlOa.

Number LiClO4 Number Number Box Volume (A3) Density (g.cm”
ACN H20 3)
20 3860 88 34.10 x 36.89 x 290.69 0.786
20 3864 880 34.10 x 36.89 x 312.13 0.794
100 1932 440 34.10 x 36.89 x 173.15 0.853

Methods Table II-4. Simulation box details for LiClO4-based electrolytes between two planar graphite electrodes.

The simulation box for the 5% H2O electrolyte contains 966 acetonitrile molecules, 110

water molecules and 25 LiCIO4 ion pairs with a box length of 44.32 A (Figure 11-20).

Chapter Il -
Methods

Materials

All the glassware was rinsed at least 3 times with Milli-Q water prior to use. All chemicals,
including lithium bis(trifluoromethanesulfonyl)amide (Solvay), potassium
bis(trifluoromethanesulfonyl)amide (99.5%, Solvionic), lithium nitrate (anhydrous, 99%, Alfa
Aesar), lithium chloride (anhydrous, 98+%, Alfa Aesar), o-Cresolphtahalein complexone (Alfa
Aesar) LiBr (anhydrous 99+, Alfa Aesar), Lil (anhydrous, 99+ Alfa Aesar), LIBETI (TCI
Chemicals) NaCl (99.0% min, Sigma-Aldrich), NaBr (99+, water < 1%, Alfa Aesar), Nal (99.5%
min, Alfa), KCI (99%, Alfa Aesar), KBr (FT-IR grade, > 99%, Sigma-Aldrich) and KI (Alfa Aesar)
were used without further purification. However, solutions prepared with LiFSI (TCI Chemicals)
were showing some turbidity and were then centrifuged before being used in order to remove the

insoluble impurities. Ultrapure water (Mili-Q) was used to prepare all the solutions.
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Electrochemical measurements

Voltammetry experiments

Electrolytes were prepared by precisely weighting a mass of salt and adding the
corresponding amount of ultrapure water to obtain the desired molality. Solutions were sonicated
for 30 min to ensure a proper dissolution and cooled down to ambient temperature before
performing any measurement. Data were acquired using either a Biologic VSP or a Biologic VMP3
potentiostat. Ohmic drop was measured using current interrupt technique after the electrochemical
measurements. Prior to any measurement, mirror polished glassy carbon electrodes and platinum
electrodes (Pine research) were prepared using ultrafine alumina slurries (0.05 pum on microcloth
polishing disk for the GC, and three steps for the Pt starting from 5 pum on nylon polishing disk,
followed by 0.3 um and 0.05 pum on microcloth polishing disk). Residual traces of slurries were
removed by sonicating the as polished electrodes in a 50:50 H>O:EtOH solution two times for
15 minutes. To ensure the cleanliness of platinum electrodes surface, platinum electrodes were
hold at + 2.0 V vs. SHE in a 0.5 M H2SO4 solution for 2 minutes followed by 10 cycles of cyclic
voltammetry (from 1.350 V to 0.0 V vs. SHE) in the same H2SO4 solution. Then, freshly cleaned

electrodes were rinsed by MQ-water and used within a short time (typically less than 15 minutes).

All electrochemical measurements were recorded using a three electrodes cell setup with a
calomel reference electrode (0.240 mV vs. SHE), except for the electrochemical quartz
microbalance for which a small Hg/HgSO4 reference electrode (0.685 V vs. SHE) was used. A
graphite rod was used as a counter electrode for all measurements. For static measurements,
electrodes were immersed in a small volume (typically 2 mL) of solution while larger volume
(typically 10 mL) of solutions were used for rotating disk electrode measurements to allow a proper
laminar flow of solution on the surface of the rotating electrode. In order to prevent O, and CO;
reduction, electrolytes were degassed by bubbling argon (Linde, purity 5.0) for at least 1 hour prior
to the first experiment. For static cyclic voltammetry experiments, the cell was closed using septa,

and argon flow was stopped during the measurement to avoid convection in the electrolyte.

Ohmic drop was measured using current-interrupt technique after every electrochemical
measurement. Typical values from 15 Q (for 1 molar electrolytes) to 150 Q (20 m LiTFSI) were

measured. The ohmic drop compensation was performed during the data treatment.
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On-line electrochemical mass spectrometry

Online gas-analysis was performed using a HIDEN H1 mass spectrometer system (HIDEN
Analytical, UK). A 5 necks cell described in Methods Figure I111-1 was used to perform the
electrochemistry. Briefly, the top neck was filled with a plastic cap to avoid dead volume, in which
a copper wire was inserted to make the electrical contact with the working electrode. Small necks
were used to place a calomel reference electrode, a counter electrode compartment, a gas outlet
and a gas inlet. The graphite rod counter electrode was isolated in a glass compartment to avoid O>
evolution in the electrolyte. The cell was connected to the mass spectrometer through a flexible
capillary inlet and two porous stainless steel membrane filters (~2 um pore diameter, Valco
Instruments Co. Inc.) preventing the capillary for water contamination. A small flow of argon was
bubbled through the solution during the measurement to minimize the delay of detection.
Electrolytes were degassed during 4 hours before performing the measurement (Ar, Oz, N2, H20O,
CO- and H> evolutions were monitored during that time). In order to get more precise values and
shorten the acquisition time, only the evolution of H2 was monitored during the experiment. Shorter
experiments (not shown here), confirmed that H> was the only gas evolved during the
electrochemical tests, as previously observed by Suo et al..}*® Typical delays were in the range of
1 to 2 minutes, as established by applying a constant negative current in a 1 M H2SO4 solution for
10 minutes and monitoring the H> evolution. The lowest current for which Hz evolution was

monitored was 1 mA.

To capillary — Arinlet

Glass fritt

Working Electrolyte

electrode

Reference

e

Eistrors Graphite rod
Counter

Working electrode

electrode compartment

Methods Figure llI-1. Cell used for the OLEMS measurements (two side views are presented).
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Electrochemical Quartz Crystal Microbalance

Electrochemical quartz crystal microbalance measurements were conducted using a
commercial SEIKO microbalance (SEIKO QCA 922) with AT-cut 9 MHz quartz covered with
carbon on both sides. The electro-active geometric surface area was S = 0.196 cm?. Simultaneous
measurements of the quartz frequency and motional resistance were performed in order to follow
both the change in weight of the electrode and the change in viscosity. Motional resistance

variations were limited to around 250 Q during the experiment.

Batteries testing

Dual-ion batteries

Dual-ion batteries using MoeSg as lithium insertion electrode and polypyrrole as chlorine
insertion electrode are prepared and assembled as follows. MoeSg is obtained by leaching Cu2MeSg
in a 6 M HCI aqueous solution under oxygen.?®® Cu,MosSs is prepared by a solid-state synthesis
method (elemental precursors are introduced in a stoichiometric amount in a glass tube, that is
sealed under vacuum and heated up at 1100°C for 72h). Self-standing electrodes are prepared by
mixing in acetone MoeSg powder with carbon super-P, PVDF and dibutylphtalate (DBP) in the
following weight ratios: 100/12.5/25/40. The as prepared slurry is spread in a petri-dish. Once the
acetone is evaporated, half-inch electrodes are punched from the film. DBP is removed from the
electrodes by washing them 3 times for 30 minutes in diethylether. Electrodes are dried under
vacuum overnight at room temperature. Polypyrrole (PP) electrodes are obtained by
electropolymerizing pyrrole (Alfa, 98+%) in 1.2 M HCI on a carbon paper, as described
elsewhere.?®® Before use, PP electrodes are dechlorinated by holding them at -0.840 V vs SCE in a
1 m LiCl solution. Plastic Swagelok cells with a PTFE-disk spacer are assembled by placing the
MosSg electrode on the bottom plunger, adding first the 20 m LiTFSI and then the 18 m LiCl
solution. The polypyrrole electrode — soaking only in the LiCl electrolyte - is then placed on the

top of the PTFE-disk spacer and is directly in contact with the top plunger.

Intercalation-conversion batteries

The LBCG composite electrodes were prepared by hand-grinding equimolar quantities of
LiBr and LiCl with KS4 (Timcal Timrex) graphite powder with a salt/graphite weight ratio of 3:2.
The as obtained powder was then transferred in a zirconia planetary ball-mill (10 balls/gram of
powder) and milled for 1 h. After ball-milling, PTFE (5% in mass) was added to the powder in
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order to prepare self-standing electrodes, that were further dried at 80°C under vacuum overnight
before being pressed on a titanium gauze. The electrodes were then mounted in a 3 electrodes
Swagelok using titanium current collectors to limit the electrolyte decomposition. A AgCI/Ag
electrode was used as reference electrode while a self-standing YP50 (capacitive carbon) was used
as the counter electrode and Whatman glass fibers separators soaked with the degassed electrolyte

were employed to prevent internal short-circuit.

Electrodes characterization

Gas diffusion layer electrodes (Freundenberg H2315/H2) were used to perform the
characterization of the electrolyte degradation products as they exhibit a larger surface area than
planar glassy carbon electrodes. These electrodes were rinsed and sonicated in ethanol before being
used. To ensure the absence of O that can generate Li2O2 upon reduction in WiSEs,** argon was
bubbled during potentiostatic experiments. Finally, in order to remove residual LiTFSI salt before
performing post mortem characterization, GDL electrodes were washed by soaking them two times
for 30 minutes in dimethoxyethane (DME) and dried under vacuum for at least 30 min.

Solid-state Nuclear Magnetic Resonance (NMR) Spectroscopy

Solid-state NMR spectra were recorded on a Bruker 4.7 T Avance |1l spectrometer mounted
with a 1.3 mm double-resonance probe head. Cycled and rinsed gas diffusion layer was packed
into 1.3 mm rotors that were spun at a 50 kHz rate at the magic-angle during data acquisition. Rotor
synchronized Hanh-echo sequences were used for the different experiments (*H, “Li and °F).
Sufficient recycle delays were used to allow a proper quantification (200, 400, and 5 s for H, ’Li
and °F respectively). H, “Li and °F were externally referenced respectively to H>O in 1 M LiCl
(4.70 ppm), 1 M LiCl (0.00 ppm) and fluoroacetophenone at — 107 ppm. Resulting spectra were
fitted using DMFIT?7°,

X-ray Diffraction (XRD)
All the diffractograms were acquired on a Bruker D8 advanced diffractometer using a Cu

K. radiation source in a Bragg-Brentano geometry.
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Electrolytes Characterization

Fourier-Transform Infrared Spectroscopy

FTIR spectra are recorded on a Nicolet iS5 FTIR spectrometer, mounted with a diamond
Attenuated Total Reflectance accessory (iD1 ATR). One drop of solution was analyzed using
16 scans with a 4 cm™ resolution from 4 000 to 500 cm™. The background correction is performed
by measuring the ambient atmosphere under the same conditions as for the solutions measured in

this work.

Liquid-state Nuclear Magnetic Resonance

Liquid-state NMR spectra were recorded on a Bruker 7.046 T Avance Ill HD NMR
spectrometer mounted with a 5 mm HX(F) probe head. For electrolyte analysis, NMR tubes
equipped with a DO (99% D, Sigma-Aldrich) filled coaxial insert were used in order to lock the
magnetic field. Single pulses sequences were used to record H, ‘Li and °F spectra for the
electrolytes. 90° pulses were optimized for the 1 m LiTFSI solution. As the salinity of the samples
may affect the pulses length required for a 90° impulsion, the intensity of the measured signal is
not a relevant parameter, therefore intensities were normalized. For the NMR data shown Figure
111-6, a proton decoupled ‘°F experiment was used with 4 dummy scans, 128 scans, 2 seconds

acquisition and 1 second for recycle delay.

Liquid-state Nuclear Magnetic Resonance Imaging

Liquid-sate NMR spectra are recorded on a Bruker 4.7 T Avance HD spectrometer mounted
with a Diff-30 Z-gradient probe head. *H and ’Li mapping of the tubes are recorded using a 1D
Chemical Shift Imaging (CSI) sequence with 4 transients and 128 gradient increments. The
gradient pulse was 1 ms long, with a maximum gradient strength of 20.2 G/cm for ’Li and 7.9 G/cm
for 1H, corresponding to an overall field of view of 3 cm. The RF pulse strength was set to 6 kHz
for H and 15.6 kHz for ’Li, and the recycle delays were set to 1s in both cases. The concentration
profiles for *H, "Li and '°F are obtained using a direct acquisition under a small constant gradient.
The full echo signal is recorded with an echo sequence (“improf” in Bruker spectrometers), with a
90° pulse followed by a short gradient pulse during the first echo delay, and after a refocusing 180°
pulse, the gradient is switched on and the full echo FID is recorded. The parameters used are shown

in the table below for each nucleus:
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Nucleus Transients number Recovery delay RF strength Gradient strength
H 32 3s 6 kHz 12 G/cm
19F 128 1ls 7.4 kHz 12 G/ecm
Li 16 10s 15.6 kHz 12 G/cm

Methods Table IlI-1. NMR parameters used for the concentration profiles.

The excited zone corresponds to the liquid inside the NMR coil, which is roughly 2.5-3 cm
high. The longitudinal relaxation times (T1) of each species have been measured to ensure

quantitative measurements.

Phase H F “Li
LiTFSI.H20 667 ms 631 ms 366 ms
LiCl.H-O 510 ms 859 ms 1.943 s

Methods Table 11I-2. Longitudinal relaxation times (T1) measured for the different species in the 12m LiCl =5 m LiTFSI
system

It must be noted that a small amount of TFSI was detected in the LiCl phase in the 1D
spectrum, and its peak is weaker by a factor of around 760. A similar ratio (1/740) is observed in

the 1D concentration profile (detail not shown).

Viscosity measurements

Viscosity measurements are carried out on a Discovery HR-2 (TA instruments) rheometer
using a Peltier concentric cylinders geometry at 25°C (controlled temperature, +/- 0.2°C).
Kinematic viscosity is measured for shear rates between 1.0 s™and 30.0 s™. Retained values for the
viscosity resulted from the average of 5 measurements recorded with shear rates comprised
between 12.6 s and 30 s™. Error bars are calculated from the standard deviation of the 5

measurements with the average value.

Cion VS. CH20 Plot construction
The densities d of solution containing a precisely know amount of a salt (m,;;) and water

(mpy,o) were measured with an electronic densitometer (Anton Paar, DMA 35 Basic). The ¢y,

a

mH20

and cy,o Were then extracted following the equations: cgq =
salt[m +1
salt

] and CH20:

d _
and were further converted to the nm- scale.

Msalt
MHzO [mHZO +1
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Phase Diagram Construction

The phase diagrams were constructed using the cloud point titration method as described
in the main text and inspired from elswhere.?** Briefly, to a solution with a known amount of a salt
and water, a perfectly known mass of the other salt aqueous solution is added until a cloudy solution
is obtained after being vortexed. Then, water is added dropwise till the solution becomes clear
again. After weighing the water added, the first step is reproduced. Generally, the diagrams were
constructed in two times: first, the solution containing the inorganic salt is added to the one

containing the organic salt and after, the reverse operation is conducted.

Molecular simulations
Simulations of the LiCI/LiTFSI ABS

All-atom molecular dynamics simulations are carried out with the GROMACS 5.1
simulation package.?’* Initially, two independent simulation boxes for LiCl+water and
LiTFSI+water are prepared with the PACKMOL package?’? according to the concentrations of
interest. The sizes of the simulation box and numbers of species are summarized in Methods Table
I11-3 . The initial configurations in the simulation boxes are first relaxed by minimizing the
potential energy using steepest descent and then the two independent simulation boxes are merged
into a single simulation box. For the equilibration and production runs, the simulation boxes are
maintained at an isotropic pressure of 1 bar with the Parrinello-Rahman barostat?”® and the
temperature at 298 K with a velocity rescaling thermostat.?’* We monitor the density profiles for
ions and water molecules until the profiles are converged (see Methods Table 111-3 for the
duration of the equilibration and production runs). The density profiles reported in the figures
correspond only to the production runs. Periodic boundary conditions are applied in all three spatial
directions. Non-bonded interatomic interactions are described by a 6-12 Lennard-Jones potential
with a cut-off at 1.2 nm. The Particle-Mesh-Ewald (PME) method?”® with a Fourier spacing of
0.12 nm and a 1.2 nm real-space cut-off is used to calculate electrostatic interactions. The LINCS
algorithm?’® is employed for all bond constraints. The OPLS-AA force field®”’ is used for Li*, CI
and the CL & P force field?’® is employed for TFSI. The SPC/E model is used for the water

molecules.?™
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Number of ions/molecules
Equilibrium box Equilibration &

System lengths (nm) Production run (ns)

XXYXZ Li* cr TFSI” Water
1M+1 M 42x4.2x21.0 100 & 400 400 200 200 10746
4m+4m 4.2x4.2x30.2 500 & 230 1600 800 800 10746
6m+6m 42x4.2x35.9 500 & 180 2340 1170 1170 10746
12m+5m 9.1x9.0x26.2 200 & 160 11137 7937 3200 35988

Methods Table 11I-3. Simulation box sizes, duration of the production run and numbers of ions/molecules in MD
simulations for the LiCI/LiTFSI ABS.

Condensed phase ab initio molecular dynamics calculations

Initial configurations composed of one anion and 111 water molecules were generated
using a Monte Carlo procedure implemented in the packmol®®® program, with densities set to the
experimental value at the corresponding LiX (X=Br, I, NO3z’, ClOs) concentrations. All
subsequent calculations were performed using DFT within the Generalized Gradient
Approximation (GGA) in the form of the rev-PBE exchange-correlation functional .22 A correction
to dispersion interactions in the form of the D3 method?®! was applied. We adopted a representation
in the form of a dual basis of atom-centered Gaussian orbitals and plane waves (GPW), as
implemented in the QUICKSTEP package of the CP2K program.?®? A grid cutoff of 500 Ry with
an associated relative cutoff of 50 Ry were found enough to converge the total energy, using
molecule-optimized short-range double-zeta valence plus polarization basis sets, and GTH
pseudopotentials (DZVP-MOLOPT-SR-GTH). The Kohn-Sham equations were solved self-
consistently using the Orbital Transformation (OT) method, with a convergence criterion set to
10°. For each system, we performed a 72 ps — long Born-Oppenheimer molecular dynamics
simulation. We used the deuterium mass for hydrogen, in order to guarantee a satisfying energy
conservation using a time step of 0.5 fs. Systems were propagated in the canonical ensemble, using
a Nosé-Hoover chain of three thermostats with a time constant set to 50 fs. The first 12 ps were
discarded as equilibration, according to the time evolution of the total energy of the systems; the
subsequent 60 ps were used to calculate radial distribution functions associated to the anion
hydration. Voronoi tessellation was performed using the TRAVIS program?® on the sampled

dynamics.
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Gas phase quantum chemistry calculations

All gas phase calculations were performed using the all-electron ORCA program.?8284 we
have used the PBEO hybrid functional?®® with D3 correction, along with minimally-augmented
triple-zeta valence plus polarization basis sets (ma-def2-TZVP). All anion geometries were
optimized, with tight convergence criteria, which also applies to the SCF convergence (“TightSCF”
keyword). The converged wavefunctions were further post-processed using the Multiwfn
program?® to compute the molecular polarity indexs (MPI), defined as:

MPI =%ff|V(r)| ds,
S

where A is the area of the 0.001 e/ A2 isosurface of the electron density (S), and V(r) is the

electrostatic potential. The electrostatic potential maps were rendered using the VESTA

program.?’
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Chapter IV -
Supplementary Data
V|3 R3 RBragg= 3.78 % XZ= 18.5
a=6.9269(2) A €=19.9418(2) A Vol = 683.05(3) A°
Atom Wyckoff x/a y/b z/c B (Az ) Occupancy
Position e
I 18f 0.0013(3) 0.3343(4) 0.0796 (2) 2.06(2) 1
v 6¢ 0 0 0.3327(4) 2.24(12) 1

Supplementary Table IV-1. Crystallographic data and atomic positions of VI3 determined from Rietveld refinement
of its synchrotron X-ray pattern.

VBI‘3 R3 RBragg= 3.63% X2= 19.7
a=6.3962(2) A c=18.5027(2) A Vol = 655.551(7) AS
Atom Wyckoff x/a y/b z/c B (jz ) Occupancy
Position *°
Br 18f 0.0010(3) 0.3448(3) 0.0800(2) 2.258(16) 1
Vi 6c 0 0 0.3376(6) 1.000(2) 0.71(16)
V2 3a 0 0 0 1.000(2) 0.58(16)

Supplementary Table IV-2. Crystallographic data and atomic positions of VBr3 determined from Rietveld refinement
of its synchrotron X-ray pattern.

Li, VBr, R3 Ry g™ 1576 % =254
a=6.5177(2) A c=18.5664(7) A Vol = 683.05(3) A>
Atom Wyckoff x/a y/b z/c B, (A’ ) Occupancy
Position
Br 18f 0.0155(9) 0.3447(10) 0.0776(4) 1.04(4) 1
Vi 6¢ 0 0 0.337(6) 3.7(3) 0.74(16)
V2 3aq 0 0 0 3.7(3) 0.52(16)
Lil 3b 0 0 0.5 1* 1/3*
Li2 6c 0 0 0.16667* 1* 1/3*

Supplementary Table IV-3. Crystallographic data and atomic positions for LiosVBr3 determined from Rietveld
refinement of its synchrotron X-ray pattern. The “*” symbol indicates that these parameters have not been refined.
For the Vanadium atoms the Biso parameters have been constrained in the refinement to be the same.

157



Supplementary data and methods

|.i0.5V|3 R3 RBragg= 6.84 % XZ= 8.17
a=7.0351(2) A €=20.1469(3) A Vol = 863.525(16) A°
Atom Wyckoff x/a y/b z/c B (AZ ) Occupancy
Position =
I 18f 0.0008(9) 0.329(8) 0.07905(13) 1.665(19) 1
v 6¢c 0 0 0.3241(11) 3.1(3) 1
Lil 3b 0 0 0.5 1* 1/3*
Li2 6¢c 0 0 0.16667* 1* 1/3*

Supplementary Table IV-4 Crystallographic data and atomic positions of LigsVI; determined from Rietveld refinement of its
synchrotron X-ray pattern. The “*” symbol indicates that these parameters have not been refined.

Livcl, R3m Rorage= 407 % X'=24.7
a=3.6273(2) A c=17.9394(5) A Vol = 204.415(6) A®
Atom Wyckoff x/a y/b z/c B (jz ) Occupancy
Position =
cl 6¢c 0 0 0.2570(6) 0.94(3) 1
\Y; 3a 0 0 0 0.83(4) 2/3
Li 3b 0 0 0.5 3.3(3) 2/3

Supplementary Table IV-5. Crystallographic data and atomic positions for LiVClz determined from Rietveld
refinement of both its synchrotron X-ray and neutron patterns.

LiVBr, R3m Rypage= 3-17 % X’=283
a=3.8225(2) A €=19.0100(3) A Vol = 240.510(10) A®
Atom Wyckoff x/a y/b z/c B (jz ) Occupancy
Iso
Position

Br 6¢ 0 0 0.2545(4) 1.805(11) 1

\Y; 3a 0 0 0 1.89(5) 2/3

Li 3b 0 0 0.5 1.27(9) 2/3

Supplementary Table IV-6. Crystallographic data and atomic positions for LiVBr3 determined from Rietveld
refinement of both its synchrotron X-ray and neutron patterns.
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Livl,

a=17.1439(2) A
Atom
|
v
Li1

Li2

R3

€=20.6642(2) A

Wyckoff x/a
Position
18f 0.0022(2)
6¢ 0
3b 0
6c 0

R, =191%

Bragg_

y/b

0.3337(3)
0

0
0

X =83.2

z/c

0.0788(5)
0.3326(4)

0.5

0.1511(11)

Vol = 913.306(12) A®

B_(A) Occupancy

1.964(13) 1

2.61(11) 1
1.1(3) 2/3
1.1(3) 2/3

Supplementary Table IV-7. Crystallographic data and atomic positions oforLiVls

refinement of both its synchrotron X-ray and neutron patterns
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Supplementary Figure IV-1. Logarithm-scale representation of the scores obtained by the PCA analysis on the
operando XAS spectra at V K-edge during the lithiation of VCls. Only three scores (components) were considered
statistically relevant to describe the whole process.
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Supplementary Figure IV-2. Evolution of the first 8 scores obtained by the PCA analysis on the operando XAS spectra
at V K-edge during the lithiation of VCls. The first three components exhibit a clear evolution during the whole

process.
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Methods

Synthesis

VBr3 and VIs were grown in evacuated quartz sealed tubes by reacting elementary
vanadium (vanadium powder, -325 mesh 99.5% - Alfa Aesar), iodine (99+%, Alfa Aesar) and
purified bromine (Sigma-Aldrich) with a slight excess of halide. Because bromine is a liquid, the
tube was place in a liquid nitrogen bath to freeze bromine before being evacuated and quickly
flame-sealed. The tubes were placed in a tubular oven, the extremity containing the reactants being
heated at 400°C for VBrz and 450°C for VIs while the other extremity was placed at almost room
temperature, as reported elsewhere.?821% After a 72 h synthesis, large crystals were collected at the
cold extremity of the tube, placed in a Schlenk tube and further heated at 200°C for few hours
under vacuum (102 mbar) to eliminate the excess bromine or iodine traces. VVClz (97%, Sigma-
Aldrich) was used as received. Lithiated phases were obtained by adding the VX3 phases in a
3 times excess of n-butyllithium solution (2.5 M in hexane, Sigma Aldrich) and stirring the
suspension for at least 1 hour. The solution was further centrifuged and the collected powder was

washed 3 times with hexane before drying under vacuum in the glovebox antechamber.

The B—-LisPSs solid electrolyte was obtained in our laboratory via a THF-mediated route
proposed by Liu et al.?®8 and with a room temperature ionic conductivity of orr= 0.21 mS/cm. On
the other hand, commercial LisPSsCl electrolyte was used (NEI), having an ionic conductivity of

orT= 3.8 mS/cm.

Electrochemical measurements

Liquid electrolytes

All the electrochemical experiments were carried out in an Ar-filled glovebox. All the
materials tested were mixed with conductive carbon super-P in an active-material/carbon ratio of
7/3. For all the experiments using a liquid electrolyte (LP30 1M LiPF6 dissolved in 1:1 v/v
ethylene carbonate/dimethyl carbonate, Solvionic or LiFSI 5M in dimethyl carbonate, Solvionic)
the as prepared composite were tested in a coin-cell configuration versus a Li metal negative
electrode separated by one Whatman glass fiber separator, soaked with ~ 100 uL of electrolyte.

The mass of composite loaded in the coin cells was comprised between 3 and 5 mg. The cells were
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cycled on VMP or MPG potentiostats (BioLogic) at room temperature, except for the GITT for

which the cells were placed in a 25°C oven.

Solid-state batteries

Both anode and cathode composites were prepared by hand grinding the components in the
proportions mentioned below with mortar and pestle in an Ar-filled glovebox. The electrochemical
testing of the VX3 compounds (X = CI, Br, I) in all-solid state configuration was conducted in a
three-pieced homemade cell consisting in two stainless steel pistons which are inserted into a PEI
body. The cell is closed by means of six axial screws which also provide the pressure required for
correct operation. Additionally, a ferrule-cone pair is also integrated in each piston making the
setup airtight.

For the battery assembling 35 mg of LisPSsCl electrolyte were firstly loaded into the cell
and cold pressed at 200 kg/cm? for 1 minute. Next, 10 to 12 mg/cm? of catholyte
(VX3:B-LisPS4:VGCF, 65:30:5 wt.%) were evenly spread onto one side of the compressed solid
electrolyte and a pressure of 1000 kg/cm? was applied during 1 minute. Lastly, 35 mg of anode
composite (Liosln: LisPSsCl, 60:40 w%) were added onto the opposite side and the whole stack
densified at 4000 kg/cm? for 15 min. The fully assembled cell was then closed with a torque key
applying 2.3 Nm torque in each screw, which yields an internal pressure of ~1000 kg/cm?2.
Galvanostatic cycling were carried out at room temperature, at C/10 using a VMP3 potentiostat
(BioLogic).

Materials characterization

Diffraction experiments

Ex Situ synchrotron X-ray diffraction patterns were collected on the BL04-MSPD beamline
of the ALBA synchrotron (Barcelona area, Spain) at a wavelength A = 0.41378 A using the Position
Sensitive Detector MYTHEN. Powder samples were filled in 0.6 mm diameter borosilicate
capillaries inside an Ar-atmosphere glovebox and subsequently flame-sealed. Operando
measurements were carried out in transmission mode using dedicated coin cells?® assembled under
argon filled glovebox and mounted on an ALBA designed 4 samples changer. Constant wavelength
(L =1.622 A) neutron powder diffraction (NPD) data were collected for LiVX3 (X= Cl, Br, 1) at

room temperature using the ECHIDNA high angular resolution powder diffractometer installed at
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the OPAL research reactor (Lucas Heights, Australia).?®® To prevent reaction of the samples with
ambient atmosphere, the samples were loaded into 9 mm diameter cylindrical vanadium cans in
Ar-filled glove box and sealed with In seals. All diffraction patterns were refined using the FullProf

program.

Microscopy experiments

The scanning electron microscopy images were measured on a FEI Magellan scanning
electron microscope equipped with an Energy dispersive X-ray spectroscopy (EDX) Oxford
Instrument detector. EDX measurements were carried out using an acceleration voltage of 10 kV.
The Li metal anode samples were collected from cycled cells, washed with dimethyl carbonate and
sealed in an air tight container. The transfer from the container to the microscope vacuum chamber

was realized rapidly (~ 10 s) to minimize air exposure.

X-Ray Absorption Spectroscopy

Synchrotron X-ray absorption spectroscopy was performed at the vanadium K-edge at the
ROCK beamline of the SOLEIL synchrotron facility (Saint-Aubin, France).?®* The Si(111) quick-
XAS monochromator with an oscillation frequency of 2 Hz was employed to select the incident
photons energy. The spectra were collected in transmission using three gas ionization chambers in
series as detectors. A vanadium metal foil was placed between the second and the third ionization
chambers to ensure the energy calibration. An average of 900 scans per spectrum (corresponding
to 15 minutes of acquisition time for one merged XAS spectrum) was recorded to ensure the
reproducibility and to increase the signal-to-noise ratio. The VCl; and VVCl3 reference samples were
prepared by mixing uniformly the active material with carbon, then pressed into pellets of 10 mm
in diameter. For the operando measurements, a self-standing electrode was prepared by mixing
V/Cl3 active material with carbon black and polytetrafluoroethylene (PTFE) in the ratio of 20:70:10
(by wt.%). The electrode was placed in the in situ electrochemical cell?®? and cycled against
metallic Li using a Celgard membrane as separator and ~100 uL of 5 M LiFSI in DMC as
electrolyte. Then, the in situ cell was discharged from the OCV (3.025 V) to 2.5 V vs Li*/Li at a

C-rate of C/20 and a XAS spectrum was recorded every 15 minutes.
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Solubility measurements

To ensure that the concentrations of vanadium measured in the electrolytes match the
thermodynamic limit of solubility for VX3 materials, a large excess of powder (~100-500 mg,
depending on the material) was added in 1 mL of organic electrolyte and stirred for 3 days at room
temperature in a Ar-filled glovebox. The as prepared solutions were centrifuged (6 000 rpm,
1 hour), and the supernatant was collected and further filtered on 0.2 um pore size PTFE syringe
filter in an Ar-filled glovebox. Outside of the glovebox, the as prepared solutions were diluted 1
000 or 10 000 times in a 2wg HNOs3 (prepared from HNO3z 99.999% metal basis, Alfa Aesar, and
Mili-Q ultrapure water) to reach final vanadium concentrations below 1 ppm. The vanadium
concentration in the as prepared aqueous solutions were measured by ICP-MS (Nexion 2000 Perkin
Elmer) using a calibration curve obtained by diluting a vanadium standard solution for ICP-MS
(TraceCERT, 1 mg/L V in nitric acid, Sigma Aldrich).

UV-vis characterization
The organic solutions were placed in a 0.1 mm optical pathway cuvette (Helma) and their
UV-vis spectra was measured with a UV5 Bio Mettler Toledo spectrophotometer usinga 1 M LiFSI

in dimethyl carbonate blank solution.
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Résumé en Francais de la These

La demande mondiale en énergie a continuellement augmenté depuis le 19°™ siécle et le
début de I’¢re industrielle. La plus grande part de 1’énergie a ét¢ fournie par combustion de
carburants fossiles et a inéluctablement donné lieu a I’émission de gaz a effets de serre,
responsables du changement climatique. Afin de fournir une énergie plus responsable & une
population toujours grandissante, il devient crucial de réduire I’intensité carbone de nos sources
primaires d’énergies. C’est dans cette optique que le monde a connu un déploiement exponentiel
de solutions de productions d’énergies dites renouvelables, i.e. convertissant des phénomeénes
naturels en électricité. Un des enjeux majeurs associ¢ a la production d’¢électricité renouvelable est
de palier a I’intermittence des phénomenes physiques ainsi exploités (solaires, vents, marées, etc.)
afin de proposer une énergie «a la demande ». Ainsi, la transition vers un monde 100%
renouvelable ne peut s’envisager sans le déploiement massif de moyens de stockage de 1’énergie

électrique.

Dans le cadre de cette these, nous nous sommes intéresses au stockage électrochimique de
I’énergie, et en particulier a la compréhension fondamentale des réactions convertissant I’énergie
¢lectrique en énergie chimie au sein d’¢lectrolyseurs ou de batteries. Ces dispositifs partagent une
méme architecture : ils sont composés d’électrodes auxquelles les réactions électrochimiques ont
lieu, et d’un électrolyte composé de solvants et de sels afin d’assurer la neutralité électrique en tout
point de ces dispositifs. Le choix de matériaux adaptés afin de concevoir les électrodes est I’un des
facteurs les plus déterminants quant a la performance de ces dispositifs. Aprés des années de
recherche frénétique ayant débouché sur des matériaux d’€lectrodes trés performants (avec une
grande densité énergétique pour les batteries, et une grande activité catalytique pour les
électrolyseurs), il apparait que les performances de ces derniers peuvent étre limités par la nature
des interfaces formées avec 1’¢lectrolyte. En wvue d’obtenir des dispositifs du stockage
¢lectrochimique de I’énergie moins colteux, plus efficaces et plus résilients, il semble crucial de

mieux appréhender et maitriser la nature de ces interfaces electrodes/electrolytes.

Dans cette these, nous avons tenté d’affiner notre compréhension sur I’impact des structures
de solvatations des différentes especes de 1’électrolyte sur les performances de divers dispositifs

de stockage électrochimique de 1’énergie. C’est dans cette optique que nous avons étudié la
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structure de différents électrolytes en combinant des techniques de simulations moléculaires avec
des caractérisation physico-chimiques de ces liquides. Armés de cette compréhension de
I’environnement des différents constituants de ces électrolytes, nous avons étudié leurs propriétés
électrochimiques et avons abouti & des corrélations entre la structure de ces électrolytes, et leur

réactivité.

Dans un premier temps, nous avons jeté notre dévolu sur la production d’hydrogeéne par
¢lectrolyse de 1’eau. Nous rappelons quelles ont été les étapes clés dans la compréhension du réle
de la structure des matériaux d’électrodes sur les performances des électrolyseurs. En particulier,
nous discutons des limites de descripteurs physiques, comme I’énergie d’adsorption de I'hydrogene
sur ’¢électrode, permettant de prédire les cinétiques de la réduction électrochimique de I’eau. Bien
que ces descripteurs permettent de classer les différents matériaux d’électrodes selon leurs
performances ¢lectrochimiques, ils échouent a expliquer pourquoi la réaction de réduction de 1’eau
est impactée lorsque 1’électrolyte est modifié. En particulier, un examen détaillé de la littérature
démontre que I’atténuation des performances du platine pour la réduction de I’eau en milieu alcalin
comparée a celle effectuée dans un électrolyte acide ne peut étre simplement rationnalisée par ces
descripteurs qui ne considérent que I’¢électrode. Nous discutons ensuite des récents développements
de méthodes expérimentales et computationnelles qui ont permis de démontrer que
I’environnement des molécules d’eau au sein de la double couche électrochimique est a-méme de

modifier drastiquement la cinétique de production d’hydrogeéne par €lectrolyse de I’eau.

Afin d’améliorer la compréhension du role de la molécule d’eau dans la réaction de
réduction de I’eau, nous avons développé une méthodologie, dite de confinement, afin de contrdler
de maniere fine la structure de ’eau au sein d’¢€lectrolytes et d’en étudier sa réactivité sur des
électrodes modeles (platine, or). Pour ce faire, nous avons sélectionné un solvant organique
(I’acétonitrile) stable a des potentiels assez négatifs pour réduire les molécules d’eau. Au sein de
ce solvant, nous avons ajouté des molécules d’eau en présence de différents sels supports (LiClOa,
NaClO4 et TBACIO4). Nous avons remarqué que les molécules d’eau étaient plus faciles a réduire
en présence des cations les plus acides au sens de Lewis. A ’aide de simulations de dynamique
moléculaire classique et de spectroscopie de résonance magnétique nucléaire nous avons pu
conclure que la réactivité des molécules d’eau présentes dans la sphere de solvatation d’un cation

« acide » était exacerbée du fait d’un affaiblissement de la liaison O-H. En augmentant la
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concentration en molécule d’eau dans ces électrolytes, nous avons observé que les molécules d’eau
interagissaient les unes avec les autres par liaisons hydrogeéne. En présence d’un sel avec un cation
hydrophobe, la réduction de I’cau est observée a des potentiels moins négatifs, ce qui confirme que
I’affaiblissement des liaisons O-H des molécules d’eau (ici par liaison hydrogéne avec d’autres
molécules d’cau) facilite leur réduction. En revanche, en présence d’un cation « acide », la
réduction de 1’eau n’est pas impactée par sa concentration. En comparant 1’énergie d’interaction
entre une molécule d’eau et un tel cation avec celle par liaison hydrogeéne entre deux cations, nous
avons trouvé que I’affaiblissement de la liaison O-H de la molécule d’eau était bien plus prononcé
en présence d’un cation acide du fait de la trés forte interaction non-covalente entre la molécule
d’eau et ce cation. En revanche, en additionnant des quantités de sel support LiClO4 plus
importantes dans les électrolytes, nous avons observe que la réduction de 1’eau était poussée a des
potentiels plus élevés. Une analyse effectuée par dynamique moléculaire et diffusion de rayons X
aux petits angles (SAXS) de la structure a I’échelle nanoscopique des électrolytes a montré qu’en
présence d’une grande quantité de sel support, des nano-hétérogénéités étaient formées dans
I’¢lectrolyte. Des simulations de dynamique moléculaire nous ont permis d’affirmer que ces
structures particuliéres étaient aussi présentes a I’interface électrode-électrolyte et facilitaient le
transfert d’especes chargées produites lors de la réduction de I’eau depuis I’interface de 1’¢lectrode
vers le reste de 1’¢électrolyte, facilitant donc la réaction électrochimique. Ces différentes études
confirment que la réduction de la molécule d’eau est particulierement sensible a la structure de la

double couche et au transport des especes chargées en son sein.

Nous avons ensuite étudié la réactivité des molécules d’eau au sein d’électrolytes aqueux
employés dans les batteries Li-ion. Dans ce cas, il est intéressant repousser la réduction de 1’eau a
des potentiels plus négatifs afin d’accroitre la plage de fonctionnement en potentiel des batteries.
Il a récemment été proposé d’utiliser des électrolytes aqueux superconcentrés, dits water-in-salt,
lesquels sont fabriqués par I’ajout d’une trés grande quantité d’un sel de lithium organique (LiTFSI)
dans un faible volume d’eau. En mesurant la stabilité de ces électrolytes en réduction sur des
¢lectrodes modeles, nous avons montré que la réduction de 1’eau n’est initialement pas perturbée
par I’ajout de ces grandes quantités de sels. En revanche, nous avons dévoilé que les anions OH"
générés lors de la réduction de I’eau pouvaient réagir avec les anions organiques, et donner lieu a

la précipitation d’une couche passivante riche en fluor sur I’¢lectrode qui permet in fine d’utiliser
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ces électrolytes a des potentiels plus négatifs qu’un électrolyte dilué. Ayant en téte de réduire la
quantité d’anion organique utilisés afin de minimiser les coits et dangers de production de ces
¢lectrolytes organiques, nous avons tenté d’en substituer une partie par des sels de lithium
inorganiques bien plus accessibles comme les halogénures de lithium. Ce faisant, nous avons
observé que des solutions aqueuses trés concentrées en halogénures de lithium ne se mélangeaient
pas avec des solutions trés concentrées en sels organiques de lithium (e.g. LiTFSI) et qu’un systéme
aqueux biphasique se formait. En analysant les propriétés physico-chimiques de ces diverses
solutions de maniere expérimentale et computationnelle, nous avons pu dégager des criteres
permettant de prédire la formation de systemes aqueux biphasiques en présence de deux sels de
lithium. Tout d’abord, nous avons démontré qu’une différence de taille notable entre les deux
anions était requise. Cependant, en comparant des anions avec un diametre ionique similaire par
des mesures de densité, nous avons montré que le critére de taille n’est pas suffisant. Des
modélisations ab initio de ces anions en solution nous ont permis de conclure que la géométrie des
deux ions doit étre aussi différente pour donner lieu a la naissance d’un systéme aqueux biphasique.
Finalement, nous avons tenté d’utiliser ces systémes aqueux biphasiques afin de créer une preuve
de concept d’une batterie avec un anolyte et un catholyte ne nécessitant pas de membrane pour

empécher le mélange des deux électrolytes mais reposant sur leur non-miscibilité intrinséque.

Enfin, dans le dernier chapitre nous nous sommes intéresses a des électrolytes organiques.
Comme mentionné dans I’introduction de ce résumé, un des défis pour la création de nouveaux
matériaux de batteries est la compatibilité de ceux-ci avec 1’électrolyte. Nous avons donc étudié
une famille de matériaux VXs (X = Cl, Br, I) présentant une structure lamellaire similaire a celles
des matériaux habituellement utilisés en tant que cathodes pour les batteries Li-ion, mais n’ayant
jamais €té employée pour effectuer de I’intercalation ¢€lectrochimique car trop soluble dans les
électrolytes polaires type carbonates habituellement utilisés dans les batteries Li-ion. Aprés avoir
synthétisé VBrs et VIz en tubes scellés, nous avons montré qu’il n’était en effet pas possible de
cycler ces matériaux dans des électrolytes type carbonates ou liquides ioniques dopés aux ions Li™.
Ayant préalablement démontré la trés faible solubilité des halogenures (de lithium) avec les
électrolytes superconcentrés contenant des sels organiques, nous avons testé de cycler les
matériaux VXs dans des eélectrolytes organiques superconcentrés et obtenu une trace

électrochimique réversible, suggérant que cette approche permet de drastiquement diminuer la
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dissolution de ces matériaux. Des analyses structurales operando (diffraction des rayons-X) et
eavons rappelé x-situ (diffraction des neutrons) nous ont permis de démontrer qu’une évolution
structurale de ces phases avec insertion de lithium accompagne leur réduction électrochimique.
Des analyses électrochimiques (GITT) et de spectroscopie d’absorption des rayons-X nous ont
permis de démontrer que I’insertion de ce cation de lithium est associée a la réduction de V(III) en
V(II). Nous avons ensuite propos¢ un modele permettant de rationaliser 1’absence de solubilité de
ces composés dans des électrolytes superconcentrés. Pour cela, nous avons analysé par
spectrométrie de masse couplée a un plasma inductif et par spectroscopie UV-visible différents
électrolytes saturés en VVXs. Ces expériences nous ont permis de confirmer que la solubilité de ces
composés était tres basse dans les électrolytes superconcentrés et bien plus importante a des
concentrations d’¢électrolyte support traditionnellement employées dans les batteries du fait de la
formation de complexes entre les anions du sel et le vanadium. A plus haute concentration en sel,
nous avons pu demontrer que la suppression de la solubilité des VX3 relevait de la modification
des coefficients d’activité et non pas d’empéchements cinétiques. Au global, cette étude suggere
que des nouvelles familles de matériaux jusqu’alors jugées incompatibles avec les électrolytes
traditionnellement employés dans les batteries Li-ion pourraient étre explorées en utilisant des

électrolytes superconcentrés.

Au global, cette thése nous a permis d’avoir une compréhension aux €chelles moléculaires,
nanoscopiques et mesoscopiques de I’influence de la structure des électrolytes pour d’éventuelles

applications électrochimiques liées au stockage de I’énergie.
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