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Abstract 
Lithium-ion batteries are increasingly used for energy storage today due to their 

excellent energy capacity and voltage characteristics. However, the limited window of 

electrochemical stability for conventional carbonate-based lithium-ion battery electrolytes 

constrains the development of devices with higher voltages and longer lifetimes. One method 

used to achieve desirable electrolyte performance is through mixing multiple electrolyte 

solvents with different properties; however, increasing solution complexity can lead to 

unexpected synergies and an inadequate functional understanding of the solution components. 

Therefore, innovating electrolyte systems with increased thermal and electrochemical stability, 

and understanding the nature of solvent behavior in mixed electrolytes, are relevant issues in 

battery development. 

Organosilicon solvents for battery electrolytes, developed by Silatronix, Inc. with the 

University of Wisconsin-Madison, have demonstrated improved oxidative stability, reduced 

gassing, and increased thermal stability. This dissertation investigates the mechanisms and 

structure-function relationships between organosilicon solvents for lithium-ion batteries and 

their superior thermal and electrochemical stability, in addition to quantifying competitive 

solvation in mixed organosilicon-carbonate electrolytes.  

We studied a series of organosilicon electrolytes with differing nitrile, glycol, and 

fluorine functional substituents to understand the structural origins of thermal stability. The 

thermal and hydrolytic stability of organosilicon and carbonate solvents with LiPF6 was probed 

by storage at high temperatures and with added water. Quantitative monitoring of organosilicon 

and carbonate electrolyte decomposition products over time using Nuclear Magnetic 
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Resonance (NMR) spectroscopy revealed mechanisms of degradation and led to the discovery 

of a key PF5-complex that forms in organosilicon electrolytes to inhibit further salt breakdown.  

Next, we investigated organosilicon nitrile-based electrolytes for lithium-ion batteries 

at highly anodic potentials to gain a mechanistic understanding of electrochemical stability. 

Voltammetry shows superior intrinsic oxidative stability of electrolytes with organosilicon 

nitrile solvents compared to carbonate solvents against inert platinum electrodes. Studies on a 

series of nonfluorinated to trifluorinated organosilicon nitriles demonstrate that fluorination at 

the silicon atom decreases the electrolyte oxidation potential. Density functional theory (DFT) 

calculations, NMR spectroscopy, and x-ray photoelectron spectroscopy (XPS) analyses were 

used to determine the mechanisms of stability and understand the trend of fluorination and 

oxidation potential. DFT and NMR showed that the preferred oxidation pathway is a coupled 

fluorination-oxidation resulting in Si-C bond cleavage to form a fluorosilane in solution, and 

XPS showed that a thin (<4 nm) nitrogen-containing surface film forms simultaneously. Our 

results suggest a self-limited surface film forms at moderate oxidizing potentials in 

organosilicon nitriles that inhibits further oxidation and enables high-potential stability.  

Finally, we investigated the nature of lithium solvation in organosilicon (OSN) and 

mixed OSN-ethylene carbonate (EC) and OSN-diethyl carbonate (DEC) electrolytes. DFT, 

FTIR, and NMR were used to analyze how the degree of lithium coordination of each solvent 

changes with the addition of a second solvent species, and to begin to quantitate the degree of 

lithium solvation and percentage of each solvent component involved in the solvent shell. The 

relative degree of ionic dissociation in different electrolyte mixtures was also calculated 

through diffusion NMR measurements. The FTIR and NMR results agreed that the carbonate 

composes a greater fraction of the solvation shell than the organosilicon in binary electrolytes, 

with EC a strong majority in the solvation shell (63% in 1:1 mol:mol EC:OSN) and DEC 

sharing the solvation shell more with OSN (57% DEC in 1:1 mol:mol DEC:OSN). Despite a 
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lower solvation shell contribution, OSN is still present in the solvation shell (5-8%) even when 

only 9 mol% of the solution composition. Furthermore, addition of OSN to the carbonate 

electrolytes increases ionic dissociation and decreases the solvation number, showing that OSN 

has a significant impact on the solvation properties. These studies unveil the subtleties of 

analyzing even simple electrolyte solutions and provide a foundation of techniques and 

solvation structure that can be used in understanding electrolyte systems of greater complexity 

and application. 

This work advances the fundamental understanding of novel organosilicon-containing 

lithium-ion electrolytes, to enable their use in high-performance batteries, and the rational 

design of future ultra-stable functional organosilicon solvents and additives. 
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 Chapter 1: Background and Introduction  

1.1 Lithium-ion battery overview 

 As the energy storage needs of today’s society increase, there is a corresponding need for 

the development of higher-power, longer-lasting, more stable battery technologies. Lithium-ion 

batteries (LIBs) are currently the technology of choice to meet the majority of the energy needs 

for mobile electronics1-2 and electric vehicles2-3 due to their high potentials and high gravimetric 

capacity.4 The first announcement of commercial lithium-ion technology was by Sony in 1991,2,5-

6 and since then has been adopted world-wide.  

Lithium-ion batteries are secondary (reversible) batteries that operate by establishing a 

potential gradient due to the intrinsic chemical potential difference between two solid materials 

(electrodes) separated by a lithium-ion-conducting material (electrolyte). In the discharging state, 

the negative electrode (defined in LIBs as the anode) will undergo oxidation, releasing lithium into 

the electrolyte and passing electrons through the current collector into an electrical connection. 

Lithium is transported to the positive electrode (cathode) through the electrolyte, concurrent with 

the transport of electrons from the anode electrode externally through an electrical circuit. The 

movement of these electrons from the anode produce electrical energy by routing their transport 

through an electrical load (Figure 1.1). An essential characteristic of LIBs is their ability to reverse 

this process during charging when an electricity source is supplied, such that the battery can 

undergo many charge/discharge cycles over a long period of time. 

The choice of lithium-ion for many energy needs is motivated by LIBs’ high-voltage and 

high-capacity capabilities, which lead to high energy density cells.7 The theoretical voltage of the 

battery, Vcell, is determined by the difference in chemical potentials between the anode and cathode 

(Equation 1.1).  
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Vcell = Vcathode – Vanode      (1.1) 

The strong reducing power of lithium at -3.04 V vs SHE facilitates the development of high voltage 

batteries based on lithium chemistry. Today, technological advances have resulted in the 

development of high-voltage LIBs that operate at 4.5 V vs Li/Li+ and above.8-11 Many energy 

applications have a need for batteries that have a high energy-to-weight ratio, which is provided 

by the intrinsically high gravimetric capacity of lithium at 3850 mAh/g.12 The theoretical capacity 

of a full battery cell is defined by the amount of charge that can be stored in the limiting electrode 

through Faraday’s Law (Equation 1.2). Here, Ccell is the battery capacity in units of mAh/g, z is the 

number of electrons passing per molecular weight of the cathode material (for electrodes other 

than lithium metal, this is the stoichiometric amount of lithium in the fully lithiated electrode 

material), F is Faraday’s constant 96485 C mol-1, and m is the molecular weight of the active 

electrode material in g mol-1. 

Ccell (mAh/g) = 
∗ ∗

∗
      (1.2) 

Additional important characteristics of the battery are cycle lifetime (ability to withstand 

capacity, voltage fade over time or over many cycles) and safety (minimization of flammability, 

reduction of short circuits). For all these properties, the electrolyte plays an integral role in the 

ultimate battery metrics, performance and safety. 
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Figure 1.1 Mechanism of electrical energy generation from a discharging lithium-ion battery 

1.2 Electrolytes for lithium-ion batteries  

The electrolyte has several key characteristics that can determine battery performance. In 

the solution bulk, the conductivity of an electrolyte is a major factor in the availability of lithium 

ions to carry and store charge.13 The thermal stability of the electrolyte is also an important 

parameter to consider. High temperatures or small amounts of water result in cascades of catalytic 

electrolyte degradation processes.14-15 When the solvated lithium ion reaches an electrode 

interface, the desolvation energy of  the lithium has been determined to be the rate limiting step of 

lithium intercalation into the graphite anode, in turn limiting battery charging rates.16 Also at this 

electrode-electrolyte interface, the electrolyte components are exposed to high electrochemical 

potentials that lead to solvent and salt degradation, forming surface films that further impact 

resistivity of lithium intercalation, in addition to resulting in capacity loss from trapped lithium.17 

Therefore, beyond economic considerations, the ideal material properties of lithium-ion battery 

electrolytes are i) high conductivity; ii) resistance to thermal degradation; and iii) wide 

electrochemical window of stability. 

e- e- 

e- 

Lithium cobalt oxide Graphite 
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Table 1.1 Physical and Electrochemical Properties of Cyclic and Linear Carbonates 

 

 

In commercial lithium ion batteries today, the most common electrolyte system is a 

combination of linear and cyclic carbonates with lithium hexafluorophosphate (LiPF6) as the 

lithium salt. Table 1.1 shows some examples of cyclic and linear carbonates with their 

corresponding molecular weights, dielectric constants, melting points, flashpoints, densities, 

oxidation potentials, and reduction potentials. Examples of cyclic carbonates include ethylene 

carbonate (EC) and propylene carbonate (PC).18 Linear carbonates can include dimethyl carbonate 

(DMC), diethyl carbonate (DEC), and ethyl methyl carbonate (EMC). The choice of LiPF6 as the 

lithium salt is motivated by its high ionic dissociation and high salt solubility, as well as its stability 

against corrosion of the aluminum current collector typically used for the cathode.19 
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Figure 1.2 Thermal degradation in lithium hexafluorophosphate-carbonate electrolytes 

1.2.1 Thermal stability of electrolytes 

The thermal stability of LiPF6 has long been known to be poor in carbonate solvents. At 

even moderately elevated temperatures, LiPF6 will dissociate into LiF and PF5, the latter a strong 

Lewis acid that reacts with trace amounts of water and initiates a catalytic cycle of degradation 

that produces HF, alkyl fluorides, fluorophosphates, fluorophosphate esters, and gases such as 

ethylene and carbon dioxide (Figure 1.2).15,20-21  

The poor thermal stability LiPF6 is a major concern in battery performance and safety for 

several reasons: i) the loss of capacity due to the irreversible trapping of lithium as insoluble LiF;22-

23 ii) HF-induced degradation of the metal oxide cathode;24-25 and iii) the danger of gaseous 

products within the battery cell due to the potential for explosion in combination with a flammable 
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electrolyte.26-28 Therefore, there is a need for electrolytes or electrolyte additives that can mitigate 

the thermal degradation of LiPF6.   

1.2.2 Electrochemical stability of electrolytes 

The theoretical voltage of the battery is determined by the difference in chemical potentials 

between the anode and cathode. Due to the desire for high-voltage, high-power battery cells, 

technological advances have resulted in the continuous increase of cell voltage/development of 

batteries that operate at 4.5 V vs Li/Li+ and above. The operating voltage of the battery is in fact 

determined by the electrochemical window of stability of the electrolyte.17, 29 The windows of 

electrochemical stability of 6.2-6.7 V shown in Table 1.1 represent the largest possible 

electrochemical range, against inert glassy carbon or platinum electrodes. In contact with the 

catalytically active complex metal oxide and layered graphite battery-relevant electrode materials, 

the onset of oxidation and reduction can occur at lower oxidation or higher reduction potentials.30  

The formation of passivating surface layers on the electrodes is therefore essential towards 

enabling multiple cycles of a battery cell without excessive consumption of solvent and salt in 

parasitic redox reactions.31 The surface layer formed on the anode is termed the Solid-Electrolyte 

Interphase (SEI), and the layer formed on the cathode is often called the Cathode Electrolyte 

Interphase (CEI). A multitude of electrolyte additives have been developed with the goal of 

creating a highly lithium-ion-conducting, electrically-insulating, chemically and mechanically 

stable SEI.13, 32 Some of the most common film-forming additives include vinylene carbonate 

(VC), fluoroethylene carbonate (FEC), lithium bis(oxalato)borate (LiBOB), and sulfur-containing 

molecules.13, 32 Despite the progress in additive development, the formation of passivating SEI 

layers is rarely ideal, and parasitic electrolytic reactions have been shown to continue even after 

the initial SEI formation cycles.33-34 These results show that to mitigate parasitic, degrading side 
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reactions, the development of advanced a high-electrochemical-stability solvents or additives is 

necessary for the future performance improvements of lithium-ion batteries. 

1.3 Organosilicon electrolytes for lithium-ion batteries 

Organosilicon solvents have shown promise as enhanced-stability, low-flammability 

solvents for lithium-ion battery electrolytes. Relative to carbonates, organosilicon-based 

electrolytes have a wider electrochemical window of stability, higher flash points than linear 

carbonates, reduced gas evolution, and comparable viscosities and conductivities.35-37 In 2007, the 

start-up company Silatronix, Inc. was developed on the foundation of this organosilicon 

technology, and all science research on organosilicons since that time has been the product of a 

continuing collaboration between UW-Madison Chemistry and Silatronix, Inc. Zhang et al. 

demonstrated that the Si atom in siloxane glycols imparted greater oxidative stability when 

compared with analogous carbon and germanium molecules (Figure 1.3).25 Moreover, silicon-

containing glycols exhibited impressive hydrolytic stability even at 20% v/v added water when a 

propyl spacer was added between the silicon and electronegative functionality.36 Previous studies 

showed that organosiloxane (R3Si-OR) electrolytes exhibit good stability, with only minor 

decomposition of organosiloxane with 1M LiPF6 up to 100 °C.17 Yet, some degradation was 

observed arising from hydrolysis of the Si-O bond.  More recent studies showed that increased 

resistance to hydrolysis could be achieved by introducing a short alkyl linker (R3Si(CH2)n-OR) and 

using LiTFSI instead of LiPF6.36 The prior studies of organosilicon-based electrolytes suggest that 

the thermal and hydrolytic stability can be improved through changes in the molecular structure.  
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Figure 1.3 Silicon-containing glycol molecules demonstrate higher oxidative stability than their 

germanium or carbon analogues35  

 

 

Figure 1.4 Scope of Organosilicon Solvents Studied in this dissertation 

 

1.4 Scope of thesis 

The continuing need for high-energy, longer-lasting energy storage is driving the 

development of new battery materials that can facilitate high-capacity, high-voltage, long-lasting 

devices while not failing under extreme electrochemical and thermal stresses of these demanding 

requirements. Organosilicon electrolytes represent a promising new electrolyte system that could 
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enable the next generation of lithium-ion battery technology. However, the fundamental origin of 

thermal, electrochemical, and solvation properties of organosilicon-based electrolytes has never 

been investigated on a molecular level until now. 

Chapter 2 explores the structure-function relationship between organosilicon solvents for 

lithium-ion battery electrolytes and their thermal stability compared with conventional carbonate 

electrolytes.38 The organosilicon electrolytes studied include molecules with a nitrile or glycol 

terminal substituent, as well as, within the nitrile-containing molecules, a series of molecules with 

varying fluorination at the silicon atom. This series of organosilicon solvents, formulated as an 

electrolyte with 1 M LiPF6, was used to understand the impact of different molecular moieties on 

thermal stability. The electrolytes of interest were treated to 100 °C and the thermal degradation 

species were analyzed and monitored by nuclear magnetic resonance spectroscopy (NMR) over 

the course of several weeks. The products of thermal degradation were used to map out a 

mechanism of LiPF6 thermal protection in organosilicons that explains the superior thermal 

stability of organosilicon electrolytes relative to carbonate electrolytes. 

In Chapter 3, we discuss the electrochemical stability of organosilicon-based electrolytes, 

and the relationship of this property to the structure of the organosilicon solvent molecule. This 

study looked at the impact of fluorination at the silicon atom for organosilicon nitrile solvents. 

Electrochemical properties were assessed with voltammetry, while the molecular origin of the 

observed electrochemical behavior was determined by a combination of density functional theory 

(DFT) calculations, NMR analyses of oxidation degradation products, and x-ray photoelectron 

spectroscopy (XPS) analysis of the electrode surface species. The impact of fluorination at the 

silicon atom is found to significantly impact the oxidative stability of organosilicon nitriles. 

Regardless of the degree of fluorination, the oxidative stability of organosilicon electrolytes is 
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significantly higher than the carbonate electrolyte studied. This high oxidative stability was 

attributed to the formation of a thin, nitrogen-containing protective electrode surface film at a 

moderate oxidizing voltage that inhibited further oxidative degradation of the electrolyte.  

Chapter 4 covers an investigation of the nature of the lithium solvation sphere in 

organosilicon-containing electrolytes. We use DFT calculations, Fourier Transform Infrared 

Spectroscopy (FTIR), and NMR to understand lithium solvation in single solvents (ethylene 

carbonate [EC], diethyl carbonate [DEC], monofluorinated organosilicon nitrile [1F-OSN]) and 

how solvation changes in mixed EC/1F-OSN and DEC/1F-OSN electrolytes. These data show that 

addition of organosilicon to DEC in a mixed electrolyte allows for greater ion dissociation, and 

solvation of the lithium ion is shared by DEC and 1F-OSN with a greater fraction of DEC. Mixtures 

of EC and 1F-OSN show EC is more significantly the major component in the solvation shell, but 

with a solvating fraction of 1F-OSN resent even when at <10 mol% of the solution composition. 

Implications of the organosilicon impact on solvation in mixed solvents and future directions in 

the correlation between solvation behavior and electrolyte battery performance are discussed. 

This dissertation attempts to uncover the structure-function relationships between 

organosilicon solvents for lithium-ion batteries and their superior thermal and electrochemical 

stability, and to further combine these findings with studies of mixed-solvent solvation to 

understand the behavior and impact of organosilicon solvents as single solvent, co-solvent, and 

additive components of high performance lithium-ion battery electrolytes. 
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Chapter 2. Thermal and hydrolytic decomposition mechanisms of organosilicon 
electrolytes with enhanced thermal stability for lithium-ion batteries 

 

2.1 Introduction  

As the ubiquity of portable electronics and electric vehicles increases, the need for high-

capacity energy storage devices grows correspondingly. The high energy density of lithium-ion 

electrochemistry have established these batteries at the forefront of meeting these growing energy 

storage needs.1-4   

Despite their promise as energy storage devices, several challenges remain to fully optimize 

the performance and safety of LIBs. The most commonly used electrolyte is composed of lithium 

hexafluorophosphate (LiPF6) salt and a blend of carbonate solvents, together with additional 

additives to stabilize the electrode surfaces. These solvents, particularly dimethyl carbonate, have 

high vapor pressures and low flash points, presenting a flammability hazard.5, 6 Studies have also 

shown that cycling at elevated temperatures leads to capacity fade and performance degradation.7-

10 The thermal instability of carbonate- and LiPF6-based electrolytes is a significant obstacle to 

achieving longer performance lifetimes and safer battery operation. Despite these drawbacks, 

LiPF6 is the industry standard lithium salt because of its low cost, high solubility in organic 

solvents, and absence of corrosion when in contact with aluminum, which is typically used as the 

cathode current collector.11 

Often, the electrolyte degradation at elevated temperatures is initiated by protic impurities 

such as trace amounts of water. The water may come from incomplete drying of the electrolyte or 

from atmospheric absorption, due to the highly hygroscopic nature of LiPF6.12, 13 It is generally 

accepted that decomposition of LiPF6 initiates with the formation of lithium fluoride (LiF) and 

phosphorus pentafluoride (PF5) followed rapidly by reaction of PF5 with water to form 



15 
 

 

trifluorophosphine oxide (POF3) and hydrofluoric acid (HF).13 These (shown in Equation 2.1) can 

continue to react in the electrolyte with trace amounts of water and with solvent molecules in a 

catalytic cycle that leads to decomposition of the solvent and salt in amounts far exceeding the 

amount of water originally present. It is thus important to design an electrolyte with resistance to 

decomposition at elevated temperatures and in the presence of water to enable electrolyte systems 

with improved safety and performance. 

Organosilicon solvents have shown promise as enhanced stability, non-flammable solvents 

for lithium-ion battery electrolytes. Relative to carbonates, organosilicon-based electrolytes have 

a wider electrochemical window of stability, higher flash points, reduced gas evolution, and 

comparable viscosities and conductivities.14-16 Previous studies showed that organosiloxane (R3Si-

OR) electrolytes exhibit good stability, with only minor decomposition of organosiloxane with 1 

M LiPF6 up to 100 °C.16 Yet, some degradation was observed arising from hydrolysis of the Si-O 

bond.  More recent studies showed that increased resistance to hydrolysis could be achieved by 

introducing a short alkyl linker (R3Si(CH2)n-OR) and using LiTFSI instead of LiPF6.15 The prior 

studies of organosilicon-based electrolytes suggest that the thermal and hydrolytic stability can be 

improved through changes in the molecular structure. However, to achieve rational design of 

improved molecules it is necessary to have an improved understanding of the fundamental 

pathways of electrolyte thermal decomposition. In this study, we have used NMR spectroscopy to 

identify the molecular-level mechanisms of decomposition of organosilicon electrolytes. With a 

silicon headgroup and three-carbon linker as the base structure, we investigate the impact of glycol 

or nitrile functional tail groups and the extent of fluorination of the silicon headgroup on thermal 

hydrolysis. We use the decomposition of a standard carbonate electrolyte under the same 

experimental conditions as a benchmark for these results. Our results demonstrate that dramatic 
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improvements in thermal and hydrolytic stability can be achieved through specific modifications 

of the organosilicon molecular structure. 

2.2 Materials and Methods 

2.2.1 Chemicals 

Ethylene carbonate and diethyl carbonate were purchased from SoulBrain. Lithium 

hexafluorophosphate was purchased from BASF. All organosilicon compounds were received 

from Silatronix. Added water was from a NanoPure system (≥ 18.0 MΩ-cm).  

2.2.2 Thermal stability and NMR analysis 

Samples for NMR analysis were prepared in an argon-atmosphere glovebox. The samples 

were filled in FEP 5 mm tube liners (Wilmad LabGlass). The liners were then heat-sealed and 

placed in 9” 5mm standard NMR tubes. The tubes were transferred to a vacuum manifold using 

air-free NMR tube-Schlenk line adapters, and the NMR tubes were carefully flame-sealed. Flame-

sealing the liners at the same time as the NMR tubes resulted in various FEP decomposition 

products visible in the 19F-NMR spectra. These peaks disappeared with the addition of the liner 

heat-sealing step before flame-sealing. Heated samples were stored in an oven at 100 °C. Storage 

at 100 °C for more than a week causes some of the carbonate samples to explode, so all samples 

were wrapped with aluminum foil for safety. Samples were analyzed with a Bruker Avance III 500 

MHz spectrometer using a CryoProbe ProdigyTM probe or BBFO PLUS probe. All spectra were 

referenced using a substitution reference standard of 1% TMS in CDCl3 and processed with 

MestreNova 9.1.0. The calibration was applied by absolute referencing. The decomposition of 

LiPF6 was quantified by setting the 19F-NMR peak integration of PF6‾ to 6 and subsequently 

integrating the peaks of all downstream decomposition products of PF6‾ (fluorophosphates and 

alkyl fluorophosphates), normalizing each peak integration by the number of fluorines of the given 

species. Since the initial concentration of LiPF6 is 1 molar, the concentration of PF6‾ in mol % was 
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calculated by dividing 1 M by (1 + sum of integrations of all PF6 decomposition products) and 

multiplying by 100. The concentration of any PF6 decomposition species can be calculated in 

mol % by dividing the integration of the given species (normalized by number of fluorines) by (1+ 

sum of integrations of all PF6 decomposition products) and multiplying by 100. This method of 

calculating concentration assumes that all PF6‾ decomposition products are visible in the solution-

phase 19F-NMR. The quantification of decomposition uses the integration of the NMR peaks, 

which for the fluorine spectrum reliably allows a detection limit of a peak that is at least 0.01% of 

the LiPF6 peak. Given that the decomposition species LiF is known to precipitate out of solution, 

and decomposition species POF3 and HF could exist in the system as gases, the calculations 

provide best estimates of the concentration in mol %. The quantitation may therefore slightly 

underestimate the extent of decomposition; this would be the case for all samples studied. The 

vertical axis expansion of the 19F-NMR spectra figures are all reported relative to the spectrum 

normalized to the LiPF6 peak. 

2.3 Results and Discussion 

The goal of this study was to identify how specific molecular structural changes influenced 

the decomposition of organosilicon-based battery electrolytes under conditions of elevated 

temperature and added water. The thermal decomposition of the novel organosilicon solvents 1-4 

shown in Figure 2.1 has not been investigated previously. To provide a benchmark for these 

samples, we utilized the same conditions to study the decomposition of the industry-standard 

electrolyte solvent system diethyl carbonate (DEC)/ethylene carbonate (EC) (3:7 by volume). We 

used 1H-, 13C-, 19F-, and 31P-NMR spectroscopy to analyze the solution-phase decomposition of 

carbonate and organosilicon samples. We stored electrolyte samples at 100 °C for up to 20 days 

and tested the effects adding 1000 ppm (v/v) excess water, with control samples having no added 
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water. We also performed similar experiments at room temperature and found that the major 

products observed at elevated temperature were also observed in smaller amount after storage at 

room temperature. Because many of the products are present at low concentrations that yield 

signals near the detection limit of NMR, we present here primarily the results at elevated 

temperature where concentrations can be more accurately determined. Our results indicate that the 

same products are formed at both temperatures, but the use of elevated temperatures to accelerate 

the decompositions leads to concentrations more readily detectable by NMR. Similarly, while an 

intact battery would typically have water concentrations <30 ppm, the introduction of higher 

amounts of water accelerates the reactions and makes the products more clearly detectable. 

2.3.1 Organosilicon electrolytes decomposition 

Figure 2.1 shows the organosilicon solvents 1-4 in this study and highlights the different 

structural features under investigation. Each electrolyte was formulated as a single solvent with 1 

M LiPF6, and the formation of thermal degradation products over time was monitored by storage 

at 100°C and periodic NMR spectroscopy analyses for ~20 days. While previous work suggested 

that adding an alkyl spacer between the Si atom and the glycol group (as in compound 1) reduced 

decomposition,14 the influence of the Li-chelating R tail group and of fluorination of the Si atom 

on stability have not been investigated. To assess the importance of these structural features on the 

thermal stability of these electrolytes, we compared electrolyte solvents 1 (3-[diethylene glycol 

monomethyl ether]propylfluorodimethylsilane) and 3 (3-cyanopropylfluorodimethylsilane) to 

probe the differences between glycol vs nitrile tail functional groups respectively. A comparison 

of cyanopropylsilanes bearing trimethyl silicon (2), monofluorodimethyl silicon (3) and 

difluoromonomethyl silicon (4) groups was used to determine the impact of silicon fluorination on 

thermal decomposition mechanisms. 
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The storage of carbonate electrolytes at elevated temperatures results in the appearance of 

new peaks in the spectra of 1H, 13C, 19F, and 31P-NMR indicative of electrolyte reactions and the 

formation of new products.12, 13, 17 We used 19F and 31P spectra to identify and quantify all 

degradation products formed from breakdown of the PF6‾ anion, since all downstream products of 

PF6‾ degradation must contain one of these nuclei. Each product was identified using its chemical 

shift, multiplet splitting pattern, and spin-spin coupling constant, and by correlating splittings and 

peak areas between 19F and 31P spectra across many different samples and experimental conditions.  

2.3.1.1 Impact of organosilicon tail group on thermal stability  

 Both glycol and nitrile organosilicons were initially formulated with 1 M LiPF6. PF6‾ 

appears in organosilicon electrolytes as a doublet in 19F at -71.9 ppm, with a phosphorus-fluorine 

coupling constant of 710 Hz, and a septet in 31P at -144.1 ppm (JP-F = 710 Hz). Prior to any thermal 

treatment and/or intentional addition of water, each sample was analyzed as-formulated. Table 2.1 

summarizes the identifying features of each fluorine-containing species in the as-formulated and 

thermally treated sample. Note that while fluorophosphates are reported here as anions, they are 

likely involved in an equilibrium between the protonated and deprotonated forms.13 Our results 

show that for all common degradation species, the chemical shift of the same species changes only 

minimally (< 1.5 ppm difference) between the different organosilicon electrolyte solutions 1-4. 

The as-formulated electrolyte solution of 1 has three small 19F doublets arising from initial 

decomposition products. The first doublet at -83.2 ppm (JP-F = 928 Hz) has a corresponding 31P 

triplet with the same coupling constant. Based on the triplet phosphorus splitting (indicating a 

difluorinated species) and chemical shifts previous reported for this species,12, 13, 18 we attribute 

these peaks to PO2F2‾. The third doublet at -89.0 ppm correlates to a quartet in 31P, and we therefore 

assign this to the trifluorophosphine oxide POF3. The as-formulated electrolyte solution of 3 also 
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had two sets of doublets; we attribute these features to PO2F2‾ and POF3 respectively, due to their 

correspondence of chemical shift and coupling with the peaks in electrolyte 1. The presence of 

these fluorophosphates indicates that trace amounts of water were present in the as-formulated 

electrolyte and induced decomposition of minor amounts (< 0.4%) of the PF6‾ before any thermal 

treatment or intentional addition of water. The presence of trace amounts of water in electrolytes 

in unavoidable and has also been reported in previous studies of carbonate electrolytes.13, 19 The 

source of this water may come from both the solvent and the salt, as LiPF6 is known to be highly 

hygroscopic and the solvent requires drying after synthesis.  

 Figure 2.2 shows the 19F-NMR spectra of electrolytes 1 and 3 after the addition of 1000 

ppm (v/v) water and storage at 100°C for three weeks. Electrolyte 1 (Figure 2.2a) shows an 

increase of the PO2F2‾ peak and simultaneous disappearance of the POF3 peak, indicating the 

successive hydrolysis of PF6‾ degradation products. The formation of these fluorophosphates 

indicates progressive hydrolysis of PF6‾ via the reactions 1-3. LiPF6 dissociates to form the 

reactive Lewis acid PF5. PF5 reacts with water to form POF3, which reacts further with water to 

form the fluorophosphate PO2F2‾. This mechanism is consistent with the known hydrolysis 

mechanisms of PF6‾ with water in carbonate solvents.12, 13, 19, 20 In contrast, electrolyte 3 (Figure 

2.2b) shows only minimal growth of the PF6‾ decomposition peaks, and even after three weeks of 

thermal treatment with excess added water, there is still POF3 present that has not been 

hydrolyzed to PO2F2‾. 

LiPF6  LiF + PF5 (2.1) 

PF5 + H2O  POF3 + 2HF (2.2) 

POF3 + H2O  HPO2F2 + HF (2.3) 
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After identifying all PF6‾ degradation products, we compared the extent of PF6‾ decomposition 

between 1 and 3.  The decomposition of PF6‾ in the 19F spectra was quantified by integrating the 

NMR peak areas of all the PF6‾ decomposition products. To interpret the data in terms of 

concentrations of different chemical species, the peak of each species was normalized to the 

number of F atoms in the species, via the equation: 

Concentration of species 𝑖 mol/L  X

A
n

∑
A
n

                                                                     2.4  

where Ai is the NMR peak area corresponding to species i and ni is the number of fluorine atoms 

of species i. Species p are PF6‾ and all its fluorophosphate decomposition products; since the initial 

concentration of PF6‾ is 1 molar, dividing the normalized area of any species i by this sum gives 

the concentration of species i in mole/L. Given the small headspace of the sealed NMR sample 

tube, we assume that the loss of fluorophosphate products to the gas phase is negligible relative to 

the concentration remaining in solution. There is no evidence of the complete hydrolysis of 

fluorophosphates to form phosphoric acid/phosphate ion in the 31P-NMR (singlet near 0 ppm),21, 

22 therefore the complete quantification of PF6‾ degradation can be achieved through the 19F 

spectra. 

Figure 2.3 shows the concentration of PF6‾ in solvents 1 and 3 as a function of time while 

stored at 100°C; data are shown for as-formulated samples (with no water added, Figure 2.3a) and 

samples with 1000 ppm (v/v) added water (Figure 2.3b). Multiple trials are shown to demonstrate 

the reproducibility of thermal decomposition for each sample. For both organosilicon electrolytes 

1 and 3 in Figure 2.3a, PF6‾ shows exceptional thermal stability for the as-formulated sample (< 

5% decomposition). For the sample with water added (Figure 2.3b), organosilicon glycol 1 shows 
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5-10% decomposition of PF6‾ during the first 330 hours of storage at 100°C. In organosilicon 

nitrile 3, the decomposition of PF6‾ is significantly less, with a concentration loss of less than 4%. 

The PF6‾ decomposition in organosilicon glycol 1 is therefore more sensitive to water 

concentration than organosilicon nitrile 3.  

In addition to hydrolysis of the PF6‾ anion, we investigated the thermal and hydrolytic 

reaction mechanisms of the solvents themselves. Every solution-phase species resulting from 

solvent reactions can be observed and identified with a combination of 1H, 19F, and 13C-NMR 

spectroscopy.  

Glycol tail group decomposition mechanisms 

 Molecules with glycol functionalities have been investigated previously as battery 

electrolyte solvents due to the ability of the oxygen lone pairs to chelate lithium ions, enhancing 

electrolyte conductivity.23, 24 Furthermore, the flammability of these solvents can be tuned by the 

number of alkyl ether groups in the glycol chain, with an increasing chain length corresponding to 

a higher solvent flashpoint.24 Zhang et al. showed that organosilicon glycols also have enhanced 

conductivity and reduced flammability compared with carbonate solvents.14, 15 

Figure 2.4a shows the 19F-NMR spectra of solvent 1 + 1 M LiPF6 + 1000 ppm (v/v) water, 

in the case immediately after water addition and after the samples were stored at 100°C for two 

weeks. Figure 2.4b shows the corresponding 13C spectrum for the latter sample. In Figure 2.4a, the 

as-formulated sample has a primary peak at -160.6 ppm. Based on the silicon satellites and a nonet 

fluorine-hydrogen splitting pattern this peak is assigned to solvent 1.  After two weeks of high 

temperature storage a new septet appears at -130.7 ppm; this splitting indicates a species coupled 

to six hydrogens. From the splitting pattern in 19F and the corresponding triplet that appears 
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concurrently at -3.7 ppm in the 13C spectrum (Figure 2.4b), this species is assigned as 

difluorodimethylsilane. As the only source of silicon is 1, formation of difluorodimethylsilane 

must result from the cleavage of the silicon-methylene bond in 1 and fluorination of the silicon 

fragment. Pentacoordinated silicon species as intermediates in substitution reactions are well-

documented in the literature, particularly when a source of fluoride is present, due to the Lewis 

acidic nature of silicon.25, 26 Based on this precedent, we propose that difluorodimethylsilane forms 

via a hypervalent silicon intermediate as depicted in Scheme 2.1. Due to the structural similarity 

of the byproduct (diethylene glycol propyl methyl ether) to 1, this product would be expected to 

appear in the 13C spectra as a series of peaks with chemical shifts close to those of the main solvent 

peaks. Indeed, the corresponding 13C NMR spectrum in Figure 2.4a shows several small peaks 

(highlighted by arrows) whose chemical shifts are similar to those expected for diethylene glycol 

propyl methyl ether. However, since these peaks would be similar for most alkyl glycol ether 

species,27 specific assignments cannot be determined with certainty. Furthermore, we anticipate 

that any ethylene glycol propyl methyl ether might continue to break down further. This is 

supported by the 13C spectrum (Figure 2.4b) showing the presence of propene. We therefore simply 

conclude that several different alkyl glycol products likely form as breakdown products of 1.   

Figure 2.4b shows the corresponding 13C spectrum for the sample of 1 with added water 

and then stored at 100oC; the 13C spectrum shows a significant new peak at 67.1 ppm. Based on 

known chemical shifts in the literature,28 we assign this peak to 1,4-dioxane. A known method of 

1,4-dioxane formation is through acid-catalyzed intramolecular cyclodehydration.29 Furthermore, 

glycol species similar to 1 have been shown to yield 1,4-dioxane in the presence of an acid 

catalyst.29 The mechanism in that study produces methanol as a side product when a methyl ether 

is the starting reagent. However, we find no evidence of methanol (chemical shift expected at 50 
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ppm)28 in the 13C spectra of 1. In Scheme 2.2, we propose that the formation of 1,4-dioxane 

proceeds via acid-catalyzed intramolecular cyclization of the glycol tail group, which would 

transfer the methyl ether to the silane to give fluoro(3-methoxypropyl)dimethylsilane in addition 

to the dioxane. This product results from transfer of the terminal methyl group to the silane oxygen 

closest to the silicon.  

While the intensity of the 1,4-dioxane peak in Figure 2.4b appears to indicate that the 

concentrations of 1,4-dioxane and 1 are nearly equal (indicating 50% decomposition of the 

electrolyte solvent), the single 1,4-dioxane peak represents four equivalent carbons. While these 

13C spectra are not quantitative, the relative concentration of 1,4-dioxane can be estimated by 

dividing the peak intensity by four. Even considering this qualitative normalization, it is clear that 

the concentration of 1,4-dioxane exceeds that of any other decomposition product in the 13C 

spectrum. We hypothesize that either the formation of 1,4-dioxane from 1 proceeds via several 

different mechanisms or that the other products formed with 1,4-dioxane are unstable and break 

down further. For example, in Figure 2.4b, three small septets appear immediately downfield of 

the peak for 1 in the 13C spectrum. These peaks are consistent with any monofluorodimethyl alkyl 

silane product similar to 1, such as the silane byproduct formed in Scheme 2.2.   

Figure 2.4c shows similar data to 4b, except that the experiment was performed at room 

temperature for 21 days with 500 ppm added water.  In this case the same products are observed 

as in Fig. 2.4b but the concentrations are lower, leading to signal levels that are close to the signal-

to-noise limit of the NMR instrument.  

The above experiments identified two main decomposition mechanisms for the thermal 

degradation of 1. The primary degradation pathway is acid-catalyzed cleavage of the glycol tail 

group to produce 1,4-dioxane, likely by the pathway depicted in Scheme 2.2. A second, minor 
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pathway arises from cleavage of the silicon-fluorine bond, producing difluorodimethylsilane by 

the pathway depicted in Scheme 2.1. These results suggest that the thermal stability of 

organosilicons can be improved by altering the nature of the tail group. 

Nitrile tail group decomposition mechanisms 

 Organic nitrile molecules have previously been investigated for use in battery electrolytes 

because of their high oxidative stability due to the strong electron-withdrawing nature of the nitrile 

substituent.30-32 The electronegative nitrile group also promotes solvation of the lithium ion.31, 33 

These promising properties led us to investigate the thermal stability of organosilicon electrolytes 

with nitrile tail groups, beginning with a comparison of 3 with the analogous glycol molecule 1. 

Figure 2.5a shows the 19F-NMR spectrum of the as-formulated sample of 3 + 1 M LiPF6 

and the same sample after storage at 100 °C for 18 days; Figure 2.5b shows the corresponding 1H-

NMR spectra. A comparison of the as-formulated and heat-treated 19F spectra in Figure 2.5a shows 

that storage at elevated temperatures does not lead to any new peaks. Even when magnified, the 

spectrum does not show evidence for any new products.  The absence of detectable 

difluorodimethylsilane formation shows that the organosilicon nitrile 3 resists the silicon-

methylene bond cleavage suffered by glycol groups (Scheme 2.2). When the Li-chelating group is 

changed from glycol in 1 to nitrile in 3, the silicon-methylene bond therefore becomes less 

susceptible to cleavage at high temperatures.  

While the 19F spectra show that 3 appears to be completely resistant to degradation, the 

corresponding 1H spectra in Figure 2.5b shows storage at high temperatures leads to the appearance 

of at least one new species, which appears as a triplet at 2.72 ppm and peaks that appear to 

correspond to a doublet with individual peaks at 8.3 and 8.6 ppm. This peak separation (~150 Hz) 

is greater than 1H-1H coupling constants, which fall within the range of < 1-45 Hz.34, 35 Although 
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19F-1H or 31P-1H coupling constants could fall in this range (typically 115-140 Hz for JP-H
36 and up 

to 130 Hz for vicinal JF-H
37), the absence of a corresponding peak in the 19F or 31P spectra with the 

same coupling constant excludes this possibility. Consequently, we conclude that the ‘doublet’ is 

likely a set of two singlets. Primary amide hydrogens often appear as a set of two singlets due to 

the partial double bond nature of the carbon-nitrogen bond, making the primary hydrogens 

chemically inequivalent.38 We therefore assign the two singlets to the hydrogens of a primary 

amide, and the triplet at 3.2 ppm to a methylene group primary to carbonyl of an amide (Figure 

2.5b inset). The absence of other visible 1H peaks associated with this amide suggests that they are 

too similar to the corresponding nitrile structure of 3, evidence that the amide forms as a direct 

hydrolysis of the nitrile group of 3 as shown in Scheme 2.3. The concentration of the organosilicon 

amide is too low to be visible in the 13C spectra.  As Figure 2.5a shows, no additional fluorine 

species are seen in 19F spectrum; we hypothesize that the fluorine peaks of 3 and its amide analog 

are too close to resolve due to their structural similarities. Despite the small amount of amide that 

is formed, Scheme 2.3 is important in understanding electrolyte decomposition processes in 

electrolyte 3. This reaction provides an alternative mechanism for the consumption of water, which 

may explain the decreased decomposition of PF6‾ seen in Figure 2.3 for the nitrile organosilicon 

electrolyte. Similar experiments show that 1,4-dioxane and difluorodimethylsilane are also 

observed at room temperature but at lower concentrations; this indicates that the pathways outline 

in Scheme 2.3 and Scheme 2.4 are valid at both temperatures, and the primary effect of elevated 

temperature is to accelerates the rates and thereby makes the products more readily detectable.  

In summary, by changing the glycol tail group to the nitrile, the cleavage of the silicon-

carbon bond is eliminated. The nitrile tail group reacts with water to form the corresponding amide, 

resulting in less PF6‾ hydrolysis than in the glycol electrolyte. These results show that the nature 
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of the tail group of these organosilicon solvents significantly impacts the extent and mechanisms 

of electrolyte decomposition, and suggest that further variation of the solvent structure can effect 

additional tuning of the thermal properties. 

2.3.1.2 Impact of organosilicon fluorination on thermal stability 

Fluorination of organic molecules such as carbonates, esters, and ethers have been shown to 

stabilize the highest-occupied molecular orbital (HOMO) levels of these compounds, resulting in 

greater stability against oxidation.39, 40 

The effect of fluorination of the silicon atom on solvent stability was investigated by 

comparing the stability of the non-fluorinated solvent 2 with the mono-fluorinated compound 3 and 

the difluorinated solvent 4. The fluorinated electrolytes 3 and 4 both show the same fluorophosphate 

decomposition products observed for the non-fluorinated molecule (3, Figure 2.2b).  Figure 2.6 

shows the mole % PF6 remaining in all three nitrile-based electrolytes (3-5). All three nitrile-based 

electrolytes show < 5% PF6 decomposition even after more than 400 hours stored at 100 °C. 

Furthermore, the comparison of Figure 2.6a and 2.6b show that electrolyte systems with solvents 2-

4 did not show any significant change upon intentional addition of 1000 ppm (v/v) water. Thus, we 

conclude that the protection of PF6‾ against degradation via thermal hydrolysis (Equations 2.1-2.3) 

occurs for organosilicon nitrile solvents regardless of the extent of silicon fluorination. 

Figure 2.7 shows the 19F-NMR spectra of difluorinated electrolyte 4 before and after storage 

at 100oC for 19 days. These spectra are focused on the organosilane region of the chemical shift 

range. The main peak is a sextet at -135.5 ppm (Figure 2.7a inset) with silicon satellites and split by 

the methyl and methylene groups adjacent to the silicon. This peak has the expected splitting and 

chemical shift for the solvent 4 fluorine peak. Identical to 3 in Figure 2.5, no new peaks are observed 

when 4 is stored at high temperature, indicating the absence of detectable silicon-methylene bond 
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cleavage. Figure 2.8 shows the same chemical shift region for electrolyte 2. Since 2 is non-

fluorinated, there should be no peaks in this region. However, even in the as-formulated sample in 

Figure 2.8a, there is a significant nonet peak at -161.3 ppm and a small peak at -156.7 ppm. The 

peak at -161.3 has silicon satellites and the identical line shape and chemical shift as 3 and was 

therefore assigned as such, indicating that the mono-fluorinated analog of 2 (which is species 3) is 

an impurity found as low levels in the pristine solution of 2. The small peak at -156.7 ppm in Figure 

2.8a could not initially be identified, but after the growth of this species at high temperatures (Figure 

2.8b) it is clearly split into a multiplet by nine coupled hydrogens and has silicon satellites. From the 

chemical shift and multiplicity we assign this species as fluorotrimethylsilane, an assignment that is 

confirmed by NMR reports in the literature.41 In addition to an increase in the presence of 

fluorotrimethylsilane, storage at 100 °C results in an increase in fluorination of 2 (as evidenced by 

growth of the peak assigned to 3) and appearance of a small amount of dimethyldifluorosilane at -

130.5 ppm. 

The presence of fluorotrimethylsilane indicates cleavage of the silicon-methylene bond in 2, 

while formation of 3 from the fluorination of 2 must result from breaking a silicon-methyl bond. 

Difluorodimethylsilane is a ‘secondary’ decomposition product and could occur either through 

fluorination of fluorotrimethylsilane or fluorination of solvent 3 resulting in silicon-methylene bond 

cleavage. However, the absence of difluorodimethylsilane in the samples of 3 suggests that it forms 

solely from fluorotrimethylsilane. Scheme 2.4 shows the proposed reactions to form the three 

thermal decomposition species of 3, proceeding via penta-coordinated siliconate intermediates as 

proposed in Scheme 2.1. The driving force for the formation of fluorinated organosilicons might be 

the greatly increased stability of the silicon-fluorine bond (~135 kcal/mol) relative to silicon-carbon 

(~70 kcal/mol).42 
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From the investigation of varying fluorination of the organosilicon solvents, we observe the 

greater thermal stability of fluorinated electrolytes 3 and 4 over the non-fluorinated organosilicon 

electrolyte 2. There is no apparent thermal stability difference in the mono-fluorinated and di-

fluorinated species under our experimental conditions. 

2.3.1.3 Stabilization of PF5 in organosilicon electrolytes 

 In addition to the peaks assigned to the decomposition species described above, in every 

organosilicon solvent stored at 100 °C, a series of doublet of doublets appears in the chemical shift 

range -58 ppm to -65 ppm. Figure 2.9 shows the 19F-NMR spectrum of 3 + 1 M LiPF6 that has 

been stored at 100 °C for 22 days. Two sets of doublet of doublets appear with large coupling 

constants of 750-780 Hz and small coupling constants of 55-59 Hz. The values of the large 

coupling constants are in a range characteristic of octahedral fluorine-phosphorus species (the 

coupling constant of PF6‾ is 710 Hz).43 Previous studies on PF5 complexed to a sixth electron donor 

ligand has shown the same splitting with similar coupling constants and chemical shifts.18 The 

doublet of doublet lineshape comes from the equatorial fluorines, with a large phosphorus-

equatorial fluorines splitting and a smaller splitting between the inequivalent axial and equatorial 

fluorines. The axial fluorines would have high multiplicity (doublet of quintets) and are often too 

far into the baseline to be observed; only one set of doublet of quintets can be seen in the spectrum 

in Figure 2.9. Based on the similar species reported in literature, we assign these peaks as two 

different PF5 complexes. PF5 complexes were observed in all organosilicon electrolytes 1-4 when 

stored at 100 °C for over 10 days, regardless of added water. Organosilicon nitriles 2-4 have two 

species as seen in Figure 2.9, while organosilicon glycol 1 forms at least four distinct complexes. 

The chemical shifts and coupling constants of these species, labeled ‘PF5 Complex X’, are 

described in Table 2.1. In the nitriles 2-4, we observe formation of a broadened doublet (-85.2 
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ppm) near the PO2F2‾ doublet (-83.6 ppm) at precisely the same rate and quantity as the PF5 

Complex 1 peaks at -59.3 ppm. Based on this species, we assigned PF5 Complex 1 to PF5-PO2F2‾. 

The PF5-PO(OR)F2 complex has been proposed as a reactive intermediate in carbonate electrolytes 

but never observed.12 PF5-PO2F2‾ has also been observed in the synthesis of POF4‾ in CHF3 

solution, but only at temperatures of -140 °C.18 In the case of organosilicon–based electrolytes, we 

hypothesize that the solvent stabilizes the PF5 complexes, which were visible in solution 

throughout the length of this study. Computational studies by Tasaki et al. indicated that the nature 

of the electrolyte solvent can greatly impact PF5 complex formation and stabilization, supporting 

our hypothesis.44 The identity of the electron donor for the second PF5 complex in Figure 2.11 

(‘B’) is still unknown. A number of electron-donating species that occur naturally in the electrolyte 

could form complexes with PF5 including H2O, ethers, fluorophosphates, and nitrogen-containing 

species.17, 18, 45, 46 

The strong Lewis acid PF5 has been hypothesized as the main initiator of electrolyte 

degradation (polymerization, decomposition, and fluorination)(Equation 2.1).20, 47-49 Based on this 

theory, studies have investigated the addition of Lewis bases such as tris(2,2,2-

trifluoroethyl)phosphite, pyridine, hexamethylphosphoramide (HMPA), 

hexamethoxycyclotriphosphazene (HMOPA), or dimethyl acetamide with the intention of 

inhibiting electrolyte degradation. The sequestration of PF5 with these bases proved to be 

successful at significantly enhancing electrolyte thermal stability.16, 17, 47, 50 Following the same 

mechanism postulated by Li et al for the reversible sequestration of PF5 by pyridine, HMPA, and 

HMOPA, Scheme 2.5 shows our proposed mechanism of the reversible formation of a generic PF5 

complex in organosilicon electrolytes. The spontaneous sequestration of PF5 in organosilicons 
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appear to inhibit the reactivity of PF5 and protect PF6‾ from further degradation, resulting in the 

high thermal stability of PF6‾ in organosilicon electrolytes as shown by Figures 2.3 and 2.6. 

2.3.2 Carbonate electrolytes decomposition  

As these organosilicon electrolytes are novel, we needed to benchmark our thermal stability 

studies against a well-known electrolyte system. Towards this end we investigated the thermal 

stability of the binary carbonate electrolyte EC/DEC (3:7, v:v) 1 M LiPF6 during storage of NMR 

samples at 100 °C. The high degree of decomposition in carbonate electrolytes was clear because 

many carbonate sample NMR tubes broke when stored at 100°C, due to increased internal pressure 

in the sealed tubes from the gaseous decomposition products being generated. Figure 2.10 shows 

the 19F and 31P NMR spectra of some of the unbroken carbonate electrolyte samples after storage 

at 100°C for 17 days. The identifying details of the carbonate decomposition species observed in 

the 19F and 31P-NMR are described in Table 2.2, including chemical shifts, coupling constants, and 

splitting patterns.  

After the high-temperature storage, in addition to an increase in PO2F2
‾, a similar 19F 

doublet forms at -85.9 ppm (JP-F = 1006 Hz). The corresponding 31P peaks (identified by the 

corresponding coupling constant) are a triplet of triplets with splitting from two fluorines but also 

coupling with hydrogens (JP-H = 9.7 Hz), consistent with the alkyl fluorophosphate 

PO(OCH2CH3)F2. The remaining three doublets in the 19F spectra are also doublets in 31P, 

indicating monofluorinated species. The 31P doublet with no hydrogen coupling is assigned to 

PO3F2‾, while we assign the double of triplets to PO2(OCH2CH3)F‾ and the doublet of quintets to 

PO(OCH2CH3)2F. The corresponding peaks of these fluorophosphates in 19F are identified by 

corresponding phosphorus-fluorine coupling constants. While it is difficult to assign the peaks to 

all the different possible fluorophosphates with complete confidence, the correlation of 19F and 31P 



32 
 

 

coupling constants and the splitting patterns provide strong evidence for the assignments stated 

above. Furthermore, the chemical shifts and coupling constants of PF6‾, PO2F2‾, PO3F2‾, 

PO(OCH2CH3)2F, PO(OCH2CH3)F2 have been reported previously and our observations agree 

with these known and accepted values, accounting for small chemical shift and coupling constant 

variation due to differences in carbonate composition.12, 13, 20, 51 

 The successive formation of fluorophosphates PO2F2‾ and PO3F2‾ is consistent with the 

known and accepted hydrolysis mechanism of PF6‾ with water (Equations 2.1-2.3), as seen in the 

organosilicon electrolyte 1-4. The alkyl fluorophosphates that appear (PO(OCH2CH3)2F, 

PO(OCH2CH3)F2, PO2(OCH2CH3)F‾ are evidence of the reaction of fluorophosphates with the 

carbonate solvents, as previously reported.12, 20, 51 The mechanism proposed by Campion et al for 

the reaction of a linear carbonate with POF3 produces RF and CO2, where R is the alkyl group on 

the carbonate.12 Both CO2 and CH3CH2F were seen in the decomposition of the binary EC/DEC 

electrolyte. CH3CH2F is also seen in the 19F spectrum in Figure 2.10a at -212 ppm. These species 

suggest the decomposition of carbonates in our system follows the mechanisms shown in Scheme 

2.6. Another alkyl fluoride appears at -226 ppm in the 19F spectrum, with the triplet of quartet 

splitting pattern consistent with an ethylene fluoride substituent (RCH2CH2F). Wilken et al 

observed (PO(F2)(OCH2CH2F)) as a decomposition product resulting from the reaction of ethylene 

carbonate with POF3. While the RCH2CH2F peak in Figure 2.10 would be consistent with this 

species, the lack of a corresponding doublet for the phosphorus fluorides (POF2) suggests that if 

this pathway occurs it is not a major method of decomposition under our experimental conditions. 

The identity of RCH2CH2F and its exact formation mechanism from carbonate breakdown remains 

unknown. The fluorophosphates and alkyl fluoride decomposition species identified confirm that 

these carbonate samples decompose via the mechanisms proposed in previous studies.19, 51  
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The role of water in the decomposition of carbonate electrolytes was investigated by 

preparing samples with 1000 ppm of added water and control samples with no water added. Both 

samples were stored at 100°C. There were no differences in the types of decomposition species 

produced when excess water was added. However, extent of decomposition was increased slightly 

with the addition of water. In the sample with no added water, 30% of the initial concentration of 

LiPF6 decomposed after 450 hours of elevated temperature storage. When water was added, the 

decomposition increased to 40% (Figure 2.11). These results indicate that water contributes to 

carbonate electrolyte decomposition, as further indicated by the observed fluorophosphate 

decomposition species and reaction mechanism described above. The carbonate sample with no 

water added most likely contains trace water impurities from incomplete drying of the electrolyte. 

Figure 2.11 also shows a comparison of the decomposition of LiPF6 in carbonates and 

organosilicons. In both electrolytes 1 and 3, the decomposition of LiPF6 is at most 15% and seems 

to reach a plateau over time. By contrast, in carbonate electrolytes, LiPF6 rapidly decomposes by 

30-40%, and appears to continue to degrade, although we were unable to test the degradation for 

longer experiment times due to the carbonate samples breaking. These data show the significant 

increase in thermal stability of the lithium salt provided by organosilicon solvents over carbonates. 

2.4 Conclusions 

The standard carbonate electrolytes used in lithium-ion batteries have poor thermal 

stability. In this study, organosilicon solvents were shown to be stable against reaction with LiPF6, 

even when stored at high temperatures. Unlike carbonate solvents, the organosilicon 

decomposition mechanisms indicate that the salt and solvent degradations are decoupled, which 

leads in part to the enhanced stability of LiPF6 in organosilicon solvents. Furthermore, the 

formation of PF5 complexes in organosilicon solvents prevents further LiPF6 degradation. The 
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addition of water to organosilicon electrolytes produces only a slight increase in the onset and 

extent of decomposition of LiPF6 but does not introduce new types of decomposition products. 

Investigation of the specific impact of different organosilicon structures showed that a glycol tail 

group is a point of intramolecular attack, while a nitrile substituent is stable against breakdown 

even when stored at high temperatures. Fluorination of the silicon also leads to decreased solvent 

reactions and improved thermal stability. 

Due to species produced at trace concentrations in carbonate and organosilicon electrolytes 

at high temperatures, and the production of gas-phase degradation species which were not analyzed 

in this study, a complete mechanistic and kinetic picture of thermal degradation in organosilicon 

electrolytes could not be achieved. Nevertheless, we have uncovered many important mechanisms 

in the decomposition processes for these novel electrolyte solvents. These studies can aid in the 

future design of organosilicon electrolytes with exceptional thermal stability and improved 

performance in battery cells. Organosilicon molecules represent a promising new class of 

thermally stable battery electrolyte solvents whose thermal stability can be tuned by the nature of 

the molecular substituents. 
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2.5 Figures 

 
Figure 2.1 Structures of the four organosilicon solvents tested in this study. The R tail group 

substituent was either diethylene glycol monomethyl ether (1) or nitrile (2-4). The X and Y 

silicon substituents were methyl or fluorine moieties; the extent of fluorination was increased in 

the order 2 (non-fluorinated), 3 and 1 (monofluorinated), and 4 (difluorinated). 
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Table 2.1 NMR identifying features for all fluorine-containing organosilicon degradation 

products: chemical shifts, coupling constants, and splitting patterns. 

 

1) B represents any unknown Lewis base 

Species 19F ppm, mult (Hz) 
31P ppm, mult 

(Hz) 

1 
-160.6, m 
(JH-F= 7.3) 

- 

3 
-161.3, m 
(JH-F= 6.3) 

- 

4 
-135.5, m 
(JH-F= 6.0) 

- 

PF6‾ 
-72, d 

(JP-F= 710) 
-144, sept 
(JP-F= 710) 

POF3 
-89, d 

(JP-F= 1066) 
-35, quart 

(JP-F= 1066) 

PO2F2‾ 
-84, d 

(JP-F= 930-960) 
-20, t 

(JP-F= 930-960) 

PO3F‾2 
-76, d 

(JP-F= 916) 
-8.29, d 

(JP-F= 916) 

Si(Me3)F 
-156.7, m 
(JH-F= 7.5) 

- 

Si(Me2)F2 
-130.7, sept 
(JH-F = 6.3) 

- 

PF5 complex 1: 
PO2F2PF5 

(equatorial) 

-59.3, dd 
(JP-Feq= 755, JFax-Feq= 55) 

- 

PF5 complex 1: 
PO2F2PF5 

-85.5, d 
(JP-F= 970) 

- 

PF5 complex 2: 
B2PF5 

(equatorial)1 

-63, dd 
(JP-Feq= 778, JFax-Feq= 58) 

- 

PF5 complex 3: 
B3PF5 

(equatorial)1 

-60.0, dd 
(JP-Feq= 747, JFax-Feq= 56) 

- 

PF5 complex 4: 
B4PF5 

(equatorial)1 

-60.4, dd 
(JP-Feq= 742, JFax-Feq= 57) 

- 

PF5 complex 5: 
B5PF5 

(equatorial)1 

-60.2, dd 
(JP-Feq= 749, JFax-Feq= 27) 

-  

HF -182 - -189, s - 
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Figure 2.2 
19

F-NMR of decomposition species formed in a) organosilicon glycol electrolyte 1, 

stored at 100°C for 19 days after adding 1000 ppm of water and b) organosilicon nitrile 

electrolyte 3, stored at 100°C for 22 days after adding 1000 ppm of water. 
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Figure 2.3 Decomposition of LiPF6 in organosilicon electrolytes stored at 100°C with (a) no 

added water and (b) 1000 ppm added water. Organosilicon glycol electrolytes (1 + 1 M LiPF6) 

are light blue square markers (■) and organosilicon nitrile electrolytes (3 + 1 M LiPF6) are 

indigo triangle markers (▼). Quantification of LiPF6 decomposition was calculated as described 

in the Materials and Methods. 
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Figure 2.4 NMR spectra of 1 + 1 M LiPF6: (a) 19F spectrum immediately after addition of 1000 

ppm water (v/v) (top) and the same sample after storage at 100°C for 15 days (bottom). (b) 13C 

spectrum of the same sample after 19 days 100°C storage. Thermal decomposition products are 

highlighted with red arrows. (c) 13C spectrum of sample after 20 days at room temperature 

showing that the same products form, but at lower concentrations leading to NMR signals close 

to the signal-to-noise limit of the measurement. 
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Scheme 2.1 Proposed mechanism of thermal decomposition of 1 to form difluorodimethylsilane. 



41 
 

 

 

Scheme 2.2 Proposed mechanism of thermal decomposition of 1 to form 1,4-dioxane. B 

represents conjugate base of H+. 
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Figure 2.5 NMR spectra of 3 + 1M LiPF6: (a) In the 19F spectrum, no thermal decomposition 

products are seen when comparing the solution immediately after adding 1000 ppm water (top) 

the same solution after storage at 100 °C for 22 days (bottom). (b) In the 1H spectrum, Inset 

shows vertical and horizontal expansion of peaks in 2.5-3.5 ppm and 7.5-9.0 ppm regions, 

evidence of hydrolysis of 3 to organosilicon amide after storage at 100 °C for 10 days. 
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Scheme 2.3 Hydrolysis of 3 to form an organosilicon amide. 
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Figure 2.6 Decomposition of LiPF6 in organosilicon electrolytes stored at 100°C with (a) no 

added water and (b) 1000 ppm added water. Non-fluorinated organosilicon nitrile electrolytes (2 

+ 1M LiPF6) are red triangle markers (◄), monofluorinated organosilicon nitrile electrolytes (3 

+ 1M LiPF6) are indigo triangle markers (▼), and difluorinated organosilicon nitrile electrolytes 

(4 + 1M LiPF6) are yellow triangle markers (▲). Quantification of LiPF6 decomposition was 

calculated by 100 x Equation 2.4. 
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Figure 2.7 19F-NMR spectra (magnified by 5000x) of (a) an as-formulated solution of 4 + 1M 

LiPF6 and (b) the same solution after storage at 100 °C for 20 days. Inset in (a) shows expansion 

of the main peak, representative of both spectra. 
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Figure 2.8 19F-NMR spectra of (a) an as-formulated solution of 2 + 1M LiPF6 and (b) the same 

solution after storage at 100 °C for 10 days. The inset in (a) shows the expansion of the nonet 

peak at -161 ppm, representative of both spectra. (c) shows monofluorosilane concentration 

measured at 100 oC and at room temperature vs time 
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Scheme 2.4 Proposed mechanism of thermal fluorination of 2 via pentacoordinated siliconate 

intermediates. 
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Figure 2.9 19F-NMR spectrum of PF5 complexes formed in (a) 3 + 1 M LiPF6 stored at 100°C for 

22 days and (b) 1 + 1 M LiPF6 stored at 100°C for 15 days. The B groups represent different 

unidentified Lewis base species. 
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Scheme 2.5 Reversible sequestration of PF5 by a Lewis base (B). 
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Figure 2.10 (a) 19F-NMR and (b) 31P-NMR spectra of decomposition species formed in carbonate 

electrolytes stored at 100°C. 
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Table 2.2 NMR identifying features for all fluorine-containing EC/DEC degradation products: 

chemical shifts, coupling constants, and splitting patterns. 

Species in 
EC/DEC 

19F ppm, 
mult (Hz) 

31P ppm, 
mult (Hz) 

PF6‾ 
-74.1, d 

(JP-F= 708) 
-144.3, sept 
(JP-F= 708) 

POF3 
-89.5, d 

(JP-F= 1067) 
- 

PO2F2‾ 
-84.8, d 

(JP-F= 946) 
-19.3, t 

(JP-F= 947) 

PO3F‾2 
-77.0, d 

(JP-F= 924) 
-9.0, d 

(JP-F= 924) 

PO(OCH2CH3)F2 
-85.9, d 

(JP-F= 1006) 
-20.6, tt 

(JP-F= 1006) 

PO(OCH2CH3)2F 
-83.1, d 

(JP-F= 962) 
-10.1, dp 

(JP-F= 961) 

PO2(OCH2CH3)F‾ 
-80.7, d 

(JP-F= 941) 
-9.6, dt 

(JP-F= 941) 

HF -189, s - 

CH3CH2F 
-212.4, tq 

(JH-F= 47.1, 
26.5) 

- 

RCH2CH2F1 
-226.3, tt 

(JH-F= 47.3, 
29.3) 

- 

1) R is an unknown fragment 
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Scheme 2.6 Proposed mechanism for the reaction of diethyl carbonate with POF3 to produce the 

observed alkyl fluorophosphates PO(OCH2CH3)2F, PO(OCH2CH3)F2, PO2(OCH2CH3)F‾. 
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Figure 2.11 Decomposition of LiPF6 in carbonate and organosilicon electrolytes at 100°C with 

(a) no added water and (b) 1000 ppm added water. Carbonate electrolytes (3:7 EC:DEC + 1 M 

LiPF6) are circle markers (●), organosilicon glycol electrolytes (1 + 1 M LiPF6) are square 

markers (■) and organosilicon nitrile electrolytes (3 + 1 M LiPF6) are triangle markers (▼). 

Quantification of LiPF6 decomposition was calculated by 100 x Equation 1. 
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Chapter 3. Mechanistic Insights into High Oxidative Stability of Organosilicon Nitrile 
Electrolytes for Lithium-ion Batteries 

3.1 Introduction 

The lithium-ion battery is an essential technology to meet current energy storage needs. 

Most consumer electronics and electric vehicles are powered by lithium-ion batteries. However, 

the current technology is limited by the thermal and electrochemical window of stability of the 

lithium-ion electrolyte.1-4 Lithium hexafluorophosphate in carbonate solvents is the most 

commonly used battery electrolyte system because of its high solubility, conductivity, and minimal 

salt corrosion of aluminum current collectors.5 Despite their beneficial properties, these 

electrolytes are unstable at the highly reducing and oxidizing electrode interfaces.1-2,6-9 Although 

reactions between the electrolyte components and electrodes can lead to electrochemically 

protective solid-electrolyte interphase (SEI) layers, rarely is ideal electrode protection provided, 

leading to continuing parasitic electrochemical reactions even after the first few battery formation 

cycles that release gas, increase impedance, and lead to capacity fade.6,10-14 In order to advance 

lithium-ion technology towards greater device lifetime and safety at higher voltages, it is therefore 

essential to design electrolyte systems resistant to these degradation processes, and to understand 

the mechanisms of electrolyte degradation under high voltage electrochemical conditions.  

Organosilicon solvents have previously shown promise as thermally and electrochemically 

stable battery electrolytes.15-19 Zhang et al. demonstrated that the Si atom in siloxane glycols 

imparted greater oxidative stability when compared with analogous carbon- and germanium-

containing molecules.17 Moreover, silicon-containing glycols exhibited impressive hydrolytic 

stability even at 20% v/v added water when a propyl spacer was added between the silicon and 

electronegative functionality.16 More recently, we showed that organosilicon glycols and nitriles 

protect LiPF6 against the catalytic cycle of thermal degradation that occurs in carbonates by 
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sequestering the reactive degradation intermediate, PF5, via complexation.19 While these studies 

provided important insights into the thermal decomposition pathways of organosilicon 

electrolytes, in battery applications decomposition reactions can also be initiated 

electrochemically, necessitating the investigation of electrochemical mechanisms of degradation 

in organosilicon electrolytes, and how molecular functionality can be used to increase stability. 

Previous studies with carbonates,20-21 ethers,20 and sulfones22 have shown that fluorination can 

increase oxidative stability, suggesting one possible route towards tuning electrochemical stability 

in organosilicons. Since there have been no previous studies on the oxidative stability of 

organosilicon nitriles, it is also important to begin by understanding the intrinsic electrolyte 

mechanisms of oxidation through the use of a nominally inert positive electrode such as platinum.  

In this paper, we describe fundamental studies of the oxidative stability of organosilicon 

nitriles and how that stability varies as the function of the degree of fluorination of the Si atom.   

Using a set of four organosilicon nitriles we characterize the intrinsic high-potential reactivities of 

the organosilicon nitrile fluorination series against platinum electrodes. To map out the oxidative 

degradation pathways when these molecules are used as electrochemical solvents, we used density 

functional theory (DFT) calculations, nuclear magnetic resonance (NMR) spectroscopy and x-ray 

photoelectron spectroscopy (XPS). Computation of the oxidation potentials of organosilicon 

molecules in this study indicate that thermodynamically, fluorination increases oxidative stability. 

Experimentally, however, we found as the degree of silicon fluorination increases, the potential of 

electrolyte oxidative breakdown decreases, and all organosilicon nitriles studied herein have 

exceptional oxidative stability (>6.8 V vs Li/Li+). Our results show that the electrooxidation 

mechanisms of organosilicon nitrile compounds are driven by organosilicon reaction with fluorine 

to form fluorosilane, concurrent with formation of a thin electrode surface film. We propose that 
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formation of this surface film delays the onset of oxidative breakdown, resulting in the observed 

high voltage stability of these organosilicon nitriles. 

3.2 Materials and Methods 

3.2.1 Chemicals 

All chemicals were anhydrous or dried and stored in an argon-atmosphere glovebox 

immediately upon receipt. The organosilicon compounds were received from Silatronix, Inc. 

Lithium hexafluorophosphate was purchased from BASF. Ethylene carbonate and diethyl 

carbonate were purchased from SoulBrain. Anhydrous dimethyl carbonate, butyronitrile, and 

propionitrile were purchased from Sigma-Aldrich. All compounds were used as received.  

3.2.2 DFT Calculation Methods 

All calculations were performed with Gaussian 09 software23 on the UW-Madison 

Chemistry Department High-Performance Computing cluster. The structures were optimized with 

B3LYP with a 6-31++G** basis set. Frequency analyses showed that the optimized structures had 

no negative eigenvalues. Enthalpies and Gibbs Free energies were calculated at 298 K. Solvent 

effects were tested through geometry optimization with a Polarizable Continuum Model (PCM), 

utilizing the dielectric constants for each solvent molecule shown in Table S3.1. Oxidation 

potentials were calculated and then referenced to Li/Li+ using the following equation:24-25 

Eox,Li/Li
+ (M) =  – 1.4 eV 

Where Eox,Li/Li
+(M) is the calculated oxidation potential of species M referenced to the Li/Li+ 

voltage scale, G(M) is the free energy of the species M at the energy-minimized geometry, G(M+) 

is the free energy of the same species as a cation either at the same geometry (vertical oxidation) 

or after allowing molecular relaxation to a new geometric energy minimum (adiabatic oxidation), 
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and F is Faraday’s constant. The shift of 1.4 V represents the difference in energy between the 

Li/Li+ and the vacuum level.26 

3.2.3 Electrochemical tests 

All electrochemical samples were prepared inside an argon-atmosphere glovebox. Linear 

Sweep Voltammetry (LSV) and Cyclic Voltammetry (CV) were performed on a Gamry Interface 

1000E Potentiostat inside an argon-atmosphere glovebox. The samples were prepared in three-

electrode cells with a platinum disk working electrode (1.6 mm diameter), Li foil reference 

electrode, and Li foil counter electrode. LSVs were started at the open circuit voltage of each 

sample and swept to 8 V vs Li/Li+ at 10 mV/s. CVs were started at 3 V vs Li/Li+ and swept past 

the pre-breakdown peak voltage of each electrolyte at 1 mV/s, 10 mV/s, and 100 mV/s. Voltage-

hold experiments were run on an Arbin battery cycler, starting at the open circuit voltage and 

sweeping to the final hold voltage at 1 mV/s, followed by holding at final voltage for 24 hours. 

The samples were prepared in custom hermetically-sealed polyetheretherketone (PEEK) 

electrochemical cells with a platinum disk working electrode (0.635 cm active diameter), platinum 

disk counter electrode, and lithium foil reference electrode. The design of these electrochemical 

cells is shown in more detail in the Supporting Information (Figure S3.1). After the voltage hold, 

the cells were transferred back into the glovebox and the electrolyte and electrodes were removed 

for further analysis.  

3.2.4 Nuclear Magnetic Resonance (NMR) Spectroscopy 

Electrolyte for NMR analysis was extracted from the electrochemical cell in an argon-

atmosphere glovebox and transferred into polytetrafluoroethylene/fluorinated ethylene 

polypropylene copolymer (PTFE-FEP) 5 mm tube liners (Wilmad Glass), which were placed into 

7” 5 mm NMR tubes and sealed with Superior High Pressure Caps (Wilmad Glass). NMR analysis 
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was performed on these samples immediately after removing from the glovebox. Samples were 

analyzed with Bruker Avance III 500 MHz (CryoProbe Prodigy or BBFO PLUS probes) or 600 

MHz (TCI-F probe) spectrometers. 1H-NMR spectra were collected with 16 scans. 19F-NMR 

spectra were collected with 64 scans. All spectra were referenced using a substitution reference 

standard of 1% TMS in CDCl3 and processed with MestreNova 9.1.0. The calibration was applied 

during processing by absolute referencing.27 Molar concentrations of individual species were 

determined by integration of peak areas, normalized by the stoichiometry-weighted sum of the 

areas of PF6
 and all observed PF6 degradation products, as described previously.19 

3.2.5 X-ray Photoelectron Spectroscopy (XPS) 

Electrodes for XPS analysis were extracted from the electrochemical cell in an argon-

atmosphere glovebox and rinsed three times with 2 mL anhydrous dimethyl carbonate and dried 

under vacuum. The electrodes were sealed in a Vacuum Transfer Module (Thermo Fisher) and 

transferred to the XPS without exposure to air. XPS analysis was performed on a Thermo Scientific 

K-alpha XPS with an Al x-ray source. XPS data were fit using CasaXPS software and referenced 

to the adventitious carbon peak at 284.8 eV. Survey spectra were collected with 92.9 eV pass 

energy from 0 to 1400 eV binding energy, and individual spectra were collected with 50 eV pass 

energy. To calculate atom percentages, all peaks in each individual spectrum were fit by CasaXPS, 

and the sum of these peak areas was divided by the total peak areas of all elements and multiplied 

by 100. 

3.3 Results and Discussion 

In this study, we investigated the fundamental mechanisms of high-voltage breakdown 

for organosilicon nitrile electrolytes, through computation of oxidation potentials and 

voltammetric experiments against inert platinum electrodes followed by detailed mechanistic 
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analysis of the oxidation breakdown products with NMR and XPS. We studied the impact of 

fluorination at the silicon on the electrolyte oxidation potential and mechanisms of oxidative 

degradation.  

Previous research has shown that fluorination can significantly increase the oxidation 

stability of ether, carbonate, and sulfone lithium-ion battery solvents.20-22 To discover the impact 

of fluorination on high-voltage stability with organosilicon nitriles, we investigated the series of 

four organosilicon nitriles (OSN) shown in Figure 3.1. Within this series, the organosilicon 

nitriles under study range from non-fluorinated organosilicon nitrile (NoF-OSN) to tri-

fluorinated organosilicon nitrile (3F-OSN). 

3.3.1 Computation of organosilicon oxidation potentials 

Computational studies have been successfully utilized for screening potential lithium-ion 

electrolyte solvents based on their calculated electrochemical potentials, and understanding 

mechanisms of electrochemical decomposition.25, 28-29 We used DFT calculation methods 

established previously to calculate the oxidation potentials of OSN molecules, as described in 

detail in the experimental section. Previous studies have found that calculated oxidation 

potentials of solvent molecules are strongly influenced by the surrounding molecules, including 

other solvent molecules, the anion salt, and the lithium ion.25, 30-31 We calculated the vertical and 

adiabatic oxidation potentials of the four OSN molecules as described in the Experimental 

Section, and tested the influence of surrounding salt and solvent molecules on oxidation with the 

following cases: (1) a single isolated OSN molecule (“OSN isolated”); (2) a pair of interacting 

OSN molecules (“ OSN+OSN”), and (3) a single OSN molecule interacting with a single PF6
- 

anion (“OSN+PF6
-”).  Figure 3.2 shows the resulting oxidation potential Eox,Li/Li

+ for each case. 
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As fluorination of the Si atom increases, a corresponding increase was calculated for all 

vertical and adiabatic oxidation potentials of OSN, OSN+OSN, and OSN+PF6
-. Each additional 

fluorine at the silicon adds 0.1-0.7 V to the molecule’s oxidation potential. Increased oxidation 

potential with fluorination of a solvent molecule is consistent with previous reports on the 

computational calculations and experimental measurements of ether,20 carbonate,20-21, 32 and 

sulfone22 solvents. This trend may be attributed to the highly electronegative nature of the 

fluorine atom, increasing the barrier to electron removal. Our computational results predict that 

increasing fluorination at the silicon should lead to organosilicon nitrile solvents with greater 

oxidative stability. 

The energy difference between the vertical and adiabatic oxidation potentials reflects the 

reorganization energy contribution to the adiabatic oxidation potential, due to molecular 

relaxation.28 For all isolated OSN and OSN+OSN cases, the vertical oxidation potentials (Eox, 

vertical) are greater than the adiabatic oxidation (Eox, adiabatic) by less than 0.9 V. The relatively 

small energy difference reflects the minor contribution of molecular relaxation to the oxidation 

energies in these cases. By contrast, for OSN+ PF6
- the differences between Eox, vertical and Eox, 

adiabatic for OSN+PF6
- are 2.0-2.6 eV, which is due to the significant reorganization energy 

involved in the release of a molecular fragment during adiabatic oxidation. As shown in Figure 

3.3 and Equation 3.1, for all OSN+PF6
-, oxidation of the two adjacent molecules followed by 

geometry optimization leads to predicted structures in which the OSN molecules have abstracted 

a fluorine from PF6
- and cleaved the Si-C(methylene) bond in a coupled oxidation-fluorination 

reaction. This reaction forms PF5, propylnitrile radical, and fluorosilane as products. The 

calculated Eox adiabatic for each OSN+PF6
- is more than 1.2 V lower than the Eox adiabatic for the 

same molecule calculated in an isolated geometry (OSN) or with an adjacent solvent molecule 
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(OSN+OSN), indicating that when the solvent is oxidized with a neighboring PF6
-, the 

mechanism of coupled oxidation-fluorination will occur at a lower potential than a mechanism 

where an electron is abstracted from the organosilicon nitrile molecule with no coupled 

fluorination.  

                                         (3.1) 

3.3.2 Linear Sweet Voltammetry analysis 

To characterize the oxidative stability experimentally, we used linear sweep voltammetry 

(LSV).  Figure 3.4 shows the LSV of each OSN with 1 M LiPF6 showing the onset of full 

electrolyte breakdown and, in the inset, smaller pre-breakdown features on an expanded vertical 

scale. The voltammograms were scanned from the open circuit potential to 8 V at a rate of 10 

mV/s using a Pt disk working electrode and Li foil as reference and counter electrodes. We 

define the experimental oxidation potential as the voltage at which the current density is 1 

mA/cm2. This density was chosen for consistency with prior studies defining characterizing the 

oxidation potentials of other electrolytes.33-34 The voltammograms in Figure 3.4 show that all 

OSN have high oxidative stability, with oxidation potentials above 6.8 V vs Li/Li+. Within the 

OSN fluorination series, decreasing the extent of silicon fluorination increases the oxidation 

potential of the organosilicon nitriles, with the oxidation of 3F-OSN at 6.9 V, 2F-OSN at 7.1 V, 

1F-OSN at 7.4 V, and NoF-OSN at 8.0 V. The LSV of EC/DEC 3/7 under the same conditions 

oxidizes at 6.7 V (Figure S3.3), showing that all organosilicon nitriles tested here have greater 

oxidative stability than the carbonate control.  

In addition to the onset of full electrolyte breakdown, NoF-OSN, 1F-OSN, and 2F-OSN 

electrolytes have small (<0.3 mA/cm2) features in the voltammograms at voltages lower than the 

electrolyte breakdown potential (Figure 3.4 inset). These current peaks occur at 5.2 V for NoF-
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OSN, 5.6 V for 1F-OSN, and 6.2 V for 2F-OSN, and at more positive potentials the current 

decreases towards zero again in each electrolyte. The role these features play in the oxidation of 

OSN species is discussed later in this paper. 

3.3.3 Voltage hold analysis of oxidation degradation mechanisms 

Our observation that fluorinating the Si atom reduces the electrochemical stability toward 

oxidation is contrary to prior studies of most molecular systems, as fluorination typically makes 

molecules more resistant to oxidation.21-22 In order to understand why OS compounds exhibit the 

opposite trend, we made further efforts to understand the mechanism of oxidation in OSN 

electrolytes. We developed a custom hermetically sealed electrochemical cell (shown 

schematically in Figure S3.1) with an electrolyte volume of 750 uL to enable ex situ NMR 

analysis of the products of oxidative degradation at different voltages. This cell used platinum 

working electrodes and counter electrodes and a lithium foil reference electrode. To validate that 

the electrochemical behavior of the electrolytes in these cells matched the behavior observed in 

Figure 3.1, we used linear sweep voltammetry. The results, shown in Supporting Information 

Figure S3.2, show that both methods show the same electrochemical behavior of the electrolyte.  

We analyzed the anodic degradation species generated at a given voltage by ramping the voltage 

of the cell from the open-circuit potential at a rate of 1 mV/s to the final voltage, and the cell was 

held at that voltage for 24 hours. After voltage treatment, the electrolyte sample was extracted in 

an argon-atmosphere glovebox and transferred to an NMR tube for analysis.  

Figure S3.4 shows the full 19F-NMR spectra of the NoF-OSN (S3.4a), 1F-OSN (S3.4b), 

and 2F-OSN (S3.4b) after voltage holds at the prebreakdown peak of each electrolyte (top 

spectrum of each figure), a voltage prior to the onset of prebreakdown peak current (middle 

spectrum), and a control electrolyte that had no voltage applied to the electrochemical cell 
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(bottom spectrum). These spectra show that there is a peak between -130 and -160 ppm in each 

electrolyte, as indicated by the red arrows, that increases right at the prebreakdown voltage. 

Figures 3.5a-c show each of these peaks in detail as multiplets with coupling constants J=4-7 Hz. 

As shown by the same chemical shift range and couplings constants of the solvents themselves 

(Table S3.2), the multiplets are in the appropriate chemical shift and coupling constant range for 

fluorinated organosilicons coupling to alkyl hydrogens.35 Electrolytes extracted after a voltage 

hold lower than the prebreakdown potential (Figure S3.4 middle spectra) also show increased 

fluorophosphate species, as well as an increase in the peak corresponding to fluorination at the 

silicon with loss of a methyl group in NoF-OSN and 1F-OSN, to form 1F-OSN and 2F-OSN 

respectively. However, the peaks indicated by the red arrows represent the primary species that 

increase right at the prebreakdown voltage hold, and therefore we identified and calculated the 

concentration of these species as a function of voltage in order to understand their relation to the 

redox reaction occurring at the prebreakdown peak in each electrolyte. The results of this 

analysis are shown in Figure 3.5.  

In NoF-OSN, the multiplet formed at the prebreakdown voltage has a chemical shift of 

156.7 ppm with J=7.5 Hz shown in Figure 3.5a, which we attributed to fluorotrimethylsilane 

based on previous literature reporting 19F-NMR of this species.36 In 1F-OSN, the multiplet 

shown in Figure 3.5b has a chemical shift of -130.7 ppm with J=6.3 Hz, consistent with prior 

studies of difluorodimethylsilane.35-36 The prebreakdown peak oxidation species in 2F-OSN 

appears at -134.2 ppm (quartet, J=4.2 Hz) shown in Figure 3.5c; we attribute this species to 

trifluoromethylsilane based on prior studies.35-36 Each of these species represents the fluorosilane 

(SiFxMe4-x) that results from fluorination at the silicon and Si-methylene bond cleavage, a 
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reaction product consistent with the computationally-predicted mechanism of OSN+PF6
- 

oxidation shown in Equation 3.1. 

Figure 3.5e shows the SiFxMe4-x concentration as a function of voltage for each OSN, 

calculated as each species’ peak area in 19F-NMR normalized to the total area of the LiPF6 peak 

and its decomposition product peaks (see Experimental Section for more details). In 3F-OSN we 

also quantified the concentration of SiF4, which species appears as a singlet at -163.3 ppm as 

shown in Figure 3.5d, consistent with previous reports.36 The voltages indicated by the dashed 

lines represent the pre-breakdown peak voltage for each OSN, as shown in the Figure 3.4 inset. 

As indicated by the dashed lines, the concentration of each small fluorosilane increases for NoF, 

1F, and 2F-OSN electrolytes at the same voltage as the corresponding pre-breakdown peak 

voltage shown in the Figure 3.4 inset. 3F-OSN, which does not have an observable pre-

breakdown peak, shows an increase in SiF4 at 5.8 V, where the current begins to increase during 

full electrolyte breakdown, shown in the LSV of Figure 3.4 inset. We previously reported the 

formation of fluorotrimethylsilane as a thermal degradation product of the NoF-OSN 

electrolyte.19 As is shown in Figure 3.5e with the increase of fluorosilane as voltage increases, 

we show that in addition to the thermal mechanism of fluorosilane formation,19 there is also an 

oxidatively-induced pathway for all OSN electrolytes.  

As the Figure 3.4 inset shows, the pre-breakdown features occur at different voltages for each 

electrolyte: as the degree of fluorination is increased, the oxidative stability is also increased.  

This trend matches the oxidation potential trend predicted computationally in Figure 3.2. 

Additionally, the chemical identity of the degradation products observed in Figure 3.5a are 

consistent with those expected from our calculations predicting a coupled oxidation-fluorination 

mechanism to produce fluorosilane. The experimental and computational data therefore show 
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that the organosilicon nitriles studied here undergo anodic fluorination at the pre-breakdown 

peak voltage and likely release a propylnitrile radical as shown in Scheme 3.1. This mechanism 

may occur with a fluorine abstracted directly from PF6 as shown in the computational study and 

Equation 3.1, or through free fluoride. Previous studies demonstrating the formation of 

fluorosilanes from oxidation of tetralkylsilanes in the presence of fluoride are consistent with our 

proposed mechanism of coupled oxidation-fluorination.37  

If the propylnitrile radical proposed in Scheme 3.1 remained in solution, it might be 

expected to extract a hydrogen to form an alkyl nitrile molecule such as butyronitrile, which 

would produce distinct peaks in the 1H-NMR spectra. Figure 3.6a shows the 1H-NMR of 

commercial butyronitrile added to a pristine sample of 1F-OSN with 1 M LiPF6 and the 3 peaks 

from distinct butyronitrile hydrogens that appear at 2.6 ppm (methylene adjacent to the nitrile, 

CH3CH2CH2CN), 1.9 ppm (middle methylene, CH3CH2CH2CN), and 1.3 ppm (terminal methyl, 

CH3CH2CH2CN) in the organosilicon nitrile solvent. Since butyronitrile produced from Scheme 

3.1 should be equivalent to the concentration of SiFxMe4-x detected in the 19F-NMR spectra, 

Figure 3.6b shows that commercial butyronitrile added to 1F-OSN with 1 M LiPF6 at a 

concentration of 6x10-4 M is above the limit of detection. Additionally, Figure 3.6k shows 

butyronitrile added to a pristine sample of 3F-OSN + 1 M LiPF6 to show any changes in the 

butyronitrile peak chemical shifts due to the different solvent. In this solvent, the butyronitrile 

peaks appear at 2.6 ppm, 1.8 ppm, and 1.2 ppm.  

These butyronitrile-containing standards are compared in Figures 3.6c-j to the 1H-NMR 

spectra of all OSN electrolytes, before and after a voltage hold at the pre-breakdown peak 

voltage. Some regions of the expected butyronitrile peaks overlap with chemical shifts with the 

solvent; however, the butyronitrile methyl peak region is clearly visible in 1F-OSN and 3F-OSN 
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and no change is observed in these regions before and after a voltage hold. While we cannot 

conclusively say that butyronitrile doesn’t appear in solution for NoF-OSN and 2F-OSN due to 

peak overlap, we see no evidence of its formation in these electrolytes. Furthermore, we can state 

conclusively that butyronitrile is not formed in solution in 1F-OSN at the prebreakdown 

potential, suggesting a different fate for the propylnitrile expected to be formed in Scheme 3.1. 

One possibility is adsorption or reaction of the nitrile fragment with the electrode surface. 

The starting reactants shown in Scheme 3.1 are the main solvent species in each 

electrolyte (not additives or impurities).  Yet, the pre-breakdown feature is clearly a peak and not 

a continuous current onset, since as shown in the Figure 3.4 inset the current reaches a maximum 

then decreases, and the onset of full electrolyte breakdown occurs at a higher potential. These 

data show the pre-breakdown redox event to be self-limiting, indicating the electrode surface 

becomes protected from further solvent decomposition. We performed CV on NoF-OSN and 1F-

OSN electrolytes to test the rate dependence of the pre-breakdown peak (Figure S3.5) and found 

that the peak current has a linear relationship with scan rate, characteristic of a surface-limited 

and not diffusion-limited process.38 These data support our hypothesis that the pre-breakdown 

peak and subsequent higher potential of full oxidative breakdown may involve formation of a 

protective surface layer. 

3.3.4 Electrode surface species analysis by XPS 

Based on the evidence that the pre-breakdown peak is surface-limited reaction and lack 

of evidence of alkylnitriles in solution by 1H-NMR, we examined the electrode surfaces after the 

voltage holds with x-ray photoelectron spectroscopy (XPS) to assess the formation of surface 

species from electrolyte decomposition. The electrodes were rinsed in dimethyl carbonate and 

dried under vacuum before transferring to the XPS using an air-free sample holder. We then 
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analyzed the atomic percent of silicon and nitrogen in the composition of the surface layers, 

since these elements provide unique indicators of whether the organosilicon nitrile solvent 

molecules form part of the surface layer, yielding the result shown in Figure 3.7. The calculation 

of atomic percent is described in detail in the Experimental Section.  

Figure 3.7a shows the changes in % atomic concentration of silicon as a function of 

voltage, while Figure 3.7b shows the same analysis for nitrogen. As Figures 3.7a and 3.7b show, 

the silicon % remained 0 for NoF-OSN and decreases in 1F-OSN and 2F-OSN at the pre-

breakdown peak voltage relative to the voltage immediate prior. By comparison, the nitrogen % 

increased relative to the earlier voltage from 4.0% to 6.5% for NoF-OSN; 5.5% to 9% for 1F-

OSN; and 6.0% to 7.6% for 2F-OSN. If the propylnitrile radical produced in Scheme 3.1 were to 

deposit on the surface, the electrode surface composition would be expected to show an increase 

in the % concentration of nitrogen at this potential, without a corresponding increase in silicon, 

consistent with the XPS results shown in Figures 3.7b-3.7c. The increase in nitrogen species 

from the control sample to the pre-breakdown peak voltage (5.6 V) can be seen in the N1s 

spectra of NoF-OSN (Figure 3.7c), 1F-OSN (Figure 3.7d), 2F-OSN (Figure 3.7e), as well as 3F-

OSN at 5 V, lower than the electrolyte breakdown potential (Figure 3.7f). The nitrogen peaks at 

the prebreakdown voltages are fit with two components at 399.2 eV and 400.2 eV (NoF-OSN), 

399.2 eV and 400.6 eV (1F-OSN), 399.1 eV and 400.7 eV (2F-OSN), and 399.8 eV and 401.2 

eV (3F-OSN) binding energies. Literature of binding energies for different nitrogen functional 

groups report imines, imides, lactams, amines, amides, nitriles, and nitrosos all within the narrow 

range 399.1-400.4 eV, with varying binding energies of adsorbed nitriles reported (after scaling 

to adventitious carbon at 284.8 eV) from 399.3 to 400.4 eV.39-42 Therefore, we do not attempt to 

assign the nitrogen components to specific functional groups. Furthermore, due to the low signal-
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to-noise of the control sample nitrogen signal, it is not conclusive whether there are two nitrogen 

components in the control sample as well. However, overall the nitrogen and silicon spectra 

show that the surface film formed during the pre-breakdown peak reaction contains nitrogen but 

not silicon. 

The percent composition of additional elements (fluorine, lithium, and phosphorus) 

forming part of the surface film are analyzed as a function of voltage in Figure S3.7. Unlike N1s 

and Si2p, there are no consistent trends in the atomic percentage of these elements observed at 

the prebreakdown peak voltage. 

In addition to surface composition analysis, we calculated the thickness of surface species 

from the attenuation of the platinum substrate signal according to Equation 3.2:43  

I = I0 exp(-d/[L*cos(θ)]) (3.2) 

Where I is the attenuated platinum 4f signal intensity, I0 is the (non-attenuated) platinum 

signal intensity on a bare platinum sample, d is the thickness of a surface film in nanometers, L is 

the surface film attenuation length in nanometers, and θ is the electron emission angle. As 

determined by Seah,43 L can be estimated to good accuracy as Equation 3.3: 

                                                       L = (0.65 + 0.007*KEPt
0.93)/Z0.38 (3.3) 

 Where L is in nanometers, KEPt is the kinetic energy of the platinum 4f peak in eV, and 

Z is the average atomic number of the surface layer. We used a Z value of 6 since the primary 

surface film components by atomic concentration were carbon, lithium, and fluorine.  

Table 3.1 shows the surface layer thickness for OSN samples held at the indicated 

voltages for 24 hours, obtained by measuring the Pt intensity (I) from the samples, and a control 

sample of clean Pt (I0), and using Equations 3.2 and 3.3. Control samples that were exposed to 

the electrolyte with no applied voltage show 0.3-2.2 nm of surface species even without applied 

voltages, likely the result of physisorbed electrolyte species remaining even after the DMC rinse 
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described in the experimental section. After polarizing the electrode to a moderately positive 

potential (below the potential at which the pre-breakdown peaks are observed), the surface film 

thickness remained below 2 nm for NoF, 1F, and 2F-OSN. Increasing the voltage to the pre-

breakdown peak voltage resulted in an increase in surface film thickness for each of these 

electrolytes, suggesting formation of a surface film concurrent with the pre-breakdown peak and 

consistent with the rate-dependent CV data in Figure S3.5 that indicated a surface-limited redox 

reaction.  

The mechanism shown in Scheme 3.1 predicts that oxidation should be accompanied by 

the formation of propylnitrile radicals. Yet, in the 1H-NMR spectra in Figure 3.6, we do not 

observe alkyl nitrile species. The absence of alkyl nitriles in solution and the increase of nitrogen 

% in the surface film at the pre-breakdown peak voltage suggests that the propylnitrile radical is 

forming part of the surface film. Previous studies on cyano-containing electrolytes and additives 

have shown that under oxidizing conditions nitriles frequently form surface layers that inhibit 

further electrolyte oxidation.44-49 Various mechanisms have been proposed to explain this 

phenomenon, including nitrile adsorption,46 complexation to electrode metal atoms blocking 

active sites,44, 49 and oxidation to form a thin protective layer.45, 47-48 

Our results show that OSN compounds produce surface layers on the positive electrode 

as the voltage increases. While we have not examined the impact of these layers on battery 

performance, our data show that the pre-breakdown peak observed in our electrochemical studies 

arises from a surface-limited oxidation reaction associated with formation of the fluorosilane. 

Furthermore, the XPS attenuation data and the N(1s) spectra show the electrochemical processes 

at the pre-breakdown peak lead to the formation of an N-containing surface layer. Therefore, we 

propose that the increased experimental oxidative stability of organosilicon nitriles relative to the 
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oxidation potentials predicted by DFT derives from the ability of the solvent molecule to react 

with fluoride ions or the PF6
- ion to form fluorosilane and a propylnitrile radical, leading to a 

self-limited surface protecting film that delays the bulk electrolyte oxidative degradation. 

 

3.4 Conclusions 

In this chapter, we present a series of four organosilicon nitriles with high intrinsic 

oxidative stability (> 6.8 V vs Li/Li+) against platinum electrodes, exceeding the oxidation 

potentials predicted by DFT calculations. These organosilicon nitriles contain 0-3 fluorines 

substituted at the silicon, and we show that these electrolytes also have an unusual trend of 

increasing oxidative stability with decreasing fluorination. NMR, XPS, and electrochemical data 

indicate that the high oxidative stability of these electrolytes is associated with a self-limiting 

surface oxidation reaction that produces a fluorosilanes in solution and a thin protective surface 

film on the electrode that delays the onset of full electrolyte breakdown. The anodic fluorination 

mechanism of fluorosilane formation is confirmed by DFT calculations and is seen experimentally 

at voltages that increase with increasing degree of solvent fluorination, consistent with the trend 

predicted by computation. 

In order to achieve a future of energy storage where battery cells maintain high 

performance at high voltages and at elevated temperatures, new electrolytes must be pioneered 

that evince advanced stability properties. The superior oxidative stability of low-fluorine 

organosilicon nitriles shown in this study, and the high thermal stability of fluorinated 

organosilicon nitriles shown previously,15, 19 together highlight the potential of organosilicon 

nitriles with 1-2 fluorines to provide exceptional stability when used in lithium-ion battery cells. 
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This study of the intrinsic stability and decomposition mechanisms of organosilicons can inform 

future research in more complex electrolyte and electrode systems.  
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3.5 Figures 

 

Figure 3.1 Chemical structures of the OSN solvent series 
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Figure 3.2 Calculated oxidation potentials of isolated OSN (red), OSN+OSN (black), and 

OSN+PF6
- (blue) as a function of fluorination at the silicon: vertical oxidation (dashed lines) and 

adiabatic oxidation (solid lines) 
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Figure 3.3 Changes from starting geometry to final optimized geometry in adiabatic PCM 

oxidation of (a) NoF-OSN, (b) 1F-OSN, (c) 2F-OSN, and (3) 3F-OSN 
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Figure 3.4 Linear sweep voltammograms from 3 to 8 V vs Li/Li+ of OSN series; NoF-OSN (red 

solid trace), 1F-OSN (orange small dash trace), 2F-OSN (green dash trace), and 3F-OSN (blue 

dot-dash trace). Inset shows expanded LSV region of pre-breakdown peaks. All electrolytes were 

formulated with 1M LiPF6. LSVs were collected in a 3-electrode cell with Pt WE, Li RE, and Li 

CE at 10 mV/s. 
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Figure 3.5 Expanded 19F-NMR of the fluorosilane primary oxidation product for each OSN+1M 

LiPF6 electrolyte after holding at 7 V vs Li/Li+ for 24 hours: (a) NoF-OSN; (b) 1F-OSN; (c) 2F-

OSN; and (d) 3F-OSN. (e) Concentration of fluorosilane in each solvent quantified from 19F-

NMR spectra after 24-hr hold at each voltage. NoF-OSN (red circles); 1F-OSN (orange inverted 

triangles); 2F-OSN (green triangles); 3F-OSN (blue squares). Dashed lines indicate the voltage 

of the pre-breakdown peak for each electrolyte that has this feature. Note y-axis is plotted on a 

logarithmic scale to emphasize changes in concentration. The double line at 10-5 M represents 

the approximate limit of detection for these spectra; points below the line are not observed in the 

spectra.   
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Figure 3.6. 1H-NMR spectra showing comparisons of the peak regions of alkyl nitriles for a) 

commercial butyronitrile added to 1F-OSN to show expected peaks shape and chemical shift and 

b) 6x10-4 M commercial butyronitrile added to 1F-OSN at the same magnitude of concentration 

that SiFxMe4-x species are observed in 19F-NMR spectra. These standards are compared with the 

following OSN after and before a 24-hour voltage hold at the pre-breakdown peak voltage: c) 

1F-OSN, 5.6V hold; d) 1F-OSN, pristine; e) NoF-OSN, 5.2V hold; f) NoF-OSN, pristine; g) 2F-

OSN, 6.2V; h) 2F-OSN, pristine. Additionally, for comparison 3F-OSN (no prebreakdown peak) 

is shown after i) a 5.8V hold and j) pristine 3F-OSN, and k) commercial butyronitrile added to 

3F-OSN to show the range of chemical shift in different OSN solvents. All samples contained 1 

M LiPF6. 
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Scheme 3.1 Proposed primary mechanism of fluorosilane formation in each OSN electrolyte 

through coupled oxidation-fluorination 
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Figure 3.7. 1H-NMR spectra showing comparisons of the peak regions of alkyl nitriles for a) 

commercial butyronitrile added to 1F-OSN to show expected peaks shape and chemical shift and 

b) 6x10-4 M commercial butyronitrile added to 1F-OSN at the same magnitude of concentration 

that SiFxMe4-x species are observed in 19F-NMR spectra. These standards are compared with the 

following OSN after and before a 24-hour voltage hold at the pre-breakdown peak voltage: c) 

1F-OSN, 5.6V hold; d) 1F-OSN, pristine; e) NoF-OSN, 5.2V hold; f) NoF-OSN, pristine; g) 2F-

OSN, 6.2V; h) 2F-OSN, pristine. Additionally, for comparison 3F-OSN (no prebreakdown peak) 

is shown after i) a 5.8V hold and j) pristine 3F-OSN, and k) commercial butyronitrile added to 
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3F-OSN to show the range of chemical shift in different OSN solvents. All samples contained 1 

M LiPF6. 
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Table 1. Calculated surface layer thickness (nm) on Pt positive electrodes from Pt4f 
signal attenuation after different voltage holds in OSN electrolytes.  

Electrolyte Control (0 V) Potential lower than 
prebreakdown peaka 

Prebreakdown peak 
potentialb 

NoF-OSN + 1M LiPF6 1.0 0.26 2.6 
1F-OSN + 1M LiPF6 1.7 0.5 3.3 
2F-OSN + 1M LiPF6 0.3 1.1 3.7 
3F-OSN + 1M LiPF6 2.2 2.6 3.0 
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Figure S3.1 Schematic of the electrochemical cell used for voltage hold experiments 
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Table S3.1 Dielectric constants of OSN solvent molecules 

 

 

 

 

 

 

 

 

  

Solvent molecule Dielectric constant 

NoF-OSN 12.57 

1F-OSN 16.82 

2F-OSN 18.2 

3F-OSN 16.7 
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Figure S3.2 Validation of electrochemical cell for voltage hold experiments 
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Figure S3.3 Linear sweep voltammograms of carbonate control EC/DEC3/7 v/v (black dot-long 

dash trace) compared with all OSN electrolytes: 3F-OSN (blue dot-dash trace), 2F-OSN (green 

dash trace), 1F-OSN (orange small dash trace), and NoF-OSN (solid red trace). All electrolytes 

were formulated with 1 M LiPF6. LSVs were collected in a 3-electrode cell with Pt WE, Li 

RE, and Li CE at 10 mV/s. 
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Table S3.2 19F-NMR spectroscopic data for OSN solvent and primary oxidation species 

 

  

  

Species 19F ppm, mult (Hz) 

SiF2(CH3)2 (1F-OSN primary oxidation species) -130.7, m (JH-F=6.3) 

SiF3CH3 (2F-OSN primary oxidation species) -134.2, q (JH-F=4.2) 

3F-OSN -135.5, m (JH-F= 6.0) 

SiF(CH3)3 (NoF-OSN primary oxidation species) -156.7, m (JH-F=7.5) 

1F-OSN -160.6, m (JH-F= 7.3) 

2F-OSN -161.3, m (JH-F= 6.3) 

SiF4 (3F-OSN primary oxidation species) -163.3, s 
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Figure S3.4. 19F-NMR of a) NoF-OSN, b) 1F-OSN, and c) 2F-OSN after different potential holds 

for 24 hours in the electrochemical cell shown in Figure S3.1: control sample with no voltage 
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applied (bottom spectra for all figures), voltage below prebreakdown potential (middle spectra 

for all figures), voltage at prebreakdown potential (top spectra for all figures). Red arrow 

indicates the primary oxidation species formed at the prebreakdown potential. All electrolytes 

have 1 M LiPF6. 
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Figure S3.5. Cyclic voltammetry of the prebreakdown peaks for a) NoF-OSN + 1 M LiPF6 and b) 

1F-OSN + 1 M LiPF6, at scan rates 100 mV/s, 10 mV/s, and 1 mV/s. The peak currents at each 

scan rate were plotted vs scan rate0.5 and vs scan rate to compare fits of the prebreakdown peaks 

to a diffusion limited or surface confined redox process respectively. CVs were collected in a 3-

electrode cell with Pt WE, Li RE, and Li CE.  

  



94 
 

 

 

Figure S3.6. Percent composition of F1s, Li1s, and P2p from XPS on platinum positive electrodes 

after different voltage holds in OSN electrolytes (all with 1 M LiPF6). 
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Chapter 4.   Competitive Solvation in Mixed Organosilicon and Carbonate Electrolytes 
 

4.1 Introduction 

Lithium ion batteries are ubiquitous form of energy storage in today’s mobile electronics 

and electric vehicles. Enhancing lithium ion battery voltage, capacity, lifetime and safety is 

necessary to meet growing energy needs. The battery electrolyte plays a significant role in these 

properties. In batteries above 4 V, the electrodes are poised at potentials such the electrolyte at the 

solid/liquid interface is not thermodynamically stable, leading to the formation of passivating 

solid-electrolyte interphase (SEI) layers that dominate battery cell impedance and capacity loss.1 

The composition of the SEI layer is dependent on the nature of the interfacial species, which relies 

on the molecules composing the lithium ion solvation shell. The dominance of one solvent in the 

solvation shell of a mixed electrolyte has been shown to dictate the speciation of the SEI and 

solvent cointercalation.2 Additionally, bulk properties of solvents can dictate important electrolyte 

characteristics such as viscosity, conductivity, and thermal stability.3 

Conventional battery electrolytes utilize lithium hexafluorophosphate (LiPF6) as the salt, 

due to its high dissociation in nonaqueous polar solvents combined with its stability in contact with 

aluminum current collectors. A combination of linear and cyclic carbonates are typically used for 

electrolyte solvents to achieve a balance of low viscosity and high conductivity.4 Additionally, a 

number of additive species may be added to enhance battery performance in different ways, 

including cathode or anode film-formers, flame retardants, and overcharge preventatives.5 

Organosilicon solvents have previously shown promise as lithium-ion battery electrolytes, 

with good conductivity,6 high thermal and hydrolytic stability,7-8 and excellent oxidative stability.9 

It is therefore of interest to understand the nature of lithium solvation in organosilicon-based 

electrolytes, and in mixed organosilicon-carbonate electrolytes. In this study, we probe the 



101 
 

 

solvation structure of fluorinated-organosilicon-nitrile-based lithium-ion electrolytes (1F-OSN) 

mixed with ethylene carbonate (EC) and diethyl carbonate (DEC) using density functional theory 

(DFT) calculations, Fourier Transform infrared spectroscopy (FTIR), and nuclear magnetic 

resonance spectroscopy (NMR). In DEC/1F-OSN electrolytes we show through NMR and FTIR 

that lithium solvation is shared by both solvents, and that the degree of salt dissociation increases 

with added 1F-OSN. By contrast, in EC/1F-OSN mixed electrolytes, EC dominates more strongly 

over 1F-OSN within the solvation shell; however, organosilicons are still involved in the lithium 

solvation shell even at very low concentrations (<10 mol%). These studies unveil the challenges 

of analyzing even simple electrolyte solutions and provide a foundation of techniques and 

solvation structure that can be used in understanding electrolyte systems of greater complexity and 

application. 

4.2 Materials and Methods 

4.2.1 Chemicals 

All chemicals were anhydrous or dried and stored in an argon-atmosphere glovebox 

immediately upon receipt. The organosilicon compounds were received from Silatronix, Inc. 

Lithium hexafluorophosphate was purchased from BASF and Sigma Aldrich. Ethylene carbonate 

and diethyl carbonate were purchased from SoulBrain and from Sigma Aldrich. Anhydrous 

dimethyl carbonate was purchased from Sigma-Aldrich. 

4.2.2 Fourier Transform Infrared Spectroscopy (FTIR).  

FTIR samples were measured in a Screw-Type Demountable cell Mount liquid 

transmission cell (New Era) with 2 calcium fluoride windows (25.4 m diameter, 3 mm thick, ISP 

Optics). One optical window had a spacer ring of 800 nm silicon dioxide deposited through 

dielectric evaporation. To achieve this spacer, the center of the optical window was covered with 

a round glass slide adhered to the sample surface with photoresist during dielectric evaporation of 



102 
 

 

silicon dioxide. After the SiO2 deposition, the cover slip and photoresist were removed by soaking 

in ethyl acetate. Samples were prepared by pipetting 1 uL of sample between the optical windows. 

Samples were prepared in an argon atmosphere glovebox. Transmission FTIR spectra were 

acquired with a Bruker Vertex 70 FTIR instrument at 2 cm-1 resolution and averaging 500 scans 

per spectrum. A spectrum of the blank cell was used as the background when calculating 

absorbance. FTIR peaks were deconvoluted using FitYK software.10 Each part of the liquid 

transmission cell was cleaned by rinsing in 2 mL dimethyl carbonate and dried under vacuum for 

30 minutes. 

4.2.3 Nuclear Magnetic Resonance (NMR) Spectroscopy.  

NMR samples were prepared in an Ar glovebox in polytetrafluoroethylene/fluorinated 

ethylene polypropylene copolymer (PTFE-FEP) 5 mm tube liners (Wilmad Glass), which were 

placed into 7” 5 mm NMR tubes and sealed with Superior High Pressure Caps (Wilmad Glass). 

Samples were analyzed with a Bruker Avance III 500 MHz spectrometer with a BBFO PLUS 

probe. All spectra were referenced using a substitution reference standard of 1% TMS in CDCl3 

and processed with MestreNova 9.1.0. The calibration was applied during processing by absolute 

referencing.11 DOSY (diffusion) measurements were made at 298 K with the Jerschow-Müller 

convection-compensated pulse sequence.12 Diffusion coefficients were measured by fitting the 

appropriate NMR signal peak area (7Li or 19F for Li+ and PF6
- respectively) as a function of the 

log magnetic gradient according to the equation:13 

Ln A = -γ2δ2Gz
2D(Δ +  + )    (4.1) 

Where A is the peak area, γ is the gyromagnetic ratio of the nuclei under observation in radians2 s-

2 G-2,  δ is the bipolar gradient pulse width in s, Gz is the gradient strength in G cm-1, D is the 
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diffusion coefficient in cm2 s-1,  Δ is the pulse delay in s, and τ is the gradient ringdown delay in 

s. A list of the delays used for each sample is shown in Table S4.1. 

4.2.4 DFT calculation methods.  

All calculations were performed with Gaussian 09 software14 on the UW-Madison 

Chemistry Department High-Performance Computing cluster. The structures were optimized with 

B3LYP with a 6-31+G* basis set. The optimized structures had zero negative eigenvalues by 

frequency analyses. Zero-point vibrational energy corrections were taken into account when 

calculating solvation binding energies. Implicit solvation was modeled with a Polarizable 

Continuum Model (PCM) using acetone as the model solvent (dielectric constant = 20). 

4.3 Results and discussion  

4.3.1 Computation 

To aid in understanding lithium-ion electrolyte solvation structure, there has been extensive 

research on computation of solvation energy for various single solvent and mixed carbonates.15-20 

We ran DFT calculations on lithium solvated by DEC, EC and 1FOSN. Solvation binding energies 

were calculated from the equation 

EB = ELiX – (ELi + EX)       (4.2) 

Where EB is the binding energy, ELiX is the energy of the lithium-solvent cluster, ELi is the energy 

of the lithium ion, and EX is sum of the energies of the individual solvent molecules that make up 

the lithium-solvent cluster. The results of these calculations are shown in Table 4.1.  Considering 

the case of a lithium coordinated by a single solvent molecule in the gas phase, the preference for 

lithium solvation is shown to be EC > 1F-OSN > DEC. When the same solvent cluster is calculated 

in a simulated Polarizable Continuum Model solvent with the dielectric constant of acetone (ε = 
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20), the trend is consistent with the gas-phase results. The calculations performed with a PCM 

represent modeling of the impact of the solvent environment beyond the first solvation shell. 

Reports on the solvation number of lithium vary from 3-6,16, 21-23 but typically 4 solvent 

molecules is cited as the preferred number.19, 23 Additionally, computation has shown that mixed 

solvent clusters can show varying degrees of stability that cannot simply be determined as the sum 

of the binding energies of the individual solvents.15 Therefore, we also performed calculations of 

the solvation binding energies for clusters with on four solvent molecules around lithium, Li(1F-

OSN)4-n(X)n where X is EC or DEC and n=0-4 (Table 4.1). The binding energies of solvent clusters 

in the gas phase with four of the same solvent follow the same trend as the single-solvent-lithium 

clusters, with the greatest binding energy for Li+(EC)4 (-123.5 kcal/mol), followed by Li+(1F-

OSN)4 (-117.7 kcal/mol), and Li+(DEC)4 with the smallest binding energy (-113.1 kcal/mol). 

These results are consistent with computational and experimental results showing that EC is a 

strong solvating molecule.20 For mixed solvent clusters, Li+(EC)4-n(1F-OSN)n (n=1-3) complexes 

all have very similar binding energies to pure Li+(EC)4, with Li+(EC)3(1F-OSN) having a slightly 

greater binding energy (-123.8 kcal/mol). When the solvation cluster contains both DEC and 1F-

OSN, Li(DEC)2(1F-OSN)2 has the largest binding energy, greater than pure Li+(1F-OSN). The 

binding energy of Li(DEC)3(1F-OSN) is intermediate between pure DEC and pure 1F-OSN, while 

Li(DEC)(1F-OSN)3 has a smaller binding energy of -112.1 kcal/mol.  

These results suggest that without considering any effects of the solvent environment 

beyond the first solvation shell, for mixed EC/1F-OSN electrolytes the most favorable interactions 

with lithium occur with a solvation cluster composed of three EC molecules and one 1F-OSN 

molecule, although all clusters that contain at least one EC molecule are close in energies. For 
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mixed DEC/1F-OSN electrolytes the most favorable solvation shell contains two DEC molecules 

and two 1F-OSN molecules. 

Several 4-solvent-molecule lithium clusters in an acetone implicit solvent did not converge 

to an optimized geometry with no negative eigenvalues, so this series for comparison is not 

complete. However, we will discuss all those complexes that did converge with zero negative 

frequencies. Comparing the mixed Li+(EC)4-n(1F-OSN)n (n=1-3) solvation clusters, all have 

similar binding energies (-15.5 to -15.8 kcal/mol) and there is an increase in the solvation binding 

energy relative to Li+(1F-OSN)4 (-13.8 kcal/mol), similar to the gas-phase calculations. Also in 

concurrence with gas-phase calculations, Li+(DEC)2(1F-OSN)2 has a larger binding energy than 

Li+(1F-OSN)4, and Li+(DEC)(1F-OSN)3 has the smallest binding energy. One notable difference 

between the gas phase and PCM calculations trends is the smaller binding energy for all Li+(EC)4-

n(1F-OSN)n (n=1-3) clusters compared to Li+(DEC)2(1F-OSN)2. These results may reflect the 

influence of a moderately high dielectric constant implicit solvent on stabilizing individual solvent 

molecules of high to moderate polarity (EC, ε = 90 and 1F-OSN, ε = 16), while in the tetrahedral 

solvation structure the individual solvent molecules’ dipole vectors may be partially cancelled.16 

Therefore, it may be more relevant to compare solvation binding energies within a binary solvent 

series and not between series.  

These results suggest that when including the effect of a moderately polar solvent 

environment beyond the first solvation shell (ε = 20), for mixed EC/1F-OSN electrolytes the most 

favorable interactions with lithium occur with a solvation cluster composed of either three EC 

molecules and one 1F-OSN molecule or two EC and two 1F-OSN molecules, although all clusters 

that contain at least one EC molecule are close in energies. For mixed DEC/1F-OSN electrolytes 

the most favorable solvation shell contains two DEC molecules and two 1F-OSN molecules. 
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Overall, the DFT data we have collected suggest that a primary lithium solvation shell with 

equal amounts of DEC and 1F-OSN may be the most stable for DEC/1F-OSN mixed electrolytes, 

while all solvation shells containing at least one EC molecule may be approximately equally 

favorable for EC/1F-OSN mixed electrolytes. Importantly, the solvation binding energies for the 

four solvent molecules surrounding a lithium do not represent a linear combination of the of a 

single solvent molecule coordinating to lithium, reflecting the effects of individual dipole 

canceling and steric/electronic repulsive effects1, 15-16, 24 and indicating that in mixed solvents it 

will be unlikely that all solvation shells will contain only the one type of solvent that shows the 

most favorable single-solvent interaction by DFT (e.g. EC in mixed EC/1F-OSN, EC; 1F-OSN in 

mixed DEC/1F-OSN). These calculations represent an initial effort to understand the electronic, 

thermal, and steric factors involved in lithium stability in different solvation clusters. In order to 

fully assess the robustness and accuracy of these computational results, additional calculations will 

be performed with different methods, basis sets, and implicit solvation models. 

4.3.2 6Li- NMR assessment of the solvation sphere 

The chemical shift of a specific nuclide is dependent on its surrounding chemical 

environment.25 When separate chemical species or conformers are present in dynamic equilibrium 

faster than the timescale of the NMR measurement, the chemical shift appears as a weighted 

average of the individual components according to the equation:26 

δobs = n1/(n1+n2)*δ1 + n2/(n1+n2)*δ2   (4.3) 

Where δobs is the observed chemical shift, δ1 is the chemical shift of pure species 1, δ2 is the 

chemical shift of pure species 2, and n1 and n2 are the quantities of species 1 and species 2 

respectively in the sample under study. 
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In this manner, NMR observation of the lithium ion can provide insight into the 

surrounding solvation structure. In this study, we measured the 6Li-NMR signal of 1M LiPF6 in 

two series of mixed solvents with 1) DEC/1F-OSN and 2) EC/1F-OSN mole ratios ranging from 

10/1 to 1/5, as well as 1M LiPF6 in the individual EC, DEC, and 1F-OSN solvents. From these 

NMR spectra the relative concentrations of carbonate-Li and 1F-OSN-Li contributions to the 6Li 

chemical shift in ppm were calculated as a function of 1F-OSN mole fraction as shown in Equation 

3: 

1F-OSN-Li fraction of 6Li signal = (δobs – δ1F-OSN)/(δcarbonate – δ1F-OSN) (4.4) 

Where δobs is the chemical shift of the mixed solvent system under observation, δ1F-OSN is the 

chemical shift of 1M LiPF6 in pure 1F-OSN (-2.2 ppm), and δcarbonate is the chemical shift of 1M 

LiPF6 in EC (-0.6 ppm) or DEC (-0.4 ppm), depending on the carbonate of the mixed solvent 

system. 

Figure S4.1 shows the superimposed 6Li-NMR spectra for each sample the two data series 

under analysis. Figure 4.1 shows the calculated fractional 1F-OSN contribution to the 6Li peak 

chemical shift for each mixed solvent composition when paired with EC (Fig. 4.1a) and with DEC 

(Fig 4.1b). The values for these graphs are shown in Table S4.2. The grey dashed line in these 

graphs represents the expected result if the fraction of 1F-OSN contributing to the solvation shell 

were equivalent to its fraction of composition. Points above this line correspond to a 1F-OSN 

fractional contribution to the 6Li chemical shift greater than its fractional composition in solution, 

while points below this line correspond to a 1F-OSN contribution to the 6Li shift that less is than 

its fractional composition. For both EC/1F-OSN and DEC/1F-OSN, 1F-OSN contributes less than 

its composition in solution for all electrolyte mixtures studied. For example, when EC and OS3 

are present in a 1:1 mol ratio (1F-OSN fraction of composition = 0.5), the result of Equation 4.4 
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indicates that 63% of the lithium chemical shift comes from EC coordination and 37% from 1F-

OSN coordination. When DEC and OS3 are present in a 1:1 mol ratio (1F-OSN fraction of 

composition = 0.5), the result of Equation 4.4 indicates that 57% of the lithium chemical shift 

comes from DEC coordination and 43% from 1F-OSN coordination. These 6Li-NMR results 

suggest that each carbonate has a majority share of the solvation sphere in mixed carbonate/1F-

OSN electrolytes. The solvation dominance by DEC is minor and solvation is shared by both DEC 

and 1F-OSN, while EC dominates to a greater degree over 1F-OSN in the solvation sphere.  

4.3.3 Calculation of Ionic Dissociation 

Equation 4.4 is valid only when the change in the chemical shift of lithium is determined 

solely by the variation in the average coordination sphere between two solvents, and there is no 

other factor influencing the 6Li chemical shift as a function of solvent composition. As Figure S4.2 

shows, the chemical shift of Li+ in 1F-OSN moves downfield as the salt concentration increases 

as a result of the increasing association of Li+ with the PF6
- anion. Equation 4.4 therefore assumes 

that the degree of Li+ dissociation from PF6
- does not vary as a function of solvent composition in 

the electrolytes analyzed here.  To test this assumption and therefore the validity of Equation 4.4, 

we calculated the degree of dissociation for all electrolyte systems studied using Equation 4.5:27-

29 

α  
∗

    (4.5) 

Where α is the degree of salt dissociation, σmeasured is the conductivity in mS/cm measured by a 

conductivity probe at 298 K, σNMR is the calculated conductivity in mS/cm, e is the electric charge 

in C, N is the ions per volume in mol/mL, k is the Boltzmann constant in J/K, T is the temperature 

in K, DLi is the Li+ diffusion coefficient in cm2 s-1, and DPF6 is the PF6
- diffusion coefficient in cm2 



109 
 

 

s-1. The relationship between the diffusion coefficients of the ions and the conductivity as 

shown in σNMR is the Nernst-Einstein equation. The diffusion coefficients were measured using a 

convection-compensated NMR pulse sequence as described in the Materials and Methods section. 

A representative 19F DOSY NMR series of spectra, and the linear fit to extract the diffusion 

coefficient, are shown in Figure S4.3. It is important to note that Equation 4.5 is an underestimate 

of the degree of dissociation, since the diffusion coefficients measured by NMR are an average of 

the free and paired ionic species’ diffusion coefficients.28 However, relative changes in the degree 

of dissociation between electrolyte samples should be valid. 

Table 4.2 shows the results of the diffusion coefficient and conductivity measurements, 

and σNMR and α calculations from Equation 4.5. The degree of dissociation for single solvent 

electrolytes is greatest for EC (0.62), followed by 1F-OSN (0.45), followed by DEC (0.16). The α 

values for EC and DEC are close to the values reported in literature of 0.71 and 0.17 respectively.30 

The trend of ionic dissociation follows the trend of dielectric constants for each solvent: EC = 90, 

1F-OSN = 16, DEC = 3, and is also consistent with the calculated single solvent binding energies 

presented earlier. 

For low (0.09-0.67) mole fractions of 1F-OSN with EC, the calculated degree of 

dissociation increases from 0.62 in pure EC to 0.64-0.79. As the mole fraction of 1F-OSN increases 

further, the degree of dissociation falls to a value (0.50) that is intermediate between that of pure 

1F-OSN and pure EC. Similarly, in the DEC/1F-OSN series, the addition of 1F-OSN leads to an 

increase in ionic dissociation to 0.21-0.26 when DEC is the majority solvent species by mol%. At 

equimolar DEC/1F-OSN, the dissociation increases to 0.39, and when 1F-OSN is the majority 

solvent species the degree of dissociation is approximately equivalent to that in pure 1F-OSN 

(0.44-0.45).  
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These calculated degrees of dissociation for mixed electrolyte systems show that ionic 

dissociation is not constant with varying mole fractions of organosilicon and carbonate solvents. 

The largest change in the degree of dissociation from pure EC to mixed EC/1F-OSN was 27%, 

which might not be significant enough to impact the 6Li chemical shift in Equation 4.3. However, 

the degree of dissociation in 1/5 and 1/2 DEC/1F-OSN was a 181% increase in the ionic 

dissociation for pure DEC. Therefore, we postulate that at least part of the downfield shift of the 

lithium peak with increasing mole fraction of DEC in DEC/1F-OSN mixtures, and indeed the 

chemical shift of lithium in pure DEC, is due to greater ionic association and the possible formation 

of contact ion pairs, and not solely due to lithium coordination by the DEC carbonyl. At this time 

we have not assessed a way of deconvoluting the ionic association and the carbonate deshielding 

contributions to the 6Li chemical shift through NMR. 

4.3.4 Fourier transform infrared spectroscopy qualitative analysis of solvation 

We utilized Fourier transform infrared spectroscopy (FTIR) as a second analytical 

technique to further elucidate the nature of solvation in organosilicon and mixed organosilicon-

carbonate lithium electrolytes. Previous studies have shown that the coordination of lithium by a 

carbonyl31-32 or nitrile33-35 can be detected through FTIR as a red- or blue-shift of the functional 

stretching frequency. We utilized liquid transmission FTIR to analyze pure EC, DEC, and 1F-OSN 

electrolytes and mixed solvent EC/1F-OSN and DEC/1F-OSN electrolytes, and gain an 

understanding of the solvation structure. Figure 4.2 shows the FTIR spectra of a series of LiPF6 

concentrations dissolved in DEC (Fig. 4.2a) or 1F-OSN (Fig. 4.2b). EC is a solid at room 

temperature and does not easily form solutions when mixed as a single solvent with LiPF6, 

especially with low salt concentrations, therefore we did not measure a corresponding 

concentration series of LiPF6 in EC. The spectral region of the solvating functionality (carbonyl 
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for DEC and nitrile for 1F-OSN) shows two peaks for each solvent, representing separate species 

where the functionality is free, and where the functional group is coordinating to lithium.31, 33-35 

Due the high absorbance cross section of the DEC and EC carbonyl stretching frequencies, the 

transmission cell must utilize an ultrathin pathlength (<1 μm) to avoid total light absorbance at the 

carbonyl absorbance frequency, as described in the Materials and Method section. This cell 

showed nonnegligible sample-to-sample variability of the absorbance values. In Figure 4.2, the 

spectra are therefore scaled to the absorbance of the free peak to more clearly see the change in 

free/coordinating peak ratios. 

In Figure 4.2a, the spectra show a series of 0.3-1.4M LiPF6 dissolved in DEC. The peak 

observed at 1747 cm-1 was assigned to the free carbonyl, while the peak at 1712-1714 cm-1 was 

assigned to the carbonyl coordinating lithium, as reported previously.31-32 The red-shift of the 

carbonyl frequency upon binding to lithium is due to the donation of electron density to the cation 

from a solvent bonding orbital, leading to a decrease in the C=O bond order and decreased 

stretching frequency. The λmax of the coordinating peak also shows a small blue-shift of 2 cm-1 

with increasing salt concentration across the series studied. In Figure 4.2b, the spectra show a 

series of 0.1-1M LiPF6 dissolved in 1F-OSN. The peak at 2247 cm-1 was assigned to the free nitrile, 

while the peak at 2271 cm-1 was assigned to the lithium-coordinating nitrile, as reported previously 

for lithium in other nitrile solvents.33-34 There is a smaller additional peak at ~2285 cm-1 that was 

assigned to a combination band from a C-C stretch and CH3 deformation, as reported in the 

literature.34 

The mixed electrolyte series EC/1F-OSN was analyzed by FTIR as shown in Figure 4.3. 

The carbonyl region in EC has an interfering Fermi resonance overlapping the coordinated 

carbonyl peak,32 so the carbonyl region was not including in this analysis. Figure 4.3a shows the 
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nitrile region for these mixed electrolytes, with the expected free nitrile (2247 cm-1) and 

coordinated nitrile (2271 cm-1) peaks. The peaks were fit using FitYK software as described in the 

experimental section (see Figure S4.4 for an example spectral fit) and the absorbance ratio of the 

free solvent and coordinating solvent peaks was calculated to give the results shown in the graph 

in Figure 4.3b. As the mole fraction of 1F-OSN in solution decreases from 1.0 to 0.5 (increasing 

EC content), the relative amount of coordinating to free nitrile decreases as well. Figure 4.3b shows 

the change in coordinating/free ratio peak absorbances of the nitrile with changing mole fraction 

of 1F-OSN, compared with the same peak ratio for different concentrations of LiPF6 in pure 1F-

OSN. In the 1/1 EC/1F-OSN electrolyte, the coordinating/free absorbance ratios are slightly less 

that for 0.5M LiPF6 in pure 1F-OSN. As the mole fraction of 1F-OSN decreases further from 0.5 

to 0.09, the relative ratios of coordinating and free nitrile do not significantly change.  These data 

show that adding EC to a 1F-OSN electrolyte causes a decrease in the amount of solvating nitrile, 

suggesting it is favorable for the solvation shell in mixed EC/1F-OSN electrolytes to include EC, 

consistent with the NMR results showing that addition of the decreased the 1F-OSN contribution 

to the 6Li chemical shift. 

The mixed electrolyte series DEC/1F-OSN was analyzed by FTIR, and the results are 

shown in Figure 4.4. Figure 4.44a shows the change in the carbonyl region for DEC as a function 

of changing mole ratios of the two solvents. At low mole fractions of 1F-OSN (0.09 – 0.33), the 

ratio of coordinating/free carbonyl peaks remains approximately constant and close to the 

absorbance ratio measured in 1M LiPF6 in pure DEC. As the mole fraction of 1F-OSN is further 

increased, the relative ratio of coordinating/free DEC increases as well, above the absorbance ratio 

measured for 1.8 M LiPF6 in pure DEC (Figure 4.4c). Additionally, the free carbonyl peak shows 

a red shift and the coordinating carbonyl peal shows a blue shift, such that for 1/2 DEC/1F-OSN 
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and 1/5 DEC/1F-OSN the distinct peaks begin to merge; however, the peak fitting allows 

deconvolution of the separate species. 

Figure 4.4b shows the change in the nitrile region for 1F-OSN in the DEC/1F-OSN series. 

Similar to the carbonyl region, the ratio of the coordinating and free nitrile peaks does not 

significantly change for mole ratios of 1F-OSN 0.09 – 0.67. In 1/5 DEC/1F-OSN, the 

coordinating/free nitrile peak ratio increases relative to the other mixed electrolytes to a similar 

value to the absorbance ratio in 1M LiPF6 in pure 1F-OSN. Similar to EC, these results show that 

the addition of DEC to 1F-OSN causes a decrease in the amount of solvating nitrile. However, as 

is shown by comparing Figure 4.3b and Figure 4.4d, the decrease in the amount of solvating nitrile 

caused by EC is more significant than that caused by the same mole ratio of DEC/1F-OSN. These 

results could indicate DEC is preferentially part of the solvation sphere in mixed DEC/1F-OSN, 

but to a smaller extent than the preference for EC in EC/1F-OSN. These results are consistent with 

the NMR data shown in Figure 4.1. 

The increase in solvating DEC with addition of 1F-OSN could also be partly explained by 

the increase in salt dissociation when 1F-OSN is added to DEC, as shown in Table 4.2: the degree 

of solvating DEC increases because there are more lithium ions available for solvation, while the 

degree of solvating 1F-OSN decreases when DEC is added because ionic dissociation increases 

and fewer lithium ions are available for solvation. In order to deconvolute the different possible 

contributions to the observed trends, we made an effort to quantitatively analyze the FTIR data. 

 

4.3.4 Fourier transform infrared spectroscopy quantitative analysis of solvation 

In order to quantify the speciation of the lithium solvation shell, we first determined the 

relative IR sensitivities of the free and lithium-coordinating peaks for each coordinating 
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functionality (carbonyl for DEC and nitrile for 1F-OSN) from the LiPF6 concentration series 

spectra shown in Figure 4.2. Due to the overlapping Fermi resonance in the carbonyl spectral 

region of EC as stated earlier,32 this analysis was not performed for EC. We base this analysis on 

the notion that the concentration of solvent remains constant for all samples within each salt 

concentration series, and therefore any loss in signal from the free solvent peak must be balanced 

by a gain in signal for the coordinating solvent peak. If the IR sensitivities of the two peaks were 

equal, the ratio of the rate of change of each of the two peaks would be described by Equation 4.6: 

Absorbance Ratio Free/Coordinating Peaks =      (4.6) 

Where x is the concentration of lithium, as long as the spectra are measured within a concentration 

range where the change in each of the species is linear as a function of lithium concentration. If 

the IR sensitivities of the two peaks are not equal, their relative sensitivities can be determined by 

the follow Equation 4.6 modification: 

Absorbance Ratio Free/Coordinating Peaks =      (4.7) 

Where a is the slope of the line describing the decrease in the free solvent peak and c is the slope 

of the line describing the corresponding increase in the lithium coordinating peak, both as a 

function of increasing lithium concentration. The relative ratio of a to b describes the rate of change 

in free solvent peak relative to the rate of change of the coordinating solvent peak, and therefore 

the relative IR intensities of these bands. While the sample-to-sample absorbance variability 

precluded directly measuring either individual function ax + b or cx, as Equation 4.7 shows, a plot 

of  (inverse of the lithium concentration) vs the absorbance ratio of free/coordinating peaks will 

give the relative IR intensities as the y-intercept of the resulting linear line. If Equation 4.7 does 

not describe the relationship between inverse lithium concentration and the peak absorbance ratios, 
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the linear fit should be poor; therefore, we use the goodness of a linear fit as a check to assess the 

validity of Equation 4.7 for these electrolytes. 

Figure 4.5 shows the results of this analysis for a concentration series of LiPF6 in DEC 

(Fig. 4.5a) and a concentration series of LiPF6 in 1F-OSN (Fig. 4.5b). The range of lithium 

concentrations analyzed here were ≤ 1M, to avoid any nonlinearity due to significant ion pairing 

that may occur at high salt concentrations. The linear fit of both DEC and 1F-OSN data series give 

R2 > 0.995. For DEC, the y-intercept (a/c) is -2.680 ± 0.560 and for 1F-OSN, the y-intercept is -

0.541 ± 0.187. Therefore, to normalize the measured free solvent peak for its relative IR sensitivity 

to the coordinating peak, we multiplied the free DEC peak absorbance by 0.373 and the free 1F-

OSN peak by 1.85. The sensitivity-normalized absorbances were then used to calculate mol% of 

free solvent and mol% of coordinating solvent for DEC and for 1F-OSN. Based on the known 

concentrations of each solvent in the electrolyte, the total concentration of solvent coordinating to 

lithium, [Solvent--Li+] (equal to the nominal solvation number, given the lithium concentration of 

1M) for each sample was also calculated. Finally, the % organosilicon present in the solvation 

shell was determined from the [CN--Li+] fraction of the total [Solvent--Li+]. The results of these 

calculations are shown in Table 4.3. In the single-solvent electrolyte 1F-OSN + 1M LiPF6, 56% 

of the total solvent is coordinating lithium (average solvation number of 3.3). In DEC + 1M LiPF6, 

65% of the total solvent is coordinating lithium (average solvation number of 5.4). Considering 

that we calculated a greater ionic dissociation for 1F-OSN + 1M LiPF6 (0.45) than DEC + 1M 

LiPF6 (0.16), these results suggest that a greater number of solvent molecules are required to 

solvate lithium in pure DEC than in pure 1F-OSN. In mixed EC/1F-OSN, the percentage of 1F-

OSN coordinating to lithium is strongly dependent on the mole fraction of EC, with only 25% of 

1F-OSN coordinating at 10/1 EC/1F-OSN. In mixed DEC/1F-OSN the percentage of 1F-OSN 
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coordinating to lithium drops to ~50% when the mole fraction of 1F-OSN is less than 0.83, but 

remains constant with further decreasing 1F-OSN mole fraction. These results are consistent with 

the previous data showing that EC contributes more strongly than DEC over 1F-OSN to the 

solvation shell. 

Figure 4.6a shows the 1F-OSN % of the solvation shell in the DEC/1F-OSN series plotted 

against the 1F-OSN composition in solution. This graph shows that 1F-OSN participates in the 

solvation shell to a degree that is slightly less than its fraction in composition, and therefore DEC 

slightly dominates the composition of the solvation shell. For example, when DEC and 1F-OSN 

are present in equimolar quantities, the solvation shell is 58% DEC and 42% 1F-OSN. We note 

that this measurement includes a large degree of uncertainty due to the error in the linear fits from 

Figure 4.5 (the error bars in Figure 4.6a and 4.6b). However, these results are in excellent 

agreement with the 1F-OSN fraction of the 6Li-NMR chemical shift shown in Figure 4.1. Figure 

4.6b shows the calculated nominal solvation number based on the ratio of the to the concentration 

of LiPF6 in solution (1M for all samples), also as a function of the 1F-OSN mole fraction in 

solution. At 91 mol% DEC, the lithium is coordinated on average by 5.0 solvent molecules. As the 

mole fraction of 1F-OSN in solution increases, the solvation number decreases correspondingly, 

and in 83% 1F-OSN, the lithium is coordinated on average by 3.8 solvent molecules. 

4.4 Conclusions 

In this study, we analyzed the nature of the solvation shell in binary electrolytes with a 

fluorinated organosilicon nitrile solvent (1F-OSN) mixed with either EC or DEC in varying mole 

ratios of solvents, with 1M LiPF6. We used DFT calculations to determine the solvation binding 

energies of lithium solvation clusters in the gas phase and in a dielectric medium model. We 

measured the contribution of each solvent species to the 6Li-NMR signal and determined the 
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degree of dissociation using the solution conductivity and the ion diffusion coefficients measured 

by 7Li- and 19F-NMR. Finally, we used FTIR to qualitatively assess changes in each solvent’s 

coordination to lithium with changing 1F-OSN mole fraction in solution, and we further describe 

efforts to quantify the speciation of the solvation shell in mixed-solvent electrolytes. 

The preliminary DFT calculations suggest that a primary lithium solvation shell with equal 

amounts of DEC and 1F-OSN may be the most stable for DEC/1F-OSN mixed electrolytes, while 

all solvation shells containing at least one EC molecule may be approximately equally favorable 

for EC/1F-OSN mixed electrolytes. Both NMR and FTIR show that the lithium solvation sphere 

in DEC/1F-OSN mixed electrolytes has a greater % of DEC relative to its composition in the 

solution than 1F-OSN. In EC/1F-OSN, the % of carbonate in the solvation shell is even greater 

than in DEC/1F-OSN. Importantly, 1F-OSN is yet a non-negligible component of the solvation 

shell (5-8%) even at a low concentration in solution (9 mol%). Calculations of the degree of 

dissociation from measured ion diffusion coefficients and solution conductivity show that adding 

a mol fraction of 1F-OSN to a lithium electrolyte of either EC or DEC causes an increase in the 

ionic dissociation. Therefore, despite the lower % solvation shell contribution of the organosilicon, 

we show 1F-OSN to have an impact on the bulk solvation properties of these binary electrolytes. 

The presence of 1F-OSN also impacts the nominal solvation number in DEC/1F-OSN mixed 

electrolytes, with the addition of 1F-OSN decreasing the preferred or required solvation number 

of lithium. The impact of 1F-OSN on the nominal solvation number of EC/1F-OSN electrolytes 

was not assessed. The lower solvation number but higher ionic dissociation of 1F-OSN-containing 

lithium electrolytes relative to DEC electrolytes  may suggest that fewer 1F-OSN molecules in the 

solvation shell are more favored and yet overall the 1F-OSN has a greater impact on solvation, and 
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suggests that purely quantifying % of different solvent species in the primary solvation shell in 

mixed electrolytes cannot capture the full role of each different solvent. 

We propose that the organosilicon has a significant impact on the solvation shell of lithium 

electrolytes even when present at a lower % of the solvation sphere, due to a more favorable lower 

solvation number and impact on the dissociation of the salt. Future solvation studies may focus on 

how the bulk lithium solvation changes at the electrode-electrolyte interface, for different electrode 

materials, and under varying electrode polarizations. 
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4.5 Figures 

Table 4.1 Solvation cluster binding energies (in kcal mol-1) from DFT calculations 

Solvent cluster Gas-phase Implicit solvation (ε = 20) 

Li+1F-OSN -46.9 -3.82 

Li+EC -49.2 -3.73 

Li+DEC -40.7 -3.37 

Li+ (1F-OSN)4 -117.7 -13.8 

Li+ (EC)4 -123.5 -* 

Li+ (DEC)4 -113.1 -* 

Li+ (EC)3(1F-OSN) -123.8 -15.8 

Li+ (EC)2(1F-OSN)2 -123.4 -15.8 

Li+ (EC)( 1F-OSN)3 -123.2 -15.5 

Li+ (DEC)3(1F-OSN) -116.5 -* 

Li+ (DEC)2(1F-OSN)2 -118.9 -16.5 

Li+ (DEC)( 1F-OSN)3 -108.9 -4.6 

 

*Geometries did not converge to optimized minimum with zero negative eigenvalues 
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Figure 4.1 Calculated fraction of 1F-OSN contributing to the 6Li peak chemical shift in a) 

EC/1F-OSN and b) DEC/1F-OSN mixed solvent electrolytes. All electrolytes have 1M LiPF6.  

Grey dashed line represents the expected result if the fraction of 1F-OSN contributing to the 

solvation shell were equivalent to its fraction of composition. 
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Table 4.2 Diffusion coefficients of the cation (DLi) and anion (DPF6), calculated conductivity from 
the diffusion coefficients (σNMR), measured conductivity (σmeasured), and degree of dissociation (α) 

Electrolyte 

(all with 1M 
LiPF6) 

DLi (10-6
 cm2s-1) DPF6 (10-6

 cm2s-1) 

Calculated 
Conductivity 

σNMR 
(mS/cm) 

Measured 
Conductivity 

σmeasured 
(mS/cm) 

Degree of 
Dissociation 

α 

1F-OSN 0.67 0.74 5.3 2.38 0.45 

EC 1.7 1.6 12.2 7.631 0.62 

DEC 2.4 2.9 19.8 3.221 0.16 

10/1 EC/1F-OSN 0.86 1.6 9.2 7.05 0.77 

5/1 EC/1F-OSN 0.69 1.5 8.1 6.38 0.79 

1/1 EC/1F-OSN 0.51 0.91 5.3 4.03 0.76 

1/2 EC/1F-OSN 0.48 0.90 5.2 3.33 0.64 

1/5 EC/1F-OSN 0.53 0.94 5.5 2.79 0.50 

10/1 DEC/1F-OSN 2.0 1.5 13.2 3.38 0.26 

5/1 DEC/1F-OSN 2.2 2.5 17.5 3.62 0.21 

2/1 DEC/1F-OSN 1.3 2.6 14.7 3.73 0.25 

1/1 DEC/1F-OSN 1.4 1.1 9.3 3.65 0.39 

1/2 DEC/1F-OSN 0.9 1.0 7.2 3.23 0.45 

1/5 DEC/1F-OSN 0.5 1.2 6.4 2.84 0.44 

1Values from Hayamizu, K. Electrochim. Acta, 254, 2017, Supporting Information, calculated at 
25 °C from linear trendline of conductivity with surrounding temperatures. 
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Figure 4.2 FTIR spectra of concentration series of LiPF6 in a) DEC and b) 1F-OSN. Spectra are 

scaled to the free solvent peak. 
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Figure 4.3 a) FTIR spectra of the EC/1F-OSN mixed electrolyte series nitrile region, all with 1M 

LiPF6, and b) the corresponding graph of the ratio of coordinating/free solvent peak absorbances 

as a function of mole fraction of 1F-OSN. The left y-axis represents the peak absorbance ratios 

for the mixed solvent electrolytes, while the arrows on the right indicate the corresponding 

absorbance ratio for the labeled lithium salt concentration in 1F-OSN single solvent electrolyte. 

The grey dashed line represents the peak absorbance ratio for 1M LIPF6 in 1F-OSN. 
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Figure 4.4 FTIR spectra of DEC/1F-OSN mixed electrolytes with varying mole ratios of DEC 

and 1F-OSN, scaled to the absorbance of the free solvent peak for each spectral region: a) DEC 

carbonyl region and b) 1F-OSN nitrile region, all with 1M LIPF6. Corresponding graphs of the 

ratio of coordinating/free solvent peak absorbances as a function of mole fraction of 1F-OSN for 

c) the DEC carbonyl peaks and d) the 1F-OSN nitriles peaks. Left y-axes represent the peak 

absorbance ratios for the mixed solvent electrolytes, while the arrows on the right indicate the 

corresponding absorbance ratio for the labeled lithium salt concentration in the single solvent 

electrolyte. The grey dashed line represents the peak absorbance ratio for 1M LIPF6 in the single 

solvent. 
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Figure 4.5 Graphs of the absorbance ratio of free/coordinated solvent peaks as a function of 

inverse lithium concentration.   
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Table 4.3 Quantitative Speciation of the Solvation Shell from FTIR analysis1 

Electrolyte 

(all with 1M 
LiPF6) 

% of 
organosilicon 

coordinating to 
Li 

% of carbonate 
coordinating to 

Li 

Solvation 
number 

% organosilicon 
composition 

% organosilicon 
in solvation 

shell 

1F-OSN 56 ±15% - 3.3 ±1 100% 100% 

DEC - 65 ±7% 5.4 ±0.6 0% 0% 

10/1 DEC/1F-
OSN 

51 ±17% 67 ±7% 5.0 ±0.5 9 % 7 ±3% 

5/1 DEC/1F-
OSN 

49 ±18% 67 ±7% 4.7 ±0.5 17% 13 ±5% 

2/1 DEC/1F-
OSN 

52 ±17% 68 ±6% 4.4 ±0.5 33% 28 ±10% 

1/1 DEC/1F-
OSN 

50 ±18% 70 ±6% 4.0 ±0.7 50% 42 ±17% 

1/2 DEC/1F-
OSN 

52 ±18% 71 ±3% 3.7 ±0.8 67% 59 ±24% 

1/5 DEC/1F-
OSN 

56 ±15% 86 ±7% 3.8 ±0.8 83% 77 ±26% 

10/1 EC/1F-OSN 25 ±26% - - - - 

5/1 EC/1F-OSN 27 ±25% - - - - 

1/1 EC/1F-OSN 32 ±26% - - - - 

1/2 EC/1F-OSN 44 ±20% - - - - 

1/5 EC/1F-OSN 52 ±17% - - - - 

 

1 ± values represent uncertainty based on the uncertainty in the y-intercept of the fit line in Figure 4.5 
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Figure 4.6 As a function of 1F-OSN fraction of composition in mixed DEC/1F-OSN + 1M LiPF6 

electrolytes, a) 1F-OSN fraction of solvation shell and b) solvation number, calculated from 

FTIR absorbance ratios of free and coordinating 1F-OSN and DEC peaks. The error bars here 

represent the uncertainty of each value from the standard deviation of the fit line y-intercepts in 

Figure 4.5. 
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Table S4.1. DOSY NMR parameters for each electrolyte sample 

Sample 7Li δ (μs) 7Li Δ (s) 19F δ (μs) 19F Δ (s) 
1 M LiPF6 in EC 3200 1.0 2000 0.36 

1 M LiPF6 in OS3 3000 0.35 3000 1.0 
1 M LiPF6 in DEC 3000 0.8 2000 0.4 

10:1 EC:OS3 + 1 M 
LiPF6 

3000 1.0 3000 1.0 

5:1 EC:OS3 +  
1 M LiPF6 

4400 1.0 2000 0.5 

1:1 EC:OS3 +  
1 M LiPF6 

6000 0.7 4000 0.9 

1:2 EC:OS3 +  
1 M LiPF6 

6000 0.45 2000 0.5 

1:5 EC:OS3 +  
1 M LiPF6 

5000 0.4 2000 0.5 

10:1 DEC:OS3 + 1 
M LiPF6 

3000 0.5 2000 0.5 

5:1 DEC:OS3 +  
1 M LiPF6 

5000 0.7 2000 0.5 

2:1 DEC:OS3 +  
1 M LiPF6 

5700 0.5 2000 0.5 

1:1 DEC:OS3 +  
1 M LiPF6 

2000 0.5 2000 0.5 

1:2 DEC:OS3 +  
1 M LiPF6 

4000 0.4 2000 0.5 

1:5 DEC:OS3 +  
1 M LiPF6 

5000 0.4 2000 0.5 
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Figure S4.1 6Li-NMR of a) EC/1F-OSN and b) DEC/1F-OSN mixed electrolytes, along with 

corresponding single-solvent EC, DEC, and 1F-OSN electrolytes. All electrolytes have 1M 

LiPF6. 
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Table S4.2 6Li-NMR chemical shifts and calculated contribution to the lithium solvation 

environment for varying 1F-OSN composition fractions in a) EC/1F-OSN electrolyte mixtures 

and b) DEC/1F-OSN electrolyte mixtures 

  
a) b)
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Figure S4.2 6Li-NMR chemical shift in 1F-OSN as a function of LiPF6 concentration 
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Figure S4.3. Sample DOSY 19F-NMR spectra of PF6 doublet and peak area decay as a function 
of gradient strength (left); linear fit to give diffusion coefficient (right) 
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Figure S4.4 Example of peak fitting with FitYK software for 0.2M LiPF6 in 1F-OSN 
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Chapter 5.  Conclusions and Future Directions 
Our energy needs today require batteries that are higher-voltage, longer-lasting, and safer. 

Lithium-ion energy cells have the potential to meet these needs in many applications, but the 

development of new materials to meet these demanding metrics is an ongoing, worldwide 

investigation. While many advances have been made in battery electrode materials, the battery 

electrolyte, historically based on LiPF6 and carbonate solvents, remains one of the primary limiting 

factors in battery stability and performance. This thesis describes a class of novel lithium-ion 

battery solvents and additives, organosilicons. Herein, we undertake an investigation of the 

fundamental thermal, electrochemical, and solvation properties of organosilicons, compare them 

with traditional carbonates solvents, and shed light on mechanisms and molecular origins of their 

thermal, electrochemical, and solvation behavior. 

We began by studying the electrolyte thermal stability, which in traditional carbonate 

electrolytes is a source of significant performance and safety issues in the battery. LiPF6 will 

thermally degrade to irreversibly lose lithium and form HF, which goes on to degrade the electrode; 

additionally, gaseous thermal degradation products can form. We show that in organosilicons, the 

degradation of LiPF6 and the formation of HF is eliminated or mitigated. By investigating the 

mechanisms of stability, we find that there are two main mechanisms of LiPF6 thermal stabilization 

in organosilicons: 1) elimination of the catalytic degradation cycle seen in carbonates, due to the 

lack of reactivity between downstream hydrolysis products and organosilicons, and 2) formation 

of a reversible PF5 complex in organosilicons that stabilizes this highly reactive Lewis acid. 

Further investigation of the thermal stability of fluorinated vs nonfluorinated organosilicon nitriles 

found that there is a thermal mechanism of fluorination of nonfluorinated organosilicons, and 

organosilicon glycols undergo a thermal intramolecular cyclization pathway. Therefore, we 
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ultimately conclude that all organosilicon-based electrolytes provide thermal protection for LiPF6 

even at very high (100 °C) temperatures, and within the series of organosilicons studied, the 

thermal stability was highest for fluorinated organosilicon nitriles. The exceptional thermal 

stability shown by organosilicon electrolytes show promise for these novel solvents in high-

temperature battery applications. 

In addition to thermal stability, high electrochemical stability is an important property of 

battery electrolytes. We investigated the mechanisms of oxidative stability for organosilicon 

nitrile-based electrolytes with 0-3 fluorines at the silicon atom using computation, voltammetry, 

NMR, and XPS. DFT calculations indicated that greater fluorination would be expected to increase 

oxidative stability and all organosilicon nitriles expected to have relatively low oxidative stability; 

however, unexpected, linear sweep voltammetry showed greater oxidative stability of 

organosilicon nitriles compared to carbonates and a higher oxidation potential for organosilicons 

with lower fluorination. We show that the presence of a peak in the voltammetry at a voltage lower 

than the full electrolyte breakdown that is associated with a surface-limited reaction may be key 

to providing oxidative protection in these electrolytes. Evidence in the NMR that the 

prebreakdown peak is associated with a coupled fluorination-oxidation resulting in Si-C bond 

cleavage to form a fluorosilane in solution, simultaneous formation of a surface film containing 

nitrogen, suggest a self-limiting surface film forms at moderate oxidizing potentials in 

organosilicon nitriles that promotes superior oxidative stability. These results show promise for 

organosilicon nitriles containing 0-1 fluorines at the silicon for applications in high-voltage battery 

electrolytes. Important next steps towards furthering our molecular-level understanding of the 

electrochemistry of organosilicon electrolytes would include expanding these studies into battery-

relevant systems such as oxidation studies against complex metal oxides. Additionally, an 
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important complementary work on the electrochemical stability of organosilicons would be to 

investigate their mechanisms of reduction. Finally, the evidence that organosilicons can react to 

form an oxidatively-induced protective film suggest that the organosilicon structure may be easily 

tuned to be an intentional film-forming additive to provide additional oxidative stability. 

Finally, we investigated the nature of lithium solvation in mixed organosilicon-carbonate 

electrolytes. We found by both NMR and FTIR that both of the carbonates studied seem to form a 

greater percentage of the solvation shell relative to the organosilicon. However, the presence of 

the organosilicon causes a greater degree of ionic dissociation, and the organosilicon appears to 

prefer a smaller solvation shell, suggesting that the impact of solvation is not limited simply to the 

majority solvent within the primary solvation shell. Future studies on organosilicon solvation will 

include more complex systems including ternary and additive-containing electrolytes, as well as 

investigations using in situ FTIR techniques to understand how the solvation shell changes at the 

electrode-electrolyte interface and under applied potentials. 

This work provides a fundamental understanding of the thermal, oxidative, and solvation 

properties of novel organosilicon-containing lithium-ion electrolytes, that can now be used as a 

foundation to design better organosilicons and understand their properties in more complex and 

realistic battery environments. 

 


