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Abstract 

Lithium-ion (Li-ion) batteries are the most popular energy devices for almost all electronics 

today. From cell-phones and laptops, to advanced uses in automotive and aircraft 

applications, lithium-ion batteries have slowly taken over the market. Unfortunately, today’s 

lithium-ion batteries are also highly unsafe. They rely heavily on organic solvents for 

electrolytes in the battery. These organic solvents are inherently flammable in nature and 

have caused several fires reported in batteries over the past few years.  

In this research, I aimed to investigate changes in the electrochemical behavior of 

electrodes if we replace flammable organic solvents with a safer alternative such as water. 

Water-based batteries may offer greatly improved safety and lower cost (from lower raw 

material cost to reduced manufacturing costs). In addition, water-based electrolytes may 

exhibit dramatically higher ionic mobility for Li ions and thus can be potentially used for 

faster charging batteries or batteries with thicker electrodes, which are easier and cheaper 

to construct. 

Lithium cobalt oxide (LCO) has long been proven to be an excellent material for cathodes 

in conventional organic electrolytes. It has shown high volumetric capacity and good 

stability in non-aqueous environments of commercial Li-ion batteries. Unfortunately, the 

flammability of organic electrolytes in combination with a propensity for batteries 

constructed with LCO to experience thermal runaway creates safety concerns. Due to 

extensive knowledge accumulated on LCO and its structural similarity with many other 

common cathode materials, LCO may serve as a model material for studying 

electrochemical interactions of layered lithium transition metal oxides with aqueous 
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electrolytes. While LCO had previously been demonstrated to cycle for 20-100 times in 

aqueous environments, the causes of its degradation had not been investigated in detail. 

Our studies demonstrated that in certain aqueous electrolytes LCO cathodes could cycle 

with a remarkable stability showing only 13% fading after over 1,500 cycles. Post mortem 

analysis of the electrodes was conducted to understand the effect of cycling and the causes 

of degradation. Electrolyte composition was found to have a dramatic impact on the 

electrochemical performance and stability of LCO in aqueous environments.  

The temperature range for aqueous electrolytes at sub-zero temperatures was also 

investigated in detail. We showed that Li-ion batteries with aqueous electrolytes can be 

excellent candidates for battery applications at low temperatures. In contrast to a common 

misconception, aqueous Li-ion batteries can operate at several tens of degrees below the 

freezing point of water when high concentration electrolyte solutions are utilized. By 

leveraging the colligative properties of water, I demonstrated that aqueous electrolytes can 

function much below the freezing point of water down to -40oC.  The performance of water-

based electrolyte systems with three low-cost inorganic salts (LiNO3, Li2SO4, and LiCl) was 

extensively studied to understand the rate-limiting step in battery performance at sub-zero 

temperatures. It was found that the charge transfer resistance is the largest contributor to 

impedance at low temperatures, until the complete solidification of the aqueous electrolytes 

takes place. In sharp contrast, it was found that common organic electrolytes do not support 

any cycling below -20oC. The contributions from the various resistances that affect low 

temperature cycling from the perspective of the electrode as well as the electrolyte were 

investigated in detail. 
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1.1. Introduction to lithium-ion batteries 
 

Lithium-ion (Li-ion) batteries (LIBs) have become an indispensable part of our lives today. 

They power most of the portable electronic devices we use. And this rapidly growing 

industry is estimated to have a projected growth to a $50 billion market by 2020, per 

several sources1,2. The main reason for the popularity of the Li-ion technology is the high 

energy density and low weight of these batteries. These batteries thus take up less space, 

weigh less and can deliver high power that make them so attractive for these applications1. 

Li, being the lightest metal, packs in more energy per unit mass than any other element, 

thereby providing the highest energy per unit mass for a battery technology. LIBs work 

through what is known as the rocking-chair mechanism. Li ions travel back and forth 

between the electrode during the charging and discharging processes as shown in the 

Figure 1 below. 

Typically, LIBs use a transition metal cathode such as lithium cobalt oxide (LCO), lithium 

manganese oxide (LMO), lithium iron phosphate (LFP), Titanium sulfide (TiS2)3–6. Graphite 

is the most commonly used anode material7,8  although, sometimes transition metal oxides 

and sulfides anode such as titanium dioxide (TiO2)9, lithium titanate (Li4Ti5O12)7 and 

molybdenum sulfide (Mo6S8)8 have also been used. These metal oxides and ceramics act 

as host structures that can accept a Li-ion from solution. During charging or discharging, 

the Li-ions shuttles back and forth between the cathode and anode and alternately 

intercalate/de-intercalate from the host material. 
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Figure 1: Schematic of the working of a typical lithium-ion battery 

The electrolyte acts as an ionic conductor and an electronic insulator. It helps transport 

the lithium ions from one electrode to the other during cycling. The electrolyte in today’s 

batteries is typically an organic solvent (or a mixture of organic solvents) with a lithium salt 

dissolved. Typical electrolyte solvents used are a combination of organic carbonates such 

as ethylene and propylene carbonates. Electrolyte salts can include LiPF6, LiClO4, LiTFSI 
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and several others. The salts along with the electrolyte solvents are typically chosen to 

create a stable solid electrolyte interphase on the surface. 

Minor decomposition of organic electrolytes at the surfaces of anodes and cathodes 

typically leads to the formation of stable solid surface layers known as solid–electrolyte 

interphases (SEIs)10. The SEI plays an important role in improving its stability. It typically 

forms on the surface of the anode material as a decomposition product of the electrolyte 

and electrolyte salt. This decomposition results in the formation of an ionically conductive 

layer that helps stabilize the performance and improve the long-term cycling of the cell. 

To date, non-aqueous electrolytes have been the electrolytes of choice for LIBs11 because 

of their high stability and a large potential range, which enables LIB operation at voltages 

of up to around 4.4 V. These solvents, however, are inherently flammable in nature and 

are the main cause of fires reported in LIBs over the past few years. Added to that, some 

cathode materials such as LCO have a propensity to decompose in an exothermic reaction 

that releases oxygen. In combination with the highly flammable organic electrolytes, non-

aqueous batteries thus create a significant safety risk12. 

As a result, safety measures often require overbuilding battery management systems 

(battery packs) with inactive materials, which increase the weight, volume and cost of the 

energy storage by up to 75% in the case of cell applications in large battery packs, such 

as electric vehicles13. Considering this, LIBs with water-based electrolytes provide a safer 

alternative. These batteries function like the conventional LIB but have much better safety 

characteristics.  
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In this thesis, we aim to investigate changes in the electrochemical behavior of common 

LIB electrodes (as well as the key mechanisms responsible for such changes) upon 

replacement of the organic solvents in contemporary batteries with water-based 

electrolytes. There are several advantages to using water as the electrolyte in LIBs. These 

batteries may become safer and more environmentally friendly and may cost less. Cost 

advantages arise from reduced raw material costs as well as reduced manufacturing costs 

since aqueous batteries can be manufactured in open air (vs. special dry rooms that need 

to be created for non-aqueous electrolyte batteries).  

Water-based electrolytes commonly exhibit dramatically higher ionic conductivities for Li+ 

ions (~102-103 mS/cm for aqueous vs. 10-14 mS/cm for organic electrolytes)14–16 thus 

enabling the construction of batteries that can be charged faster or enabling the use of 

thicker electrodes. These properties make them ideal for several technologies such as in 

electric vehicles and grid-storage systems.   

At the same time, there are also several challenges to using aqueous electrolytes in LIBs. 

In comparison to organic electrolytes that are stable at high voltages, water electrolyzes 

at a much lower potential difference, with a thermodynamically stable window of 

approximately 1.23 V when not considering the impact of a dissolved salt. Thus, it was 

believed that constructing a LIB with an aqueous electrolyte should require choosing a 

cathode and an anode of only moderately high and low electrode potentials, respectively, 

limiting the battery to a lower voltage (and thus lower energy density).  

It was not until the mid-1990s that W. Li et al. published one of the first papers on LIBs in 

aqueous electrolytes17. Although the battery operated at a relatively low voltage of 

approximately 1.5 V (average) and showed a moderate cycle life (lasting approximately 
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25 cycles), their important research proved that it was possible to make secondary LIBs 

with aqueous electrolyte solutions.  

In order to improve safety, environmental friendliness, and rate capability of LIBs, a 

renewed interest in gaining better understanding of the behavior of LIB materials in 

aqueous electrolytes has recently emerged18–20. Several methodologies may be utilized 

for increasing cell voltage, such as exploring over-potentials for oxygen evolution on the 

cathode and hydrogen evolution on the anode, utilizing a combination of solid and 

aqueous electrolytes21, and, as most recently shown, forming an SEI22–25. A variety of 

commercial cathode materials used in today's commercial LIBs (LiFePO4 (LFP), LCO, 

LiNixCoyMnzO2 (NMC), LiMnO2 (LMO), etc.) have been preliminarily studied in 

combination with aqueous electrolytes26–28. However, in contact with aqueous electrolytes, 

such materials typically exhibit poor electrochemical performance and short cycle life. 

While a detailed understanding of the electrode and aqueous LIB (ALIB) cell degradation 

phenomena is still mostly lacking, several factors have recently been proposed to impact 

cell stability, such as electrolyte pH and dissolved oxygen content29, dissolution of the 

active material, intercalation of H+ ions into the active material alongside Li+ ions, and 

reactions between the active material and dissolved O2 and H2O20. 
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Figure 2: Ragone plot comparing the approximate energy and power density of aqueous 

LIBs compared to other energy storage technologies30 (Reprinted from WIREs Energy 

Environ. 2014, 3, 424-473, Wentian Gu and Gleb Yushin, ‘Review of nanostructured 

carbon materials for electrochemical capacitor applications: advantages and limitations of 

activated carbon, carbide‐derived carbon, zeolite‐templated carbon, carbon aerogels, 

carbon nanotubes, onion‐like carbon, and graphene’, with permission from John Wiley 

and Sons) 

Figure 2 shows a typical Ragone plot for different battery systems that are used today or 

are being researched upon. Based on the inherently high ionic conductivity of aqueous 

electrolytes and the lower potential that can be sustained by this system, it could be 

predicted that ALIBs would deliver higher power densities yet lower energy densities than 

organic LIBs as delineated in the graph above. 
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1.2. Theoretical background 
 

ALIBs may offer several advantages over LIBs based on conventional organic electrolytes. 

Aqueous electrolytes are non-flammable, safe, and inexpensive compared to organic 

electrolytes. ALIBs also allow for open-air manufacturing and are more environmentally 

friendly.  

Despite all these inherent advantages, aqueous batteries have several shortcomings that 

need to be overcome for larger scale adoption. One of the key limitations is the lower 

electrochemical stability window for water. Thermodynamically, water decomposes at 

about 1.23 V, which is much narrower than the large voltage of operation of 3.7-4.2 V of 

non-aqueous LIBs.  

This issue of thermodynamic stability can be illustrated with a simple molecular orbital 

diagram as shown below (adapted from Park. et al.31). Figure 3 shows the HOMO and 

LUMO for water as well as the cathode and anode materials for a LIB.  

Let us consider a typical LIB anode, such as lithiated graphite (which is a graphite anode 

in a charged state). In this case, the electrons would flow from the graphite to the OH- ions 

rather than to the cathode, thereby causing an explosive reaction. There would thus be 

the formation of hydrogen gas and LiOH.  
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Figure 3: HUMO and LUMO depiction of an aqueous system when paired with traditional 

lithium-ion electrode materials 

From a more practical standpoint of an ALIB, electrode materials are chosen so they are 

within or just outside of the stability window of water. In the simple cases, these would be 

LiFePO4
13,32, LiCoO2

23,33–35 and LiMn2O4 cathodes28,36 and vanadium oxides (VOx) 

17,37,38titanium phosphates (LiTi2[PO4]3)39–41 and TiP2O7
42,43, etc. Typical electrode 

materials used in aqueous electrolytes are shown in Figure 4 below.  

As can be seen from Figure 4, some of these materials can work since they do not 

necessarily react with or cause water to decompose. However, in order for aqueous 

electrolytes to compete with organic electrolytes in terms of energy density, it is important 

that the stability of these electrolytes is expanded to well beyond 1.23 V.  
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Figure 4: Typical lithium-ion cathode and anode materials that are compatible with 

aqueous electrolytes from the standpoint of water stability. The stability window for water 

(Pourbaix diagram) is also incorporated in the left side of the figure29 (Reproduced with 

permission from Springer Nature) 

Several aqueous battery technologies in the past have successfully operated at 

significantly higher voltages than what is thermodynamically feasible. The mercury oxide 

battery operates at 1.35 V44, the alkaline cell operates at 1.5 V45 and the lead acid battery 

(car battery) at 2.1 V46,47 This phenomenon can be explained using the concept of 

overpotential. Overpotential is defined as the minimum polarization at which a particular 

reaction occurs at an appreciable rate on a specified electrode, or at which, with a small 

increase in voltage, there is a marked increase in current density48. It explains the 

difference between the thermodynamic and the actual potential of a reaction.  
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Aqueous electrolytes can be promising candidates for safer and lower cost lithium-ion 

batteries. However, the narrow electrochemical stability window for water is a large limiting 

factor for high energy density batteries. Thermodynamically, water decomposes at 1.23 V 

to form hydrogen and oxygen. The exact potential for the cathodic and anodic reactions 

is then pH dependent as is dictated by the Nernst equation: 

𝐸𝐸𝑟𝑟𝑟𝑟𝑟𝑟 = 𝐸𝐸𝑜𝑜 −
𝑅𝑅𝑅𝑅
𝑧𝑧𝑧𝑧

ln �
𝑐𝑐𝑐𝑐𝑐𝑐𝑐𝑐. 𝑜𝑜𝑜𝑜 𝑟𝑟𝑟𝑟𝑟𝑟𝑟𝑟𝑟𝑟𝑟𝑟𝑟𝑟𝑟𝑟𝑟𝑟
𝑐𝑐𝑐𝑐𝑐𝑐𝑐𝑐. 𝑜𝑜𝑜𝑜 𝑝𝑝𝑝𝑝𝑝𝑝𝑝𝑝𝑝𝑝𝑝𝑝𝑝𝑝𝑝𝑝 �

 

where, Erxn = thermodynamic potential of the reaction,  

Eo = thermodynamic potential of reaction under standard conditions  

        (Room temperature with an activity of 1 for the reacting species),  

R = universal gas constant,  

T = temperature in K,  

z = no. of electrons involved in the reaction,  

F = Faraday’s constant 

Thus, by varying the pH of the solution, the hydrogen and oxygen evolution potentials can 

be shifted around, although the overall potential window would be the same. Hence the 

thermodynamic potentials for H2 and O2 evolution would be 0.0 V and 1.23 V at pH = 0, 

but it would shift to -0.41 V and +0.82 V at a pH of 7. 

But there are several other factors that influence the kinetics of this reaction such as the 

surface energy of the electrode surface, the adsorption coefficient, etc. These kinetic 
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factors can have an enormous influence on the overall potential of the reaction and can 

thus be used to expand the overall stability window for water.  

The kinetics of an electrochemical reaction is determined by the Bulter-Volmer equation: 

𝑖𝑖 =  𝑖𝑖𝑜𝑜 �𝑒𝑒𝑒𝑒𝑒𝑒 �
𝛼𝛼𝑎𝑎𝑧𝑧𝑧𝑧
𝑅𝑅𝑅𝑅

(𝐸𝐸 − 𝐸𝐸𝑒𝑒𝑒𝑒� − 𝑒𝑒𝑒𝑒𝑒𝑒 �
𝛼𝛼𝑐𝑐𝑧𝑧𝑧𝑧
𝑅𝑅𝑅𝑅

(𝐸𝐸 − 𝐸𝐸𝑒𝑒𝑒𝑒�� 

where, i = electrode current density (A/m2),  

io = exchange current density (A/m2),  

E = electrode potential,  

Eeq = equilibrium potential or thermodynamic potential (defined above as Erxn),  

αa and αc = anodic and cathodic charge transfer coefficients. 

The term E - Eeq, sometimes denoted by η, is called the overpotential of the reaction. It 

defines the deviation of the potential from the equilibrium or thermodynamic potential of 

the reaction. The overpotential is mainly a kinetic phenomenon and is vastly influenced 

by the electrode surface and other kinetic factors. Chief contributors to the kinetics of the 

reaction are exchange current density and activation energy. 

Several researchers in the past have used the concept of overpotential to create Lithium-

ion battery systems that are higher than 1.23 V. The first paper on ALIBs appeared in 1995 

when Dahn et al.17 reported a rechargeable 1.5 V battery using LiMn2O4 and VO2. Although 

this battery has low capacity and cycle life, it demonstrated that lithium-ion batteries can 

be cycled using water-based electrolytes.  
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Since then, several researchers have studied the performance of a variety of intercalation 

type materials in aqueous electrolytes18,26,28. In 2015, Liumin Suo et al.22 used the highly 

concentrated water in salt electrolyte to demonstrate that the stability window for water 

can be expanded as high as 3 V using a saturated LiTFSI. Soon after, they demonstrated 

a 2.1 V battery using a highly concentrated water-in-bisalt electrolyte that contained 21m 

of LiTFSI and 7m of LiTOf in water24. Several groups have thereafter also shown that the 

use of concentrated electrolytes with LiTFSI allows for the formation of an SEI due to the 

creation of a new type of solvation shell where the water is encapsulated inside a sphere 

of the ions23,25.  

The cost of such an electrolyte system though is a large hurdle. These organic salts are 

very expensive and at such high concentrations they could become the largest cost to the 

overall battery assembly. This would automatically reduce the commercial viability of the 

aqueous system, taking away one of the main draws of low-cost for water-based systems.  

Recently, a newer paper by Yang et al.25 showed that it is possible to create a 4 V battery 

using an artificial SEI created using a polymer coating on the anode. This is the highest 

voltage demonstrated for an aqueous electrolyte. This concept was also used by Wang et 

al.21 to make a coated Li-metal anode to demonstrate 1,000s of cycles of stable capacity 

for LMO in aqueous electrolytes.  

Of course, the concept of an artificial SEI is a well understood phenomenon in aqueous 

systems. Several Li-air batteries in the past have shown that it is possible to cycle Li-metal 

in aqueous systems using a polymer coating with a glass ceramic coating49–51. These 

systems show that several low voltage materials (that would normally react vigorously with 

water) can be cycled in aqueous systems using an artificial SEI.  



14 
 

 

Figure 5: Schematic of an SEI showing the various components that could be present. A 

good SEI should provide high ionic conductivity and also high electronic resistance  

An SEI is defined as a protective layer formed on the negative electrode material of the 

battery. Its formation is linked to the decomposition of the electrolyte on the electrode 

surface during the charging process52–54. It is typically an electrically insulating and 

ionically conductive material.  In the case of LIBs (with both organic and aqueous 

electrolytes), these coatings allow Li-ions to diffuse through them. But since they are 

electrically insulating, such interfaces cause a potential drop in the material that prevents 

the electrolyte from decomposing further55. A schematic of a typical SEI is shown in Figure 

5. 

Thus, by creating an ionically conductive and electronically insulating layer, it would be 

possible to create an aqueous system with much higher voltages than the stability of water. 
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With increasing interest in the aqueous research from both the academic and industrial 

spheres (Aquion Energy was a start-up that aimed to commercialize an aqueous sodium 

ion battery and had received a total funding of $182.3M56), ALIBs are an interesting new 

technology that could rival organic batteries one day.  

Aqueous electrolytes still come with their own set of challenges, on both the cathode and 

anode side of the battery. The largest challenge of course is that of overpotential 

discussed so far. But several others that have been overcome in organic electrolytes using 

additives still pose a strong challenge for water-based systems. A large problem to be 

addressed is corrosion of current collectors, especially at the positive terminal of the 

battery. Take for example, the case of LiCoO2. Lithium cobalt oxide intercalates/de-

intercalates Li+ ions at 0.93 V vs. SHE in a 1M solution of Li+ ions (pH=7). At such high 

potentials, most metals would corrode, oxidize or react with aqueous systems. This can 

be explained in terms of the Pourbaix diagram57 as seen in Figure 6 below for aluminum 

(a common current collector for organic LIB cathodes). 
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Figure 6: Pourbaix diagram for Al showing regions of corrosion and passivation57 

Of course, corrosion should occur in organic solutions as well, but in most organic 

electrolytes this problem is overcome using fluorides in the electrolyte. At higher 

potentials, the Al current collector forms a passivating layer consisting of oxides and 

hydroxides on the surface of the current collector58–61. This passivating layer prevents the 

further dissolution of the metal allowing for stable performance of the cathode at high 

potentials.  

Consider the linear sweep voltammetry (LSV) for three metals – aluminum (Al), stainless 

steel (SS) and titanium (Ti) in aqueous solution as shown in Figure 7 below (see Chapter 

2 section on cyclic voltammetry for more information on linear sweep voltammetry). The 

LSV was conducted at 0.3 mVps in1M LiNO3. A large corrosion current is seen in the case 

of SS and Al foils whereas there is only a capacitive charging current of micro-amps seen 
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in the case of the titanium metal. The passivating oxide layer formed on the Ti metal 

surface prevents further corrosion, which does not occur in the case of SS. 
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Figure 7: Comparisons of linear sweeps for different metals showing a large corrosion 

current for the current collectors in 1M LiNO3. Titanium metal is resistant to this corrosion 

and only evolves oxygen at high potentials 

The effects of corrosion of the current collector can pose a huge problem to the stability 

of the cathode performance in aqueous batteries. This is clearly illustrated in the cycling 

behavior of lithium-cobalt oxide cycled in 1M LiNO3 as shown in Figure 8 below.  
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Figure 8: Discharge Capacity for lithium cobalt oxide cast on SS and Ti current collectors. 

The corrosion of the SS causes a large drop in capacity over even as small as 20 cycles 

The figure above shows the performance of LCO (a relatively high voltage cathode 

material) cast on stainless steel (SS) and titanium (Ti) foils cycled at 1C-rate in 1M LiNO3. 

Performance of LCO on Al current collectors is not shown since Al-metal corrodes and 

dissolves completely in water before any capacity can be achieved. In the case of the SS 

foil, there is some capacity seen initially. But there is a large drop in performance even 

over the first few cycles. The SS undergoes corrosion current creating a resistive layer of 

FexOy.nH2O (rust) on the metal (current collector turns brown after cycling). This causes 

an electric short circuit of the cathode material from the current collector that leads to a 

loss of performance in the LCO (the electrode peels off completely from the metal foil). In 

our initial experiments, we attributed this bad performance to the LCO material itself. 
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However, upon changing the current collector to Ti metal, a dramatic improvement in 

performance is seen. Ti metal, interestingly, forms a passivating layer of titanium dioxide 

on its surface. This thin layer allows for electron conduction to the cathode but prevents 

further corrosion of the current collector.  

The challenges with the negative terminal of the battery are vastly different. At lower 

potentials, the metallic current collector is mostly stable, but hydrogen evolution becomes 

a very strong challenge. The hydrogen or hydronium ions in water have a very high 

exchange current density on most surfaces. This makes it harder to control hydrogen 

evolution and hence reduces the overall voltage of the battery. 

Metal Io (A/cm2) 
Pb, Hg 10-13 

Zn 10-11 

Sn, Al 10-10 

Ti 10-9 

Ni, Ag, Cu 10-7 

Fe, Au 10-6 

Pd, Rh 10-4 

Pt 10-2 

Table 1: Exchange current density for hydrogen on different metal surfaces (adapted from 

NPTEL62 J.O'M.Bockris et al.63 and J. K. Nørskov et al.64  

As can be seen in the Table 1, most metals have a high exchange current density of H2 

implying hydrogen evolution occurs rapidly at potentials below the equilibrium value. At 

the same time, overpotential is also a feature of surface area. The larger the surface area, 

the larger the overall current generated. Consider the simple case of hydrogen evolution 

https://www.sciencedirect.com/science/article/pii/0013468664800037#!
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on titanium metal cut to three different surface areas as shown in Figure 9 below. Three 

different flags of titanium were cut out with areas of 1 cm2, 9 cm2, and 25 cm2. A linear 

sweep was run on these flags to lower potentials to observe the potential at which 

hydrogen evolution occurs. As can be seen from the graphs, at the same current (take for 

example, 300 μA), the overpotential seems larger in the case of the 1 cm2 flag than for a 

25 cm2 flag. Since the H2 evolution is considered a side/undesired reaction for Lithium ion 

batteries, larger surface areas for the electrode contributes to higher currents from the H2 

evolution which in turn could reduce the Coulombic efficiency for the anode. This could 

become a larger issue while dealing with materials with high surface area such as the 

carbon additive in electrodes. Carbon in the form of pure black or conductive carbon black 

is added to most electrodes to improve their conductivity. Their surface area is typically 

around 80-100 m2/g. So the addition of carbon could increase the surface area and cause 

larger evolution of hydrogen on electrode surfaces other than the active material. This also 

adds a level of complexity to aqueous systems in terms of preventive side reactions.   
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Figure 9: Hydrogen evolution on plain titanium metal cut to various sizes for different 

surface areas in contact with the electrolyte 

Lastly, there are the challenges of electrode material dissolution. Several materials that 

can conventionally be used with organic electrolytes cannot be used in the case of 

aqueous electrolytes, even though their electrochemical potential of operation is well 

within the range of water stability. A classic example would be the sulfur system. Sulfur 

can have a reaction potential in the range of -0.6 to -1.0 V vs. SHE65 (depending on the 

polysulfide formed). This could be well with the range of overpotential for hydrogen 

evolution in certain electrolytes. 

Although sulfur by itself is insoluble in water, upon reacting with Li-ions, it forms soluble 

polysulfides and ultimately Li2S which dissolves and reacts with water. This was very 

clearly seen in our initial few experiments where there was the evolution of H2S gas and 

the electrode dissolved over time into the electrolyte (although the sulfur by itself did not). 
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Despite these challenges, there are several materials that can successfully be cycled in 

aqueous electrolytes. There is increasing interest in this field from both academia and 

industry, to make aqueous chemistry a strong contender for the conventional Li-ion 

battery. In this thesis, we will delve into the performance of lithium cobalt oxide, a 

traditional cathode material used in batteries for portable electronics.  The causes of 

degradation of LCO in aqueous environments will be investigated.  

Another important consideration for any battery is its performance at different 

temperatures, especially at sub-zero levels. When considering an aqueous system, it is 

usually assumed that water-based electrolytes would freeze at temperatures below 0oC. 

But several applications could require batteries to function in colder conditions66,67. Several 

researchers in the past have extensively studied the performance of organic LIBs at 

temperatures of -10oC to -40oC68–76. These papers usually report the discharge capacities 

for cells and show that organic LIBs can retain about 12% of their room temperature 

capacity down to -40oC. But no similar study has been conducted on aqueous electrolytes 

to understand their performance at lower temperatures.  

It is well known that using the colligative properties of solutions77–79, it is possible to 

depress the freezing point of dilute aqueous solutions to a few degrees below 0oC. 

Expanding on this principle, it should then be possible to decrease the freezing point of 

water to several tens of degrees when concentrated salt solutions are used. This should 

allow aqueous electrolytes to perform in very cold conditions that could rival the 

performance of organic electrolytes. This effect and the consequent performance of 

aqueous electrolytes at sub-zero levels has also been extensively investigated in this 

thesis.  
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Chapter 2: 
Characterization  
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2.1. Introduction 
 

The characterization techniques used can be categorized into two main methods based 

on the property of the material studied: 

1. Electrochemical techniques 

2. Materials characterization techniques  

Materials characterization can be further classified into surface characterization 

techniques such as X-ray Photo-electron Spectroscopy, Transmission Electron 

Microscopy and Scanning Electron Microscopy and bulk characterization techniques such 

as X-Ray Diffraction, Fourier Transform Infrared Spectroscopy among others. In this 

section, we will look at these individual techniques in greater detail and establish the main 

principle of operation and understand the kind of data the technique provides. 

2.2. Electrochemical characterization 

Electrochemical characterization, in a very broad sense, is used to understand the current 

and voltage responses of an electrode material. Using a combination of different direct 

and alternating currents and voltages, one can understand the thermodynamics and 

kinetics of an electrochemical system and the key properties of that material in a given 

environment. The main techniques covered in this section include cyclic voltammetry, 

linear sweep voltammetry, constant current experiments along with differential capacity 

analysis, and electrochemical impedance spectroscopy. 
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2.2.1. Cyclic Voltammetry 

Cyclic Voltammetry or CV as it is popularly known, is an electrochemical technique used 

to understand the thermodynamic potential and kinetics of an electrochemical reaction80–

83. It is one of the fundamental techniques used by the electrochemist to study the current 

response to an applied potential; and hence the performance characteristics of an 

electrode/ electrolyte. It is considered a potentio-dynamic technique, where the electrode 

is scanned at the desired scan rate (usually denoted in millivolts per second or mVps) 

back and forth between two potentials (known as the switching potentials). The current 

response to this change in potential is recorded and plotted to reveal the peaks that 

contain useful information about the reaction rates and potentials. 

In a typical CV experiment, three electrodes are used: a working electrode (WE), a counter 

electrode (CE) and a reference electrode (RE). The working electrode is usually 

comprised of the active material along with some additives. It is the main electrode under 

study, whose current response is being investigated. This working electrode is paired 

against a reference electrode, which ideally, is an electrode whose potential does not 

change throughout the CV scan. This electrode typically has a high impedance so that 

minimal current flows through it as the experiment progresses. Finally, the counter 

electrode is used as a current sink, to receive the charges and ions from the working 

electrode and complete the electrical circuit. A schematic for a CV setup is shown in Figure 

10 below. 
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Figure 10: Schematic of a typical three electrode setup for cyclic voltammetry 

In such an experiment, the voltage is measured between the working electrode and the 

reference electrode whereas the current response is recoded between the working and 

counter electrodes.  

A typical CV is shown in Figure 11.  Figure 11(a) shows the change in the potential applied 

and the implied scan rate for the experiment. Figure 11(b) shows the current response to 

that applied potential. Two main peaks A & B are seen in this scan, which correspond to 

the oxidation and reduction potentials for the electro-active material in the working 

electrode. In this specific case, it corresponds to the de-intercalation/removal of Li-ions 

(peak A) and the intercalation/insertion of Li-ions (peak B) into LCO34. The potential 
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(voltage) measured is versus a standard silver/silver chloride electrode (which maintains 

a fixed potential of 0.22 V throughout the experiment). 

0.60 0.64 0.68 0.72 0.76 0.80
-0.75

-0.50

-0.25

0.00

0.25

0.50

0.75

1.00

Region of 
Mass-transfer 
Contol 

         Peak B
(intercalation)

 

 

Cu
rre

nt
 (m

A)
E (V) vs Ag/AgCl

              Peak A 
(deintercalation)

Region of
Kinetic 
Contol

 

Figure 11: (a) Typical triangular excitation signal for cyclic voltammetry with switching 

potential at 575 mV and 800 mV vs. SSCE (adapted from Kissinger et al.80), (b) a cyclic 

voltammogram shown for LCO in an aqueous solution of sat Li2SO4, depicting the different 

regions of kinetic and mass-control. 

There are two main regions in a CV. These are termed the region of kinetic control and 

the region of mass control. Kinetic control of the reaction occurs where there are enough 

ions around the electrode (in the Helmholtz layer) to allow for the reaction to occur. 

Analysis of this region can provide information about the rate of the reaction and the 

diffusion coefficient of the electrode species. As the scan proceeds in the forward 

direction, the increasing voltage (or decreasing for the reverse scan) provides a higher 

driving force for the reaction, which increases the magnitude of current till it peaks at a 

maximum. 

(a) (b) 
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As the reaction progresses, more ions in the electrolyte are consumed so that their 

availability in the vicinity of the electrode decreases. Ions would now have to travel from 

the bulk of the electrolyte to the double layer region before they can react at the electrode. 

This region (which corresponds to the decrease in the current after the peak in the CV 

graph above) is termed the region of mass control and can be used to calculate the 

diffusion coefficient of ions in the electrolyte. Depending on whether diffusion through the 

electrode particles or diffusion through the electrolyte is slower, the reaction would be 

termed kinetically controlled or mass transfer controlled. 

The most important information gleaned from a CV is the thermodynamic potential of the 

reaction. Typically for a reversible reaction, the average potential between the oxidation 

and reduction processes is considered the thermodynamic potential of the reaction. An 

important aspect is the reversibility of the process. A reaction can be completely 

reversible, pseudo-reversible or irreversible depending on whether the opposite peak 

(here, Peak B) exists, has the same area as the forward peak, or is completely non-

existent [for more information refer to Bard and Faulkner84, p. 226-259].  

A CV also provides a lot of information about the kinetics of that electrochemical process. 

By analyzing the shape of the curve, the skewness, full width half maximum (FWHM), etc., 

it is possible to avail several parameters about the process such as the diffusion constant, 

beta coefficient, etc. The separation between the peaks accounts for the polarization in 

the reaction, which could relate to the particle size of material in the electrode, the 

impedance in the electrolyte, etc.  

A subset of cyclic voltammetry is linear sweep voltammetry (LSV). In a typical LSV, the 

dynamic voltage scan is conducted only in a single direction without a reverse sweep. This 
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allows the researcher to glean data on a single (mostly irreversible) reaction in one 

direction. It is mainly used to study adsorption of species onto materials85–87, corrosion of 

metals88–91 and other irreversible reactions92. 

2.2.2. Electrochemical Impedance Spectroscopy 

Electrochemical Impedance Spectroscopy (EIS), also called Impedance Spectroscopy is 

an electrical technique used to study and understand the impedance response of the 

system to a variable frequency a.c. current. The impedance thus measured can give us 

quantitative values of the various resistors and capacitors that make up the 

electrochemical cell93–96.  

In a typical EIS measurement for a cell, a small a.c. potential (with a typical rms value 2-

100mV) is applied at varying frequencies (typically between 0.1Hz to 10MHz). At each 

frequency, the impedance response is measured by taking the ratio of the voltage to 

current. 

𝑍𝑍 =
𝑉𝑉 𝑠𝑠𝑠𝑠𝑠𝑠 (𝜔𝜔𝜔𝜔)

𝐼𝐼 sin (𝜔𝜔𝜔𝜔 +  𝜑𝜑)
 

where, V = applied a.c. potential 

 I = current response to the applied potential 

 ω = radial frequency = 2πf 

 φ = phase shift for current response 

This impedance data can be used in two ways:  
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1. The impedance (both real, imaginary and impedance modulus) or its theta values 

can be plotted as function of the applied frequency with Bode plots, OR 

2. The value of imaginary impedance (ZIm) can be plotted vs. its real value (ZRe) to 

obtain a Nyquist plot.  

Both types of plots can provide valuable information about the resistances and capacities 

that exist within the cell97–99. The Nyquist plots are used extensively in electrochemical 

research to understand changes in material properties as well as to study the formation of 

interfaces such as the SEI during cell cycling100–104. 

Let us consider the simplest case of an electrode dipped in an electrolyte. This interaction 

of the solid and liquid creates a Helmholtz double layer at their interface. This re-

distribution of charges creates a capacitive element in the battery. Similarly, the electrode 

materials and electrolytes in the battery add resistance elements.  

Three main impedance elements exist in this system - the resistance of the electrolyte, 

the capacitance at the electrode-electrolyte interface and the resistance of the electrode. 

In this case, the electrode resistance is considered to be in parallel with the double layer 

capacitance of the interface. The electrolyte resistance is in series with this parallel RC 

circuit as shown below in Figure 12. These elements show up at different frequencies on 

a Nyquist plot and can thus be calculated from the different sections of the graph.  
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Figure 12: Typical Nyquist plot for a simple electrode-electrolyte interface 

In this simplest case, the electrolyte resistance shows up as the X-intercept (or Z-real) on 

the curve at high frequencies. The RC element from the electrode and double layer show 

up as a semicircle at mid frequencies. The diameter of the semicircle measures the 

resistance of the electrode and the topmost point of the semicircle can be used to measure 

the capacitance (using the formula for a parallel RC time constant ωԎ=1, where Ԏ=RC. 

The value of ω can be obtained from the Bode plots as the peak that appears in the ZIm 

vs. log(f) plot).  

The final part of the Nyquist curve is a straight line at 45o. This line corresponds to the 

Warburg impedance and is a measure of the diffusion of ions through the electrolyte98,105. 

The diffusion coefficient of the electrolyte can be measured from this line using the 

formula.  

Electrodes can also get covered with a solid electrolyte interface during cycling, which 

also creates new capacitive and resistive elements in the cell. A battery can thus be said 

to consist of a series of capacitive and resistive elements whose impedance values are 
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given through EIS. EIS is thus an important technique used to understand the change in 

the resistances and capacitances in the material which can give us a more detailed picture 

of the different interfaces that exist in the electrochemical cell.  

2.3. Materials characterization techniques 

Surface characterization techniques typically examine the top 2-20nm of the material. 

They are strongly dependent on the depth of penetration of the incident interacting rays 

with the material and typically provide information only about the top few layers of atoms. 

Several techniques were used in this thesis including XPS, SEM and TEM. These 

techniques are especially important for battery research since most electrochemical 

processes occur at the surface or interface. Therefore, any changes that occur in the 

material would be most prominently be detected using these techniques as will be seen in 

the proceeding chapters. 

2.3.1. X-ray Photo-electron Spectroscopy 

X-ray Photo-electron Spectroscopy or XPS is a spectroscopic technique used to study the 

material composition as well as the precise oxidation state of the elements present in the 

material 106–110. Also known as ESCA (Electron Spectroscopy for Chemical Analysis), it is 

a surface analysis technique that can typically provide information about the top 2-10nm 

of the sample110,111.  

XPS is concerned with estimating the binding energy (BE) of the core-electrons that are 

emitted when bombarded with a monochromatic X-ray beam. As the name suggests, the 
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technique uses an X-ray beam of sufficient energy to ionize the material and eject 

electrons from its core shells. The electrons that are “photo-emitted” are then analyzed for 

their exact energy and number to determine the species present in the material as well as 

their oxidation states.  

The most fundamental concept to be understood in XPS is the Binding Energy. In the 

simplest sense, BE is the energy with which the nucleus holds on to an electron in a 

particular shell. Mathematically it is the difference between the energy of an electron in a 

particular shell and the energy of the Fermi level of that atom or ion.  

In XPS, the energy of the incident photon is much higher than the binding energy of core-

shell electrons. The excess energy of the photon provides kinetic energy to the ejected 

electron which is recorded at the detector. By analyzing this kinetic energy, the binding 

energy can be back calculated from the equation:  

Ehν = EBE + Eφ + EKE [ 1] 

where, Ehν = Energy of the incident photon/ X-ray beam,  

EBE = Binding Energy, 

             Eφ = work function of the material,  

EKE = Kinetic Energy of the ejected electron 

The work function of a material is the difference between the energy of the electron at the 

Fermi level and at vacuum (when it is completely free from the influence of the nucleus)111. 

These different energies are shown in Figure 13 below. 
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Figure 13: Schematic of XPS showing the different energies 

The value of Eφ of the material is usually standardized or equated to that of the instrument 

and thus becomes a known constant for the material. The binding energy can then be 

easily calculated for the given material.  

The binding energy value for an electron depends on upon several factors, such as the 

element and the orbital from which the electron is emitted. It also strongly depends on the 

chemical environment of the atom from which the electron was emitted. This implies that 

when the same atom has a different chemical state or is surrounded by different atoms, 

the binding energy for the electron in the same orbital would also slightly change. This 

phenomenon, known as the ‘chemical shift’, makes XPS a powerful technique in analyzing 

the changes in the material environment for a specific atom before and after any process. 
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Shifts as small as 0.05 eV could be detected if the X-ray source is of a single frequency 

and a highly sensitive detector is used.  

By the same analogy, XPS is able to detect a change in the oxidation state of the material. 

An element in different oxidation states would have different binding energies for its core 

electrons that can be detected and analyzed using this technique.  

Typically for XPS, an Al K-α or an Mg K-α X-ray source is used. These X-rays provide a 

photon energy of 1486.6 eV and 1253.6 eV respectively. The material, typically a solid, is 

placed under a very high vacuum of 10-7 to 10-9 torr. The material should be at least 

moderately conductive and electrically connected to the instrument so that the sample and 

the spectrometer have a similar Fermi level. Typically a hemi-spherical detector with a grid 

bias is used to selectively analyze electrons of a particular energy112.  

2.3.2. Scanning Electron Microscopy 

Scanning Electron Microscopy or SEM is an imaging technique that utilizes an electron 

source to form images113,114. It is used extensively in materials science to obtain 

information about the surface and topography of materials down to 1 nm for well-prepared 

samples115,116. Scanning electron microscopes use the particle nature of electrons to 

provide high resolution images. The resolution of an image can be expressed by the 

Abbe’s equation117 given below 

𝑑𝑑 =
0.612 ∗ λ
𝑛𝑛 sinα
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where, d = resolution of the image  

λ = wavelength of imaging radiation 

n = index of refraction of medium between point source and lens, relative to free 
space 

α = half the angle of the cone of light from specimen plane accepted by the 

objective (half aperture angle in radians. n*sinα is also referred to as the numerical 

aperture) 

Thus, by reducing the wavelength/ increasing the frequency of the wave, it is possible to 

increase the resolution. In a typical SEM, the electrons emitted from an electron gun are 

accelerated through electric fields to high energies. These high energy electrons provide 

the lower wavelength electromagnetic waves, which can be used to achieve high 

resolutions. In the best-case scenarios, a magnification of nearly 100,000x can be 

achieved with an SEM. 

For SEM operation, the electrons emitted from an electron gun are accelerated using an 

electric field of 0.1-30 kV. They are then passed through a series of magnetic lenses that 

focus the beam to a single point as shown below in Figure 14. The electrons that are 

reflected/ emitted from the sample are then collected by a detector. By rastering the 

electrons through the sample grid, a 3D image of the sample is formed.  

The images formed in an SEM are mainly from two sources of electrons. The first are the 

secondary electrons, which are electrons emitted due to sample excitation. These 

electrons form as a result of the ionization of the sample by the incident primary electron 

source. Most SEMs image using secondary electrons to attain a high depth perception of 

the sample.  
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Figure 14: Schematic of a scanning electron microscope showing the various magnetic 

lenses and other components 

The second source of the image is the back-scattered electrons, which are electrons that 

are reflected back from the sample. These are the primary electrons that bounce back 

from the sample and move towards the detector. Back-scattered electrons are mainly used 

to differentiate elements of different atomic weights in samples, since the intensity of 

reflection depends strongly on the atomic mass of the element.  
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SEM is mainly used as an imaging technique to study the surface morphology and the 

topography of the material. But based on the magnification level, it could also be used to 

grain boundaries and other bulk features in the material. It can also be used to obtain 

cross-sectional images of samples based on the direction of sample imaging118. In all 

these cases though, it is still only imaging the surface of the given specimen which is why 

it is considered a surface characterization technique. 

2.3.3. Transmission Electron Microscopy 

Transmission Electron Microscopy or TEM is another important imaging technique that 

uses an electron beam as the illumination source119–121. This technique is similar to SEM 

in that it uses the interaction of electrons with matter to provide high resolution images of 

samples. The key difference lies in the mode of interaction of the electron with the material. 

As the name suggests, TEM utilizes the electrons that are transmitted through thin 

samples to create an image. These electrons that pass through the material constitute the 

unscattered electrons. TEM therefore utilizes the wave-nature of electrons to create high-

resolution images of matter that can be resolved to as high as 0.2nm.  

A schematic of the TEM operation is shown in Figure 15 below. The method of operation 

of TEM is like that of the SEM. Electrons emitted from a gun source are accelerated and 

focused using and electric fields and magnetic lenses. Typical accelerating voltages for 

TEM operation are between 80-300 kV. These high energy electron sources are then 

bombarded onto the sample. The samples are prepared extremely thin (in the order of 

nm), so that most of the electrons pass through them. These “transmitted” electrons are 
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detected using a phosphorous screen or a camera which is used to obtain a 2D image of 

the sample. In the best scenarios, the magnification can be as high as 500,000x.  

 

Figure 15: Schematic of a transmission electron microscope showing the electron gun, 

magnetic lenses, flourescent screen and other parts122 

TEM is used to observe several important aspects of the sample such as the grain 

boundaries123,124, formation of surface films125,126, crystal planes and lattice imaging127,128, 

etc. TEM can also be used to study diffraction patterns in the sample and thus receive 

important information about the crystal structure of the material being studied.  

There are two important modes of operation of TEM: bright field and dark field imaging119. 

Bright field imaging is the more common mode that uses the direct beam from the source 
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that is perpendicular to the sample. But in some cases, a diffracted beam can also be 

used, mainly to study different grains and phase regions in a crystalline material. This 

mode is called dark field imaging and is used extensively in crystallographic and 

metallurgical studies. 

Lastly, TEM can also be used to obtain elemental information about the sample using 

energy dispersive X-ray spectroscopy (EDX) as well as the Electron Energy Loss 

Spectroscopy (EELS)129. In both these techniques, the incident electron beam causes an 

ionization of the sample or interacts with the sample causing a loss in the incident electron 

energy that can be useful in identifying the elements present in the sample. 

2.3.4. X-Ray Diffraction 

X-Ray Diffraction, commonly known as XRD is a popular bulk characterization technique 

used to understand different aspects of the crystal structure of a material130–135. It is a very 

prevalent technique used by materials scientists to identify the crystallinity, composition 

and point groups of samples as well as for phase identification in multi-phase materials. It 

can also be used to determine the size of the crystallite using the full width half maximum 

(FWHM) of the XRD peaks136–139, as well as the composition of composite samples 

containing more than one crystalline species. 

XRD is a non-destructive technique that works on the elastic scattering of X-rays by the 

crystal planes in a material. It is considered a bulk characterization technique since the 

depth penetration and the interaction volume for X-rays with the sample is of the order of 

a few tens of microns. This provides averaged information over several thousands of 

layers of atoms present in the material. 
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The principle of XRD is usually expressed in the form of Bragg’s law140 that gives the 

angles of coherent scattering for an X-ray. It can be represented mathematically as: 

2𝑑𝑑𝑑𝑑𝑑𝑑𝑑𝑑𝑑𝑑 = 𝑛𝑛𝑛𝑛 

where, d = inter-planar spacing between crystal planes (which can be calculated using the 

Miller indices (hkl) for the crystal structure as 𝑑𝑑 =  √ℎ2 + 𝑘𝑘2 + 𝑙𝑙2   

θ = angle of incidence of the X-ray (measured as the angle between the X-ray and 

the crystal plane)  

n = a positive integer 

λ = wavelength of the incident X-ray 

In a typical XRD experiment, an X-ray beam illuminates the sample and is diffracted by 

the crystal planes in the material in different directions. Based on the constructive or 

destructive interferences of these diffracted X-rays, peaks are produced at particular 

angles which are picked up by a detector. By varying the angle of incidence for the X-rays, 

peaks are produced at different positions which can help identify the different crystal 

planes and their d-spacing. A study of these peak positions, their relative intensities and 

FWHM can reveal important information about the crystal type, composition and its size. 

The peak position is specific to the type of material and thus can be used as a fingerprint 

for the material. By comparing the angle of the peak formation with standard reference 

data available on several databases, one can accurately identify the crystal structure of 

the sample under examination. 

Consider the schematic of a typical diffraction process shown in Figure 16(a) below. X-

rays are incident on a sample and get diffracted by the lattice planes in the crystal. Two 
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parallel X-rays incident on the sample at an angle θ are diffracted by the crystal lattice. 

These X-rays exiting the sample undergo constructive interference due to which their 

intensity is increased. (X-rays can be incident on the lattice planes at several different 

angles, but only at this particular θ angle do they interfere constructively. At other angles 

near θ, the interference is only partially constructive or even destructive). These X-rays, 

which are now at a 2θ angle with respect to the source, are then picked up by the detector 

at a higher intensity than the background signal. Thus, by knowing the angle made by the 

source and detector (2θ), one can determine the inter-planar distance of a particular set 

of planes in the crystal lattice. By varying the incident angle through a range of values, the 

researcher can obtain an X-ray diffractogram for the sample, which can be used to identify 

various crystal parameters. A typical diffractogram for lithium cobalt oxide powder is 

shown in Figure 16 (b). 

 

Figure 16: (a) Schematic of Bragg's diffraction on cryal planes (b) Typical XRD pattern 

obtained for lithium cobalt oxide powder 

XRD is therefore a simple and powerful technique used as one of the primary 

characterization methods for crystalline materials. The ease of using the instrument and 
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the speed of data collection make it a popular technique that can identify several important 

sample features at the nano-scale.  

  



44 
 

 

 
Chapter 3: 

Electrochemical 
performance of LCO 
cathode in aqueous 

environments 
  



45 
 

3.1. Degradation and stabilization of lithium cobalt oxide in 

aqueous electrolytes 

(Adapted and reproduced by permission of The Royal Society of Chemistry) 

3.2. Abstract 

We report herein the exceptional cycle stability of LCO in aqueous electrolytes of high 

lithium salt concentrations. We demonstrate retention of up to 87% of the initial discharge 

capacity after 1,500 cycles at a 1C charge–discharge rate. We also demonstrate that LCO, 

when in contact with each of the aqueous electrolytes tested, exhibits a high electrode 

potential and a large initial discharge capacity, similar to that of LCO electrochemically 

cycled in conventional organic electrolytes. More importantly, our systematic studies and 

post-mortem analyses of LCO cells reveal that the primary mechanism of LCO 

degradation in aqueous electrolytes is the formation of a resistive layer of cobalt(II) oxide 

on the particles’ surfaces. We show that higher electrolyte molarity and certain salt 

compositions may significantly reduce the layer thickness and dramatically improve LCO 

stability. These findings constitute a substantial step towards development of 

gravimetrically and volumetrically energy dense aqueous lithium ion batteries. 

3.3. Broader context 

LIBs with aqueous electrolytes are significantly safer, more environmentally benign and 

potentially cheaper than traditional LIBs comprising organic electrolytes. Higher ionic 

mobilities for the Li+ ions in aqueous electrolyte solutions give more power and allow 
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significantly faster charging of aqueous batteries. Such characteristics are highly desired 

for growing energy storage applications, including energy storage for electric vehicles and 

electrical grids increasingly reliant upon intermittent clean and renewable sources of 

energy. LCO remains the dominant cathode material in commercial LIBs used in electronic 

devices. It has been known to degrade in aqueous environments, but the origins of such 

a degradation remain unclear. In this chapter, we uncover the key degradation 

mechanisms of LCO in aqueous electrolytes. More importantly, we reveal an opportunity 

to dramatically enhance its electrochemical stability by tuning the composition and 

increasing the concentration of low-cost lithium salts in aqueous electrolytes. The 

demonstrated 87% capacity retention in LCO after over 1,500 charging and discharging 

cycles is unprecedented. The obtained results will contribute to the progress in the broad 

field of aqueous metal-ion batteries. 

3.4. Introduction 

John Goodenough et al. pioneered the use of lithium cobalt oxide (LCO) as a unique 

lithium ion battery (LIB) cathode material141. Following Goodenough’s work, LCO was 

commercially produced and successfully utilized in a majority of LIBs by multiple 

companies. Widespread use of LCO is owed in part to its high volumetric capacity 

(1,363 mAh cm−3), high discharge potential (approx. 3.93 V vs. Li/Li+), and long cycle 

life141,142. Low thermal stability and faster degradation at higher currents remain downsides 

for the use of LCO in today’s commercial LIBs142. The propensity for LCO to decompose 

in an exothermic reaction that releases oxygen, in combination with highly flammable 

organic electrolytes, adds a significant safety risk to the use of LCO-based LIBs12. As a 

result, safety measures often require overbuilding battery management systems (battery 
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packs) with inactive materials, which increase the weight, volume and cost of the energy 

storage by up to 75% in case of cell applications in large batteries, such as electric 

vehicles13.  

A variety of commercial cathode materials used in today’s commercial LIBs (LiFePO4 

(LFP), LCO, LiNixCoyMnzO2 (NMC), LiMnO2 (LMO), etc.) have been preliminarily studied 

in combination with aqueous electrolytes26–28,143.  However, in contact with aqueous 

electrolytes, such materials typically exhibit poor electrochemical performance and short 

cycle life. While a detailed understanding of the electrode and ALIB cell degradation 

phenomena is still mostly lacking, several factors have recently been proposed to impact 

cell stability, such as electrolyte pH and dissolved oxygen content29, dissolution of the 

active material, intercalation of H+ ions into the active material alongside Li+ ions, and 

reactions between the active material and dissolved O2 and H2O20. In our recent studies 

on the electrochemical cycling of LFP cathodes in aqueous solutions we identified that 

side reactions occurring between LFP particles and water molecules induce surface 

dissolution and electrochemical separation of active particles. More importantly, we 

discovered that  increasing the concentration of the lithium salt in the aqueous electrolyte 

leads to significant reduction of the dissolution reactions and leads to improvements in 

cycle stability13. Inspired by such findings, we investigated the electrochemical behavior 

of higher voltage LCO in low-cost Li2SO4 or LiNO3-based aqueous electrolytes.  

Similar to our previous study, we found that higher salt concentration leads to increased 

cathode stability. However, in contrast to our prior work, the degradation mechanisms in 

LCO were found to be markedly different than that in LFP. Instead of electrical separation 

of active particles, LCO electrodes develop an ionically isolative surface layer, which high 

concentration electrolytes may prevent building. While some of the electrochemical 
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properties of LCO have been previously investigated27,33,35,144, the comprehensive studies 

of the mechanisms of LCO degradation as well as the impact of salt concentration and 

composition have not been reported, and ultra-long cycle stability of LCO in aqueous 

electrolytes has not been achieved before. 

3.5. Experimental section 

Electrode Preparation: Commercial lithium cobalt oxide (99.8%, Sigma Aldrich, USA) 

was mixed with pure black conductive additive (Superior Graphite, USA) and 

polyvinylidene difluoride (HSV 900, Kynar, France) binder in the ratio 70:15:15. This 

mixture was stirred along with N-methyl pyrrolidone (Sigma-Aldrich, USA) for 24 hours on 

a magnetic stirrer. The slurry was then cast onto a titanium foil (99.6%, GalliumSource 

LLC, USA) of 0.0125mm thickness. These electrodes were dried at 70oC for 12 hours. 

Circular electrodes were then cut out from these foils. Working electrodes (WE) of 7/16” ø 

counter electrodes (CE) of 7/8” ø were used. The working electrode was also thinner 

(0.003”) than the counter electrode (0.008”) so that the mass of the CE was at least five 

times larger than that of the WE. 

Electrochemical testing: For charge discharge studies, the WE and CE were spot-

welded onto titanium flags (Trinity Brand Industries, USA) and sandwiched between two 

Teflon blocks using a glass fiber separator (GF/B grade Whatman Glass microfiber). The 

assembly was immersed in 100ml of the aqueous electrolyte. The electrolytes were 

prepared by dissolving either lithium nitrate (99%, Alfa Aesar) or lithium sulfate (98%, 

Sigma-Aldrich) in 100ml of distilled water. Different concentrations of electrolytes (1M, 5M 
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and 9M for LiNO3 and 0.5M, 1M and 3M for Li2SO4) were prepared to study the effect of 

salt concentration on the stability of LCO.  

Constant current charge-discharge experiments were performed using a 25% delithated 

counter electrode which also served as the reference electrode in the setup (the counter 

electrode was delithiated separately by 25% of its total capacity by mass, using a constant 

current and a titanium foil counter electrode). The WE was cycled between +0.15 V to -

0.2 V vs. the CE. These tests were conducted using an Arbin Testing System (Arbin 

Instruments, USA). For cycling voltammetry, an Ag/AgCl electrode (3M NaCl) was used 

as the reference electrode and a 25% delithiated LCO electrode was used as the counter 

electrode. CV data was collected at a scan rate of 0.05 mVps using a Gamry Reference 

600 Potentiostat. EIS measurements were also taken after cycling LCO in different 

electrolytes using the Gamry Potentiostat. The impedance measurements were taken 

between 10MHz to 0.05Hz.  

Post cycling electrode characterization: After cycling, the working electrodes were 

washed with distilled water and dried in ambient temperature. These were then 

characterized to analyze for changes in structure and composition. SEM images were 

taken using the LEO 1530 thermally assisted field emission SEM with EDS. A 4 kV 

accelerating voltage was used for sample imaging.  TEM images were collected using the 

Technai G2 F30 Transmission Electron Microscope operated between 100-300 kV. For 

XRD, the cycled electrodes were mounted flat onto the sample holder of a X’Pert Pro 

Alpha-1 instrument. A Cu K-α source was used at an accelerating voltage of 45 kV and a 

current of 40mA. XPS data was collected using a Thermo K-Alpha XPS spectrometer with 

an Al K-α source. The pass energy was kept at 200 eV for survey scans and 50 eV for 

detailed scans.  
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3.6. Results and discussion 

Figure 17 shows the cyclic voltammograms (CVs) for LCO in aqueous electrolytes of 

LiNO3 and Li2SO4 salts of varying molarities (1M, 5M and 9M/saturated LiNO3 solution, 

and 0.5M, 1M and 3M/saturated Li2SO4 solution). These CVs show a de-lithiation peak at 

approximately 3.94 V vs. Li/Li+ for LCO. A corresponding re-lithiation peak appears at 

approximately 3.92 V vs. Li/Li+. These potentials correspond to a Li+ ion concentration of 

1M in either of the electrolytes. With increasing molarities of electrolytes, there is a 

corresponding increase in the redox potential of these peaks in accordance with the 

Nernst equation. These results confirm that our cell construction is robust and LCO is 

active in aqueous electrolytes.  
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Figure 17: Cyclic voltammograms for LCO in different electrolytes: (a) lithium nitrate and 

(b) lithium sulfate of different molarities. All CVs were conducted at a scan rate of 0.05 

mVps and all potentials are with reference to a Ag/AgCl electrode using 3M NaCl (0.21 V 

vs. SHE) 

(a) (b) 
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To understand the charge-discharge (C-D) behavior of LCO in aqueous electrolytes, 

electrochemical cells were assembled with electrolytes of varying molarities of LiNO3 and 

Li2SO4 salts, as used in the CV experiments. In order to minimize the impact of the counter 

electrode (CE) on cell performance, both the working electrode (WE) and CE were 

constructed with LCO as the active material. The CE was constructed to exhibit a larger 

capacity loading and was partially delithiated to allow Li+ cycling between the two 

electrodes (without partially removing Li+ from the CE, the CE would have no storage 

capacity for Li+ when Li+ is extracted from the WE). A constant current corresponding to a 

1C rate of C-D was applied between the WE and CE, with the potential of the WE versus 

the CE limited to between +0.15 V to -0.2 V (Figure 18). 

 

Figure 18: Charge-discharge plots for LCO in aqueous solutions of (a) lithium nitrate and 

(b) lithium sulfates of different molarities. The corresponding capacity retention for LCO in 

different electrolytes as a percent of the maximum is shown in (d) and (e). (c) & (f) 

Comparison of charge-discharge and capacity retention for longer times in lowest 

concentration and saturated electrolytes. All cells were cycled at 1C rate. 
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Lithium nitrate and lithium sulfate were chosen as candidate salts of lithium due to their 

low cost, which could help reduce the overall price of the electrolyte. And although this 

section primarily focuses on the performance of LCO in these two salts, other electrolytes 

were also tested. These included lithium chloride, lithium acetate and lithium benzoate. 

Performance with lithium chloride is report in the next section of this thesis. But LCO 

showed no performance in lithium acetate and lithium benzoate salts, possibly due to 

some sort of electrolyte decomposition at the high voltage of operation of the cathode. 

This effect was not investigated further.  

A higher concentration of the lithium salt substantially increased the capacity retention for 

LCO. Interestingly, LCO exhibited more stable cycling in the Li2SO4 solution than in the 

LiNO3 solution, which is clearly seen in the case of saturated electrolytes or when 

comparing the capacity retention for lower concentration - 0.5 M Li2SO4 solution and 1M 

LiNO3 solution - in which the Li+ concentrations were equal (Figure 18. c, f).  Based on the 

previous findings made by our group while studying LFP cathodes, improvement in 

discharge capacity retention with higher lithium salt concentration is likely connected to a 

reduction in the water activity and water-induced undesirable side reactions (to be further 

discussed), and a corresponding increase in the lithium activity. As a result, LCO 

maintained a remarkably large part of its capacity (≈87%) after 1,500 cycles in 

concentrated Li2SO4 electrolyte, which is high even for commercial quality LIBs with 

organic electrolyte. 

Figure 19 shows changes in the corresponding voltage-capacity plots for the 

electrochemical cells. We see an increase in the polarization of these cells with cycling, 

evident from the broadening or separation of the charging and discharging curves with 

cycling. With the exception of the saturated LiNO3 electrolyte, this polarization is more 
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prominent for electrochemical cells which degrade faster (such as those constructed with 

1M LiNO3 electrolyte) than for electrochemical cells that degrade slower (such as those 

assembled with saturated Li2SO4 electrolyte). Higher polarization of the cell with saturated 

LiNO3 electrolyte (even when compared to the 5M LiNO3 electrolyte cell, compare Figure 

19. b & c) is likely related to the observed (visible by eye) recrystallization of LiNO3 into 

larger crystals in the electrolyte upon slow water evaporation (our cells were sealed but 

were not perfectly hermetical). Such crystals may block electrolyte access, inducing 

undesirable polarization growth. In contrast, saturated Li2SO4 electrolyte does not exhibit 

this behavior – it tends to precipitate salt crystals at the bottom of the cell due to lower 

solubility in water and lower solvation energy.  As a result, the corresponding cell 

polarization remains small even after 1,500 cycles (Figure 19. f). 
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Figure 19: Voltage–capacity plots for LCO after cycling in different electrolytes. Larger 

degradation increased the polarization of the electrodes. 

Electrochemical impedance spectroscopy (EIS) was performed on the cycled electrodes 

at regular intervals to gain additional insights into the nature of the degradation of 

performance (Figure 20). Figure 20 (a) and (b) show changes in EIS in the worst (1M 

LiNO3) and the best (saturated Li2SO4) performing cells. EIS measurements were taken 
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after 1, 30, 100, 250, 500 and 1,500 cycles. We see an increase in the overall cell 

resistance (Z-real) with cycling. We also see a direct correlation between cell capacity 

fading and cell resistance increase after 500 cycles in all the electrolytes (Fig. 4 c, d). 

Higher resistance corresponds to a higher degree of degradation, consistent with trends 

in polarization observed in the C-D tests (Fig. 3).  

 

Figure 20: EIS measurements for LCO in (a) 1M LiNO3, (b) saturated Li2SO4 after different 

number of cycles, (c) and (d) EIS comparison for LCO after500 cycles in different 

molarities of lithium nitrate and lithium sulfate. 

To identify the changes to the LCO electrodes during cycling we conducted extensive 

post-mortem analysis using a broad range of surface-sensitive and bulk material 

characterization techniques. For microstructural imaging at the nanoscale, LCO particles 
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were examined using high resolution TEM (HRTEM) (Figure 21). The surfaces of LCO 

were imaged after cycling electrodes in 1M LiNO3 solution (for which there was the largest 

loss of discharge capacity and greatest rise in impedance) for 500 and 1,500 cycles 

(Figure 21 b, c).  The surfaces of uncycled LCO were also imaged as a reference (Figure 

21 a). Uncycled LCO powder showed the lack of any surface films and the extension of 

crystal planes all the way to the particle surfaces (Figure 21 a). On cycling, however, an 

amorphous layer forms on the surface (no crystal planes were visible). This amorphous 

surface film increases in thickness with longer cycling (from 5-6 nm in thickness after 500 

cycles to 8-10 nm in thickness after 1,500 cycles in 1M LiNO3). Noticeably thinner surface 

layers were observed on LCO cycled in the electrolytes that were more stable (e.g., in the 

case of 0.5M Li2SO4 the thickness was 2-3nm after 500 cycles). In some LCO areas in the 

0.5M Li2SO4 electrolyte, crystal planes extended all the way up to the surface, although 

there was a noticeable change in the crystal plane spacing (as seen in Figure 21 d), 

suggesting a phase change on the surface layer after 500 cycles. This effect was noticed 

to lower extents in cells cycled in 1M and saturated Li2SO4 electrolytes where the 

performance was much more stable. HRTEM image analysis was also conducted to reveal 

the crystal structure of the layers formed at the surface of the LCO grains after cycling. 

Figure 21 f shows an example of the nanocrystals formed on the surface of the LCO 

sample cycled in 0.5M Li2SO4 for 500 cycles. The measured d-spacing values of such 

nanocrystals match closely with the 2.46 Å spacing of the (111) planes in CoO, while that 

of the bulk grain match closely with the 4.68 Å spacing of the (003) planes in LCO (Table 

2). The surface chemistry was investigated further with XPS. 
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Figure 21:TEM images of (a) uncycled LCO particle, (b) and (c) LCO cycled in 1 M LiNO3 

for 500 and 1,500 cycles respectively, (d) and (e) LCO cycled in 0.5 M Li2SO4 for 500 and 

1,500 cycles respectively (f) enlarged image of electrode. 
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Table 2: Crystal structure and d-spacing parameters for LCO and Co(II)O. The values 

shown in red are denoted in the TEM images. 

XPS was conducted on electrodes to investigate the composition of the surface layers 

detected by TEM.  Electrodes cycled in the different electrolytes of varying concentrations 

were analyzed for changes in surface composition, oxidation state of cobalt, and the 

stoichiometric ratio of O:Co. A reference sample of pure LCO was also analyzed using the 

same parameters. Samples were analyzed using a survey scan to measure the ratio of 

O:Co on the surface. The peak area under the curve for the Co 2p peak and the O 1s 

peak of the survey scan (same pass energy) were used to measure the atomic ratio of 

cobalt and oxygen atoms on the surface (Figure 22). 

h k l d h k l d
0 0 3 4.683 1 1 1 2.46
1 0 1 2.401 2 0 0 2.13
0 0 6 2.341 3 1 1 1.284
0 1 2 2.303 2 2 2 1.23

Lithium cobalt oxide: Cobalt (II) oxide: 
Layered structure, Rock-salt structure, 

(a) a= 2.815Å, c = 14.05Å (b) a = 4.2615Å
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Figure 22: Detailed XPS scans for (a) Uncycled LCO powder, (b), (c), (d) LCO cycled in 

1M LiNO3, 0.5M Li2SO4 and 1M Li2SO4 respectively. 

A detailed scan for oxygen 1s revealed the different types of oxygen bonds present on the 

surface of the particles (Figure 23). Two types of oxygen 1s bonds were observed – one 

with a peak at approximately 529 eV binding energy, corresponding to the O-Co bond. 

The other was at approximately 532 eV binding energy that corresponded to the organic 

C-O bond from adventitious carbon adsorbed on the surface or carbon additives with 

functional groups on the surface. Curve fitting was carried out using a linear background 

fit with the proprietary software from Thermo K-Alpha. Using the fit, the fraction of the O-

1s peak that corresponded to the O-Co bond was calculated as the fraction of the total 
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area under the O-1s curve. This fraction was then multiplied with the atomic percentage 

obtained from the survey scan to obtain the actual contribution of oxygen to the O-Co 

bond. The ratio of O:Co was then calculated.  

 

Figure 23: XPS spectra for O-1s peaks in (a) pure LCO and electrodes cycled in different 

(b) 1M LiNO3, (c) 0.5M Li2SO4 and (d) 1M Li2SO4 for 1,500 cycles. 

As expected, the O:Co ratio was approximately 2:1 for a pure LCO sample. However, with 

cycling, this ratio sequentially decreased and approached 1.5:1 (as shown in Figure 24). 

This implies that the surface of the LCO is being reduced over time so that the Co (+III) 

ions in LCO are slowly converting to the Co (+II) ions with cycling. In other words, the 

surface composition of LiCo(III)O2 (O:Co=2:1) slowly changed to Co(II)O. This effect was 
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more pronounced in cells that had degraded more (compare, for example, 1M LiNO3 

versus 1M Li2SO4, Figure 6). Similar trends were observed in both types of electrolytes 

(LiNO3 and Li2SO4) suggesting that the phenomenon of Li2O leaching from the surface 

leading to the formation of cobalt (II) oxide surface layer (Figure 5), that correlates to the 

capacity fading (Figs. 2-3) and resistance growth (Fig. 4) in LCO, is somewhat universal 

(at least for studied aqueous electrolytes) and only differs in magnitude - depending on 

the electrolyte composition and salt concentration. 

 

Figure 24: O:Co ratio in LCO samples after cycling as obtained from XPS. The data shows 

a general trend of higher O:Co ratio for less degraded samples, indicating that the 

formation of Co(II) oxide on surface causes loss in capacity. 

Detailed scans on the Co 2p peak were also analyzed for all samples (Figure 25). It must 

be mentioned that the binding energy values for all the samples were found to be 

consistently at ∼284.86 eV for the C-C 1s peak (from adventitious carbon) and at ∼688.29 
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eV for the F-1s peak (from PVDF binder), which provided an internal calibration standard 

for all the samples. The 2p3/2 peak for Co in pure LCO was used as the reference peak 

and chemical shift in the cycled samples was studied. We noticed that a peak shift 

occurred towards lower binding energies (BE) in all samples. A shift towards lower binding 

energies implies that it is easier to extract an electron from the Co ion. This indicates that 

the Co ions in the surface layer have a lower oxidation state than originally in LCO, 

providing additional evidence for the reduction of Co (+III) ions to Co (+II) state. We also 

observed that the shift towards lower binding energies was higher with greater degradation 

of the electrodes. For example, LCO cycled for 1,500 cycles in either 1M LiNO3 or 0.5M 

Li2SO4 showed a slightly larger shift than LCO cycled for 500 cycles in these electrolytes. 

On similar lines, it was also observed that the chemical shift after 500 cycles in more 

concentrated electrolytes (1M Li2SO4, lower degradation) was lesser than in less 

concentrated electrolytes (1M LiNO3), which is in agreement with the charge-discharge 

tests (Figure 18). Figure 25 summarizes these findings and shows the peak values for BE 

of the Co 2p 3/2 peak plotted as a function of the percentage degradation in the 

electrodes.The larger degree of reduction of Co (+III) ions to Co (+II) state (thickness of 

the cobalt oxide layer on the LCO surface) correlates well with the larger degradation of 

the electrodes.  
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Figure 25: Change in Co 2p peak to lower BE with cycling in (a) 1M LiNO3 (b) 0.5M Li2SO4 

(c) 1M Li2SO4 (implying change from Co(III) state in LiCoO2 to Co(II) state in CoO). (d) 

Comparison of relative change in Co-2p oxidation state in electrolytes after 500 cycles. 
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Figure 26: Change in the binding energy of Co in LCO as a function of degradation with 

cycling. With higher degradation, the values tend towards lower BE, indicating a change 

to the Co (II) oxidation state. 

XRD analyses were performed on selected LCO samples. Figure 27 shows the XRD 

spectra for LCO electrodes cycled in 1M LiNO3 electrolyte for different numbers of cycles. 

The XRD spectra reveal that the LCO crystal structure is still present, with no new 

crystalline phases appearing, even after cycling for 1,500 cycles. This provided additional 

evidence to support the understanding that the loss of LCO capacity was predominantly a 

surface phenomenon and no significant changes in the bulk of LCO took place. 
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Figure 27: XRD patterns for LCO cycled in 1M LiNO3. Most of the peaks match up even 

after cycling for 1,500 cycles showing no change in bulk composition. The shift in the (003) 

peak at 18.5o can be attributed to a change in d-spacing with increased delithiation of the 

electrodes. 

SEM images provided further evidence that there was no apparent change in the LCO 

particle morphology after cycling (Figure 28). No cracks or noticeable surface roughening 

could be observed. This insight further supports the lack of significant chemical and 

structural changes in the bulk of the LCO particles during cycling.  
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Figure 28:SEM images of LCO (a) before and (b) after cycling in 1M LiNO3 for 1,500 

cycles. 

In order to distinguish ionic versus electronic resistance growth mostly responsible for 

capacity fading, cells pre-cycled at room temperature in 1M LiNO3 and 0.5M Li2SO4 

electrolytes to 40-50% of the initial capacity were then heated to a higher temperature of 

60oC and additionally cycled another 10 times (Figure 29). A change in the cell capacity 

would provide an indication of the kind of resistance in these cells. If the cell resistance 

was ionic in nature (e.g. due to higher ionic resistance of the surface layer on LCO, Figure 
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21), an increase in temperature would increase the capacity of the cells since ionic 

resistance decreases at higher temperatures. On the other hand, if the resistance growth 

was mostly electronic (e.g. due to higher electronic resistance of such a layer), higher 

temperature tests would only result in similar or lower cell capacity because electronic 

resistance is not significantly impacted by temperature (while higher temperature may, in 

principle, induce further growth of the surface layer). In our case, we noticed a significant 

increase in the capacity at higher temperatures, indicating that the cell resistance was 

mostly ionic in nature. An increase in capacity with temperature was seen in both cells 

(with 0.5M Li2SO4 and the 1M LiNO3 electrolytes). However, cell stability in 0.5M Li2SO4 

at 60oC was noticeably better, consistent with its better stability at room temperature.  

 

Figure 29: Discharge profiles of the degraded LCO pre-cycled at room temperature before 

and after temperature increase to 60 °C in (a) 1M LiNO3 and (b) 0.5M Li2SO4. 

Based on the above described observations of loss of discharge capacity in aqueous 

electrolytes of various concentrations (Figure 18, Figure 19), correlated rise in impedance 
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(Figure 20, Figure 21), and formation of a surface layer (Figure 22) rich in Co(II)O (Figure 

23, Figure 24, Figure 25), below we weigh possible explanations for the loss of discharge 

capacity and the benefits of higher salt concentrations. Firstly, multiple observations 

suggest that diminishing discharge capacity predominantly results from the formation and 

continuous growth of an ionically-resistive layer due to side reactions of LCO with aqueous 

electrolytes. Larger diameter impedance arcs in the Nyquist plots (Figure 20) (e.g. larger 

ionic resistances due to surface layer formation) correlate well with more diminished 

capacity.  Increase in polarization with cycle number observed in the voltage profiles 

(Figure 19) demonstrate similar trends. A large rise in capacity observed in degraded cells 

after increasing the temperature from ambient temperature to 60oC suggests that capacity 

can be largely gained back by overcoming an ionic resistance. A clear correlation between 

thicker surface layer formation (Figure 21, TEM and Figure 25, XPS) in most degraded 

cells is consistent with the expectation that the thickness of the surface layer should be 

proportional to the ionic resistance it creates (assuming compositional differences in the 

surface layer do not hugely impact the resistance for Li+ motion of this surface layer). 

Increasing salt concentration in aqueous solutions effectively reduces the concentration 

of water molecules in electrolytes, which are proposed to be mostly responsible for the 

Co(II)O growth on the LCO surface. 

Secondly, dissolution of active material into the electrolyte could also plausibly lead to 

capacity loss (as in previously studied LFP cathodes13), either directly due to the loss of 

active material or due to reduced inter-particle electrical connectivity. However, since a 

significant change in the morphology of particles was not observed via SEM studies of the 

particles before and after electrochemical cycling, since the electrolyte color did not 

change after cycling (hexaqua-cobalt (II) ions are pink) and since a significant loss of 
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capacity could be reversed at higher temperatures (Figure 29), we believe that the 

significant dissolution of LCO is very unlikely to be a dominant degradation mechanism.   

3.7. Conclusions 

The performance of LCO was systematically investigated in aqueous electrolytes using 

two low-cost salts of lithium at different salt concentrations. High capacity utilization and 

rather stable performance was observed in most cells. Higher electrolyte concentration as 

well as the use of Li2SO4 over LiNO3 favored more stable performance. The use of 

concentrated Li2SO4 electrolyte allowed us to achieve a remarkable LCO stability with less 

than 13% degradation after 1,500 cycles. 

By measuring changes in the cell polarization, conducting EIS studies and increasing 

temperature of the cells after degradation, we identified that the growth of the ionic 

resistance is the dominant degradation phenomenon. Further studies linked the formation 

of the layer on the surface of LCO particles to the observed impedance growth. High 

resolution TEM studies revealed the disordered nature of such a layer. A thicker layer was 

observed in more degraded cells. Analysis of the O:Co ratio and Co binding energy by 

XPS studies revealed that this surface layer is composed of ionically resistive Co(II) oxide. 

Higher degree of conversion of Co(III) ions on the surface to Co(II)ions was found to 

correlate well with larger impedance growth and more significant cell degradation. 

Increasing salt concentration in aqueous solutions effectively reduced the concentration 

of water molecules in electrolytes, which are proposed to be mostly responsible for the 

CoO growth on the LCO surface. XRD studies suggested that the change in LCO structure 
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and composition was purely a surface phenomenon and that the bulk of the material 

remained unchanged.   
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4.1. Understanding the Exceptional Performance of Lithium-ion 

Battery Cathodes in Aqueous Electrolytes at Sub-Zero 

Temperatures 

4.2. Abstract 

LIBs with aqueous electrolytes can be excellent candidates for battery applications at low 

temperatures. In contrast to a common misconception, ALIBs can operate at several tens 

of degrees below the freezing point of water when high concentration electrolyte solutions 

are utilized. Furthermore, we report here that the performance of intercalation cathodes in 

aqueous electrolytes is quite remarkable and superior to that in organic electrolytes at very 

low temperatures down to about -40°C. We extensively studied the performance of water-

based electrolyte solutions based on three low-cost inorganic salts (LiNO3, Li2SO4, and 

LiCl) and that of the corresponding aqueous battery systems to understand the rate-

limiting step in the performance at sub-zero temperatures. We found that the charge 

transfer resistance is the largest impedance contributor at low temperatures, until the 

complete solidification of the aqueous electrolytes takes place. However, layered 

cathodes in aqueous electrolytes do not exhibit significant increase in the charge-transfer 

resistance and reduction in the accessible capacity during charging until the temperature 

is closely approaching the freezing point, in sharp contrast to their behavior in organic 

electrolytes. This different behavior explains the dramatically superior performance of LIB 

cathodes in water-based electrolytes at lower temperatures. 
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4.3. Introduction 

Over the past decade, there has been a growing interest in the scientific and industrial 

communities in developing water-based lithium-ion and sodium-ion batteries. The 

aqueous electrolyte chemistry provides better safety and lower cost to the alkali metal - 

ion technology13,20,22,34,145. One perceived disadvantage of ALIBs however, could be the 

lower temperature range of operation for aqueous electrolytes. At standard conditions, 

pure water freezes at 0°C. But several applications of LIBs, especially in the sub-zero 

range, could require them to function at much lower temperatures of -20°C to -30°C66,146. 

And although there have been several studies on organic electrolytes to understand their 

low temperature performance,68–71,73,76,147,148 aqueous electrolytes have often been 

thought to be inoperable much below the freezing point of water. In this context, it is 

important to understand the temperature range for water-based electrolytes, especially at 

the lower temperatures.  

Typically, conventional LIBs are said to be able to operate down to -20°C71. Several 

research groups have extensively looked into the performance and rate-limiting metrics of 

organic electrolyte LIBs at sub-zero temperatures. To our knowledge, no similar study has 

been done to understand the low temperature performance of lithium-ion electrodes in 

aqueous electrolytes. In this research, we aim to understand these lower limits for water-

based systems. Using saturated solutions of lithium salts (LiNO3, Li2SO4 and LiCl), we 

were able to achieve very high capacity of conventional intercalation cathodes and stable 

performance in these electrolytes at temperatures as low as -40°C to -45°C. 
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Thermodynamically, pure water freezes at 0°C.  However, the freezing point of water can 

be depressed by the addition of solutes and other additives. These properties have been 

studied for dilute solutions under the umbrella term colligative properties77–79,149. 

Colligative properties are intrinsic properties of a solution that depend on the ratio of solute 

to solvent particles. Mostly, colligative properties have focused on dilute solutions (where 

Raoult’s law is applicable) to reduce the freezing point of water by a few degrees 

centigrade. However, by using concentrated or saturated solutions of salt in water, it is 

possible to depress its freezing point by several tens of degrees below the thermodynamic 

value. 

In its simplest form, the depression in freezing point can be represented by the formula 

∆𝑇𝑇𝑓𝑓 = 𝑇𝑇𝑤𝑤𝑤𝑤𝑤𝑤𝑤𝑤𝑤𝑤 − 𝑇𝑇𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠 =  𝐾𝐾𝑓𝑓 .𝑚𝑚 

where, ∆𝑇𝑇𝑓𝑓= depression in freezing point,  

Twater = thermodynamic freezing point of water = 0oC,  

Tsoln = freezing point of solution, Kf = freezing point depression constant (=1.86 deg 

C-kg/mol for water) and  

m = molality of solution. For example, the freezing point for a 1molal LiCl solution 

would be -3.72oC (since there are 2 molal of ions from Li+ and Cl- ions).  

Expanding on this property, it should be possible to use concentrated aqueous solutions 

to depress the freezing point even further so that aqueous electrolytes can be cycled at 

temperatures much below 0oC. 

In this chapter, we report the low temperature performance of three low-cost and 

commonly used aqueous electrolytes: LiCl, Li2SO4 and LiNO3. We show that it is possible 
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to cycle conventional cathodes (in our exemplary studies34 – LCO) in saturated solutions 

of such electrolytes at temperatures as low as -45°C. The system was studied from the 

perspective of the electrode as well as the electrolyte to understand the rate-limiting step 

in low temperature performance. These results were compared to the performance of 

organic electrolytes at similar temperatures. Finally, the effect of solution pH on the 

performance of electrodes was also studied at low temperatures. We expect the results of 

our study to be universally applicable to many other electrode chemistries and to other 

aqueous alkali metal ion batteries, including Na-ion and K-ion batteries, to name a few. 

4.4. Experimental section 

The details of the beaker cell setup is explained in the previous paper on LCO34. Lithium 

cobalt oxide (Sigma-Aldrich) was mixed with pure black as the conductive additive and 

PVDF as the binder in the ratio 0.7: 0.15: 0.15 and cast on titanium foil. A similar setup as 

before, with a symmetric cell of LiCoO2 - Li0.75CoO2 and a GF/B grade Whatman Glass 

microfiber as a separator was used to study the temperature effect. A Tenney Chamber 

was used to accurately control the temperature of the cells from 0oC down to -45oC.  

SEM images were taken on a Hitachi SU8230 electron microscope at an operating voltage 

of 2 kV. XRD measurements were taken on a Panalytical X’Pert Pro Alpha-1 instrument. 

A Cu K-α source was used at an accelerating voltage of 45 kV and a current of 40 mA. 

For the organic cells, LCO (along with PB and PVDF, 70%:15%:15%) was cast on an 

aluminum foil. The symmetric cell was constructed in an in-house lab setup that could be 

dismantled and re-assembled (similar to a Swagelock 3E cell). 
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Electrochemical measurements: Constant current charge-discharge experiments were 

performed using a 25% delithiated counter electrode, which also served as the reference 

electrode in the setup (the counter electrode was delithiated separately by 25% of its total 

capacity by mass, using a constant current and a titanium foil counter electrode). The WE 

was cycled between +0.1 V to 0.2 V vs. the CE. These tests were conducted using an 

Arbin Testing System (Arbin Instruments, USA).  

For the organic cells, half cells of LCO were used for capacity measurements. The cells 

used the same glass fiber separator used in aqueous electrolytes to maintain uniformity 

in the setup. These cells were cycled at room temperature for 3 cycles at a 0.05C-rate to 

ensure a good formation of SEI. The cells were then charged at a 0.05C-rate and 

discharged at a 0.2C-rate to allow for better charging at lower temperatures.  

EIS measurements were taken at different temperatures using symmetric cells for both 

aqueous and organic electrolytes. In both cases, the symmetric cells were cycled 15 times 

before measuring impedance. In the case of organic cells, the larger CE was delithiated 

using a Li foil before cycling against the WE. EIS measurements were taken using the 

Gamry Reference 600 Potentiostat between 1Mz to 0.01Hz. EIS models were fit using the 

Simplex method in the Gamry Echem Analyst software. The AutoFit function was used 

with 300 allowed iterations. The goodness of fit was usually in the order of 10-4 to 10-6 

showing the model to be an accurate fit for all data points.  

EIS measurements for the electrolyte conductivity measurements were taken between two 

1 cm2 titanium flags separated by different known distances (1.1 cm, 2.1 cm, 4 cm and 5.2 

cm) using the Gamry Potentiostat. The impedance measurements were taken between 

1MHz to 0.5Hz. 
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4.5. Results and discussion 

In the previous chapter and in a published manuscript, we had reported the stable 

performance of LCO for over 1,000 cycles in saturated electrolytes34. This chapter, 

therefore, draws from our previous work and focuses on studying the performance of LCO 

in aqueous salt solutions at lower temperatures. In order to minimize the impact of the 

counter electrode on the electrochemical behavior of LCO, we use a symmetric cell setup, 

where both electrodes comprised LCO. 

Figure 30 shows the SEM micrographs showing morphology and size of the LCO particles 

and the cast electrodes, as well as the XRD of LCO used in this study. The LCO particles 

are in the micron-size range with a particle diameter in the range of 5-20 micron. The 

electrodes were prepared by casting this LCO powder on a titanium foil along with pure 

black carbon conductive additive and a PVDF binder (in the weight ratio of 0.7: 0.15: 0.15).  

 

Figure 30: (a), (b) SEM of micron sized LCO and pure black used in symmetric cells, (c) 

XRD confirming LCO peaks 
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To understand the low temperature performance of this material, a symmetric cell using 

an LCO working electrode (WE) LiCoO2 was paired with a larger partially delithiated LCO 

counter electrode (CE) Li0.75CoO2. Note that the CE had 8-10 times higher mass loading 

to ensure a nearly fixed potential for the CE while cycling the WE. The cycling performance 

of this system was analyzed in different saturated electrolytes. 

The performance of LCO in Li2SO4 and LiNO3 electrolytes and the effect of concentration 

have been studied in detail in the previous section at room temperature. Here we introduce 

a new salt, lithium chloride (LiCl), since it has a higher solubility in water at room 

temperature than Li2SO4  and LiNO3. As colligative properties are dependent on the 

molality of the solution, a higher concentration solute could provide a larger freezing point 

depression. 
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Figure 31: Discharge-capacity plots for LCO in saturated and 1M LiCl electrolyte. A 

similar trend is seen as with Li2SO4 with higher salt concentrations increasing LCO 

stability 
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Figure 31 illustrates the cycling behavior of LCO over 500 cycles in aqueous LiCl 

electrolyte at the high (sat LiCl ~16m at RT) and low (1M) concentrations. A similar trend 

is seen for LCO cycling in LiCl as with Li2SO4 and LiNO3 electrolytes investigated in the 

previous section. Higher salt concentration increased the cycling stability of LCO. With the 

added advantage of high solubility of LiCl in water, saturated LiCl was used as an 

additional electrolyte to test for the depression of freezing point possible. 

Figure 32 shows the constant current charge-discharge (CD) performance of LCO WE at 

0.2C-rate (for both charge and discharge) in the three saturated electrolytes (LiCl, Li2SO4 

and LiNO3) at different temperatures. Saturated aqueous electrolytes, by nature of the 

high concentration of solute species, can support the performance of LCO down to 

temperatures as low as -30°C to -45°C.  The degree of freezing point depression is highly 

dependent on the electrolyte species as well as its concentration. Saturated LiCl (~16m 

concentration at RT), for example, does not freeze down to -45°C or -50°C. LCO cycled 

in this electrolyte retained up to 72% of the room temperature capacity even at -40°C. On 

the other hand, saturated LiNO3 (~9m at RT) freezes somewhere between -20°C to -30°C 

and saturated Li2SO4 (~3.5m at RT) between -30°C to -35°C. Clearly, a larger 

concentration of solute particles (cations + anions) in solution can provide a larger 

decrease in the freezing point of the solution (more on this later) and support better rate 

performance of intercalation cathodes.   
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Figure 32: Cycling of LCO at 0.2C rate in sat. LiCl, sat. LiNO3 & sat. Li2SO4 at different 

temperatures. In the case of LiCl electrolyte, LCO retains nearly 72% of its room 

temperature capacity down to -40oC. At or near the freezing temperature of the electrolyte 

a drastic loss in capacity is seen in all electrolytes. The performance of LCO organic 

electrolyte has also been shown for comparison. 

As a comparison, the charge-discharge performance of the identical LCO WE in cells with 

organic electrolyte is also shown at 0.2C-rate. A half-cell of LCO with 1M LiPF6 in 1:1 

EC:DEC (standard simple commercial electrolyte from Sigma-Aldrich) was used in this 

study. Interestingly, these cells showed a much larger drop in capacity even at -10°C when 

discharged at 0.2C. The cells were also cycled at a 0.05C (C/20) rate at lower 

temperatures and were able to demonstrate some (although a very low) capacity at -20°C. 
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Several papers have reported on the low temperature performance of LCO, where the 

cells retain a large percentage of their room temperature discharge capacity even at sub-

zero temperatures66,68–71,73,76,146–148. But it is important to note that in these papers the cells 

were always charged at room temperature and only discharged at the lower 

temperatures74,146. In almost all cases, only a single discharge cycle is depicted at a 

particular low temperature, to illustrate the material performance.  

The reason for such a strange CD protocol previously utilized is that LCO (and other 

electrodes of similar structure) in organic electrolytes has a much larger charge-transfer 

resistance for charging than for discharging, particularly at low temperatures146,147,150. In 

other words, cells with organic electrolytes are much harder to charge at lower 

temperatures than to discharge. These papers also only report the discharge capacity of 

the cell for a single cycle since otherwise the cells would have to be charged once again 

at room temperature. Zhang et al.20,29 have also reported that only a very small fraction of 

the room temperature capacity (10-12%) could be attained when the cells were charged 

and discharged at -20°C. But nearly 94% of the room temperature discharge capacity was 

attained when the cell was charged at room temperature and then discharged at lower 

temperatures. In several cases, the discharge capacity was also reported at slower 

0.067C- to 0.05C-rates (C/15 to C/20) to compensate for slow low temperature discharge 

kinetics66,148. 

It is thus well established that the lower limits of charge-discharge for most cathodes in 

organic electrolytes is closer to -10°C or -20°C 72,146. In our studies, organic LCO cells 

were charged at a much slower 0.05C-rate while the discharge capacity was recorded at 

a 0.2C-rate. At a 0.2C-rate the cells were unable to show measurable capacity below -
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10°C. When the discharge current density was reduced to 0.05C, the cells retained some 

capacity at -20°C, but dropped to zero at -30°C. 

Quite remarkably, aqueous electrolytes do not face such an issue at low temperatures. All 

cells with aqueous electrolytes were charged at the same C-rate as discharge. Aqueous 

electrolytes have a much lower Rct (discussed in the following paragraphs) and hence are 

inherently better candidates for many low temperature applications of lithium-ion batteries. 

Figure 33 compares the performance of LCO at different temperatures recorded at 

different C-rates in all three aqueous electrolytes. Three C-rates were used in this study: 

a high C-rate at 1C, a medium at 0.5C and a lower C-rate at 0.2C. The current density of 

cycling plays an important role in the performance of the cells. As can be seen in all cases, 

there is a significant difference in the performance of LCO at 1C compared to 0.2C, 

especially at lower temperatures. As expected, the drop in capacity with lowering 

temperature is larger at higher C-rates. LCO in sat. Li2SO4, for example, shows very low 

capacity at -30°C at 1C, whereas at 0.2C, it is still retains a large fraction of its room 

temperature capacity. Beyond -35oC though, the Li2SO4 freezes over and can no longer 

sustain any performance. Clearly, unlike organic electrolytes, the aqueous electrolytes 

can thus demonstrate some meaningful LCO capacity up to the freezing point of the 

electrolyte. 
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Figure 33: Cycling of LCO at different C-rates [0.2C, 0.5C and 1C] in (a) Sat. LiCl (b) Sat. 

LiNO3 & (c) Sat. Li2SO4 

The voltage-capacity plots for LCO cycled in sat. LiCl at 0.2C-rate were compared at 

different temperatures (Figure 34a). With a decrease in temperature, there is a significant 

increase in the polarization of the electrode material, as evidenced by the increase in the 

voltage hysteresis between the charge-discharge curves and the corresponding decrease 

in electrode capacity. The voltage hysteresis at each temperature was calculated as the 

difference in potential between the charge and discharge curves at half the capacity 

obtained at that temperature [shown by a double-sided arrow in Figure 34a]. These values 
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are plotted against the temperature in Figure 34b. It can be seen that there is a significant 

increase in the polarization of the cells closer to the freezing point of the electrolyte. 

0 10 20 30 40 50 60 70 80 90
-0.20

-0.15

-0.10

-0.05

0.00

0.05

0.10

 

 

Vo
lta

ge
 (V

)

Capacity (mAh/g)

 RT
 -20C
 -30C
 -40C
 -45C

Higher polarization 
at lower temperatures

(a)

 
-50 -40 -30 -20 -10 0 10 20 30
0

50

100

150

200

 

 

 Sat. LiCl, 0.2C-rate

Po
la

riz
at

io
n 

(m
V)

Temperature

(b)

 

Figure 34: (a) Voltage capacity plots for a symmetric cell of LCO in sat. LiCl at different 

temperatures. An increase in polarization is seen as the temperature is lowered, (b) Extent 

of polarization plotted as a function of temperature (oC). The polarization is calculated as 

the difference in the charge and discharge potentials at half the maximum capacity 

obtained at that temperature [double-sided arrow shown in (a)] 

To understand the origin of this polarization (voltage hysteresis), the impedances of LCO 

symmetric cells were measured at these temperatures. Figure 35 shows the EIS 

measurements for LCO in sat. LiCl and sat. Li2SO4 at all temperatures. These cells were 

cycled for 15 cycles at 0.2C before measuring impedance to get a better understanding of 

the performance of a cycled cell rather than of the fresh electrodes. In all cases, with a 

decrease in temperature, the EIS measurements show a large increase in the diameter of 

the semi-circle. This semi-circle reflects the value of the charge transfer resistance (Rct) 

and is visible at the lower frequencies of the EIS measurements.  
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Figure 35: EIS data for a symmetric LCO cell in (a) Sat. LiCl and (b) Sat Li2SO4. The 

diameter of the semi-circle increases with decreasing temperature. Below the freezing 

point (around -35oC for sat Li2SO4), the diameter of the semicircle increases by almost an 

order of magnitude (incomplete semi-circle shown in picture to accommodate data) 

Figure 36 compares the EIS measurements for LCO in all three electrolytes at room 

temperature (23°C), -20°C, -30°C and -40°C. The EIS for symmetric LCO cells with 

organic electrolyte (1M LiPF6 in 1:1 EC:DEC electrolyte) is also shown for comparison. 

These symmetric cells were also cycled for 15 cycles before the EIS measurements were 

taken. One interesting feature is the appearance of a second semi-circle in the Nyquist 

plots at lower temperatures. This smaller semi-circle at the higher frequencies can be 

attributed to the surface layer of cobalt oxide on the LCO particles in aqueous electrolytes 

(see Ramanujapuram et al.34 for more details). This surface layer is very thin (less than a 

few nm in size) and does not contribute much to the impedance at room temperature (the 

capacitance and resistance of this layer is so small it is practically buried in the larger 

semicircle at room temperature). But as the temperature is lowered, its effect is more 

pronounced, and a new smaller semi-circle appears in all the cases. 
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Figure 36: Comparison of EIS data at (a) RT (b) -20oC (c) -30oC and (d) -40oC for LCO 

symmetric cells in sat. LiCl, sat. LiNO3, sat. Li2SO4 and 1M LiPF6 in 1:1 EC:DEC. Figure 

(c) has an inset showing the surface layer and the charge transfer resistance components 

When we compare performance of cells with organic and aqueous electrolytes we see 

that even at room temperature the bulk electrolyte resistance is substantially larger for 

cells with the organic electrolyte than that for all the aqueous cells. As the temperature is 

decreased, the electrolyte and surface layer resistances increase further. The largest 

difference can be seen in the values of Rct, which show orders of magnitude difference at 
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different temperatures. The increase in Rct is more drastic in the case of the cells with 

organic electrolytes, which is why we see a dramatic decrease in performance below -

10°C. 

Figure 37 compares the different components of resistance in the system for the cells with 

aqueous and organic electrolytes. Figure 37a shows the EIS model used to fit the data. 

Figure 37b-d compare the electrolyte, surface layer and charge transfer resistances at all 

temperatures. In the case of aqueous electrolytes, with sat. LiCl as an example, this 

increase is less dramatic down to -35°C. At -40°C we see sharp rise in all three resistances 

as the sat. LiCl nears its freezing point. When the electrolyte freezes completely, the Rct 

value increases by several orders of magnitude since the frozen electrolyte now behaves 

as a dielectric material. This increase in bulk electrolyte resistance correlates well with the 

drop in the performance of the LCO seen in different electrolytes. Clearly, the largest 

increase is seen in the charge-transfer resistance as the temperature is decreased. In 

comparison, the increase in electrolyte resistance is less significant. 
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Figure 37: (a) Equivalent circuit used to model the aqueous LCO system (b), (c), (d) 

Comparison of resistances from electrolyte, surface layer and charge transfer as a 

function of temperature for the aqueous and organic electrolyte systems 

The role of the bulk electrolyte resistance was also extensively studied through EIS. For 

each electrolyte, at a particular temperature, the resistivity was measured as a function of 

distance between two titanium flags of 1 cm2 area each. EIS measurements for the 

electrolyte were taken at various distances as shown in Figure 38a (in this particular 

example for sat. LiCl at -10°C).  
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Figure 38: (a) EIS data for Sat LiCl electrolyte at -10oC between two Ti flags of 1 cm2 at 

different distances (b) Graph of the intercept obtained in (a) vs. distance. The slope of the 

fitted line was used as the d.c. resistivity (Ω-cm) of the electrolyte (c) Resistivity vs. 

temperature data for all three electrolytes (d) Conductivity of the electrolyte as a function 

of temperature. As seen, there is a decrease in electrolyte conductivity with decreasing 

temperature. The conductivity is almost zero at and below the freezing point of each 

electrolyte 

 

The intercept of the impedance curve with the x-axis can be considered as the sum of the 

bulk resistance from the electrolyte as well as the electrical resistance of the wires and 
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other external components. To eliminate all external resistances, the x-intercept of 

impedance was plotted as a function of the distance as shown in Figure 38b. The slope of 

this line then provides the resistivity of the electrolyte per unit length, which was plotted 

as a function of temperature as shown in Figure 38c. Such a test was then repeated for 

each electrolyte at each temperature. This process ensured all external resistances were 

discarded and a value of impedance, attributable purely to the electrolyte resistance, was 

obtained. The high regression (R2) values close to 1 for all the slopes indicate the high 

degree of accuracy for these measurements.  

The specific conductance of the electrolyte (Figure 38d) was then calculated as the 

inverse of this specific resistance (since the flags had an area of 1 cm2 and the resistance 

is per unit length).  Aqueous electrolytes thus have a conductance of the order of 10-1 

S/cm, which is two to three orders of magnitude higher than for organic electrolytes at 

similar tempratures69,146. 

A sharp increase in the resistance of the electrolyte can be seen near its freezing point. 

Once frozen, the impedance value was very high and this was used as an independent 

indication that the solution had frozen completely (resistance values were out of the scale 

and not shown on the EIS plots). The Nyquist plots below freezing also did not show an 

intercept at y=0 as it occurred at a higher frequency than the instrument’s capability.  

The very low ionic conductivity values for frozen and near-frozen electrolytes correlate 

well with the drop in performance of LCO at such temperatures. For example, sat. LiNO3 

freezes at -30°C and shows no capacity for LCO at this temperature. Similarly, saturated 

Li2SO4 freezes around -35°C. Interestingly, saturated LiCl is still not completely frozen 
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even at -45°C (measurable resistance value in figure 7(c)) and correspondingly does show 

some performance for LCO at 0.2C-rate as seen in figure 2. 

This drop in cell performance at lower temperatures may be related to: (i) the reduced 

mobility of the lithium ions in the solution and, at the same time, to (ii) the reduced 

concentration of lithium ions as well as (iii) the formation of salt precipitates from these 

saturated electrolytes that exhibit lower solubility at lower temperatures. Such precipitates 

may block electrolyte access to active particles. The drop in bulk electrolyte conductivity 

may also be related to all three phenomena because some precipitates may form on the 

surface of the titanium flags.  

If we applied the depression in freezing point formula directly (which is only applicable to 

dilute solutions where the Raoult’s law holds true), the saturated LiNO3 should be 

expected to freeze at much lower temperatures than seen in our data. Theoretically, sat. 

LiNO3 starts off at a concentration of ~9 molal at room temperature, which from the 

formula, should depress the freezing point down to -33°C. But, with a decrease in 

temperature, the saturation limit for LiNO3 in water is also reduced. This resulted in the 

precipitation of excess salt. The precipitation reduced the molality of the salt solution, 

which in turn reduces its freezing point. Therefore sat. LiNO3 completely freezes between 

-20°C and -30°C. Overall, the increase in electrolyte resistance is the largest close to the 

freezing point of the electrolyte, wherein the LCO completely loses its capacity even at 

low C-rates.  

The effect of pH on the low temperature performance of LCO was also investigated. Sat. 

LiCl was used as a candidate electrolyte whose pH was reduced using HCl and increased 

with LiOH. Sat. LiCl has a native pH of 4.92. This was decreased to a pH of 1 and 
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increased to pH 14. It was found that in the highly basic solution, the LCO showed no 

capacity at all. Upon dismantling the cell, a brown precipitate of cobalt (III) hydroxide was 

observed on the separator. The Pourbaix diagram for Co shows that formation of Co(OH)3 

is stable at high pH when a high voltage is applied. The basic pH was thus not investigated 

further. LCO was also cycled in sat LiCl at a pH of 1 and its performance and EIS 

characteristics were studied as before, shown in Figure 39. It was found that the pH-

adjusted solution showed worse performance for LCO than the plain solution of sat. LiCl. 

LCO showed no performance below -35°C in the pH 1 LiCl even at 0.2C. One of the 

reasons for substantially inferior performance of LCO at low pH is the reduced 

concentration of the LiCl salt in the high pH solution. With the addition of hydrochloric acid, 

a large precipitation of LiCl was seen even at room temperature. Due to the common-ion 

effect, the addition of the chloride ion increases its concentration beyond the solubility 

product of [Li]×[Cl] that leads to its precipitation. The loss of ions from the solution reduces 

the overall colligative property of the system.  
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Figure 39: Cycling of LCO at 0.2C rate in sat. LiCl and sat LiCl (pH 1) 
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Figure 40 compares the EIS of LCO in sat. LiCl with that of the pH1 solution. The EIS 

results confirm the precipitation phenomenon. A higher charge transfer resistance is 

observed for the low pH solution compared to the pure LiCl even at the higher 

temperatures such as -20°C. 

 

Figure 40: Comparison of EIS data at (a) RT (b) -20oC (c) -30oC and (d) -40oC for LCO 

symmetric cells in sat. LiCl at different pH 
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4.6. Conclusion 

The low temperature performance of different aqueous electrolytes has been studied 

using a symmetric cell comprising LCO cathodes. It was shown that LCO in the saturated 

aqueous electrolytes can retain a significant percent of their room temperature capacity 

even at temperatures of -30°C to -40°C when cycled at a 0.2C rate. In the case of sat. 

LiCl, LCO retained nearly 72% of its room temperature capacity at -40°C and 12% at -

45°C. Extensive EIS measurements were conducted to understand the effect of 

temperature on cell performance. It was found that both the bulk electrolyte resistance 

and the charge transfer resistance increased drastically when the temperature was 

approaching the electrolyte freezing point, which was the main cause of the reduced 

capacity in these cells. However, when compared to the LCO performance in traditional 

organic electrolytes, aqueous electrolytes showed dramatically better low temperature 

performance. For example, LCO cycled at a moderate 0.2C rate did not show any capacity 

below -20°C in organic electrolytes due to its very high charge transfer resistance during 

charging at low temperatures. Aqueous electrolytes on the other hand, offer lower charge 

transfer resistances and therefore can be charged and discharged at much higher rates 

at lower temperatures. In addition to low cost, improved safety and higher conductivity of 

aqueous electrolytes, our results demonstrate yet another unexpected advantage of 

aqueous lithium ion battery systems. 

The effect of pH on the low temperature performance of aqueous electrolytes was also 

studied. It was found that LCO showed no performance in high pH (pH=14) solutions. In 

low pH (pH=1) solutions, the performance of LCO at lower temperatures was worse than 
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for pure sat. LiCl. This can be attributed to the reduced solubility and increased 

precipitation of LiCl due to the common ion effect. 
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Scope for future work 

Aqueous electrolytes are an exciting new field of research that could have great potential 

in the future as a low-cost alternative to the lithium-ion technology. There are several 

exciting aspects of this research that could be explored further to advance this field. Some 

of these ideas include 

1. Understanding the degradation mechanisms of various other intercalation 

cathodes and identifying similarities or differences in their degradation 

mechanisms compared to that of LCO 

2. Understanding the effect of electrolyte pH and studying the degradation 

mechanisms of LCO and other cathode materials in acidic and basic solutions 

3. Aqueous electrolytes could also be beneficial for cycling high voltage anodes such 

as lithium nickel manganese oxide (LNMO, 4.5V vs Li/Li+) and lithium cobalt 

phosphate (LCP, 5.2V vs Li/Li+). Our preliminary results showed that aqueous 

electrolytes do not decompose at higher potentials especially with high salt 

concentration solutions. These electrode materials usually decompose organic 

electrolytes at these high cathode potentials. Aqueous electrolytes may prove 

beneficial in such cases.  

4. Study the effect of particle size on the performance and rate capability of LCO in 

aqueous electrolytes. A high rate of 1C has been used in most this research, but 

the effect of particle size and the thereby achievable high current rates has not 

been explored. Using nano-particles could prove very useful in utilizing the high C-

rates that should be possible due to the higher ionic conductivity of aqueous 

electrolytes. 
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5. Study the performance of LCO at higher temperatures such as 60-80°C using 

similar or alternative aqueous electrolytes. The high safety achievable with 

aqueous electrolytes coupled with the colligative properties utilized in this research 

could prove to be useful at higher temperatures as well 

6. The effect of additives on the temperature range of aqueous electrolytes was also 

not investigated in detail. Our preliminary results showed that adding an anti-freeze 

like propylene glycol reduced the solubility of LiCl salt and hence did not sustain 

as low temperatures as pure sat. LiCl. But the effect of other additives (including 

organic solvents and organic salts) was not explored in detail. It is possible that 

other additives or other electrolyte salts could allow higher concentration aqueous 

electrolytes (the water-in-bisalt paper could be one example) that could perform at 

even lower temperatures than -45°C.  
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