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SUMMARY 

 
 
 

The lithium-ion battery was first commercialized in 1990 by Sony. Lithium ion 

batteries provided a higher gravimetric and volumetric energy density than previously 

used nickel-metal hydride or nickel-cadmium batteries and thus quickly dominated as the 

battery of choice for mobile applications. Since the original lithium-ion battery was 

commercialized, the electrodes and electrolyte have remained fundamentally unchanged 

and energy density improvements have come from minimizing the battery’s packaging, 

rather than from improvements to the active materials. Future improvements must come 

from re-thinking the electrodes themselves. Lithium metal anodes are being considered 

as the next generation high capacity anodes for lithium batteries. With a capacity over 

ten times higher than current graphite anodes, such a shift has the potentially to 

significantly increase the overall energy density of a cell. There are two main issues 

facing the implementation of lithium metal anodes: 1) dendrite growth and 2) reactivity 

between lithium and the electrolyte. 

When lithium metal is electrodeposited from an electrolyte, as it would be during 

battery charging, the deposited metal forms sharp needles, called dendrites. These 

dendrites are a significant safety concern because they can grow across the separator, 

potentially short circuiting the battery and causing thermal runaway. In this work, lithium 

was co-deposited with sodium to yield a non-dendritic deposited. This was accomplished 

by selecting two ionic liquids that could reduce and re-oxidize both lithium and sodium 

individually. Be selecting potentials at which both metals deposited, sodium physically 

blocked the dendritic sites inherent in lithium metal.  
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A nucleation study was conducted to observe the electrodeposits at short times. It 

was found that the organic electrolyte composed of ethylene carbonate and dimethyl 

carbonate initially produced a granular deposit that eventually lead to extruded 

dendrites. The ionic liquid electrolyte produced dendrites immediately upon nucleation. 

Additionally, the number of active growing dendrites decreased over time leading to two 

size distributions. This is due to the competition between surface film formation and 

continued growth on freshly deposited lithium metal. Co-depositing lithium with sodium 

resulted in a granular deposit immediately upon nucleation, indicating that the co-deposit 

is not a retroactive solution to dendrite growth. The local deposition rate k, proportional 

to the local current density, was solved for by taking into account the geometry of 

dendritic and non-dendritic growth. The rate of formation of the SEI layer and its 

subsequent effects were evaluated based on the trends found from the calculated 

deposition rate. 

In addition to sodium, other alkali earth metals were tested as potential co-deposits 

with lithium. A reduction and oxidation could not be achieved from ionic liquid for 

potassium, thus no co-deposit was possible. Redox reactions were observed with 

rubidium and cesium but at potentials more negative than lithium. The potential window 

of the ionic liquid electrolyte did not extend negative enough to fully support the 

reduction, thus a non-dendritic co-deposit was not possible. Alkaline earth metals were 

also tested for their effect on the lithium deposit morphology. None of these metals were 

expected to form co-deposits as the two-electron transfer required to form the metals 

does not occur in our electrolyte. While no co-deposit was formed, the alkaline earth 

metal changed lithium’s deposit morphology by adsorbing to the substrate surface. 

Cyclic voltammograms of lithium/alkaline earth electrolytes were characterized by higher 

over-potentials and lower overall current density. These mixed electrolytes produce 
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granular, non-dendritic lithium deposits without the co-deposition of the alkaline earth 

metals. This is likely due to hindered lithium transport to the surface, which mitigates the 

accelerated growth that leads to dendrites. Two methods for suppressing dendritic 

growth were demonstrated in this work: first, the co-deposition of lithium with another 

metal to physically block dendritic growth, and second, an adsorption that hinders the 

transport of lithium ions to the surface, thus preventing the fast growth that would 

normally result in dendrites. 

The second hurdle for lithium metal anodes is the instability between the electrolyte 

and lithium metal. Lithiated graphite, the charged anode in lithium-ion batteries, also 

suffers from this problem but the electrolyte is chosen so that the reactant products form 

a stable solid electrolyte interface (SEI) that protects the anode from further reaction 

during subsequent cycling. In the lithium metal system, such a SEI layer is conceptually 

more difficult because of the large volume change associated with depositing and 

stripping all lithium metal on each cycle. Formation of a better SEI layer on lithium metal 

was attempted through the addition of organic additives. Vinylene carbonate greatly 

improved the coulombic efficiency of lithium metal plating and stripping. The effect of 

gases, such as oxygen, nitrogen and carbon dioxide, on the SEI layer was also 

investigated. It was found that the presence of nitrogen and oxygen improved the 

coulombic efficiency by facilitating a thinner SEI layer. Though improvements in the 

coulombic efficiency were observed through changes in the atmosphere and organic 

additives, these improvements did not lead to sufficient coulombic efficiencies for battery 

applications. 

This work presents attempts at improving the lithium metal anode both by increasing 

the coulombic efficiency of the redox process and by eliminating dendrite growth. The 

coulombic efficiency improvements through the bubbling of gases and adding organic 
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additives resulted in thinner and more protective SEI layers but work remains to increase 

these values more. Dendritic growth, which makes the lithium anode too dangerous as 

an anode, was completely eliminated by two methods: 1) co-deposition and 2) 

adsorption of a foreign metal. Both methods could potentially be applied to different 

electrolytes, making them promising methods for preventing dendritic growth in future 

lithium metal anodes. 
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1. Project Motivation 

 
 
 

As consumer mobile devices shrink in size, the volume and weight of the batteries 

that power them have become important limiting metrics. While transistors have 

continued to shrink in size, the capacity of lithium-ion batteries first commercialized by 

Sony in 1991 has only seen incremental improvements5,6. The graphite anode, with a 

capacity of 329 mAh/g and long stable cycling profile, made the lithium-ion battery a 

success. The solid electrolyte interface (SEI), a Li+ permeable layer that protects the 

electrode from side reactions, successfully forms in a number of electrolytes and 

counteracts the detrimental reactions between the electrolyte and reactive lithiated 

graphite. Since its discovery and optimization, progress has stalled on moving to higher 

energy density electrodes. Improvements in energy density have come from making the 

thinning the separator and minimizing the packaging, not from improving the capacity of 

the individual electrodes. 

The two most studied high capacity lithium anodes are the silicon and Li-metal 

anodes with capacities of 2011 mAh/g and 3861 mAh/g, respectively (see Appendix 1). 

In both cases, volume change is a major issue. Lithium and lithiated silicon react with the 

electrolyte in a way similar to lithiated graphite, thus an SEI layer is needed. Volume 

change in graphite is limited to 12% thus the SEI can remain on the surface of the 

electrode once formed7,8. In silicon, the volume change has been measured at 320%, 

thus the ability of the SEI to protect the lithiated silicon cycle to cycle is compromised8,9. 

For a Lithium metal anode, volume change is accompanied by high surface area 

dendrite growth. When lithium is electrodeposited, the metal does not form a smooth, 

compact coating. Rather, long needles (i.e. dendrites) populate the surface. This 
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morphology is problematic because it yields a reactive high surface area that is 

passivated repeatedly. In addition, dendrites can break off leading to loss of active 

material, or grow through the separator causing a short circuit and overheating. The 

primary objectives for realizing a lithium metal anode are thus to change the morphology 

of the deposited lithium metal to eliminate dendritic growth, and to sufficiently passivate 

the lithium metal to enable steady cycling.  
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2. Background 

 
 
 

2.1 Lithium-ion batteries 

The lithium-ion battery is the current commercial battery used in most portable 

electronic devices. It consists of a metal oxide cathode, organic or polymer electrolyte, 

and graphite anode as shown in Figure 2.1. The graphite anode stores lithium ions in the 

batteries’ charged state, while the cathode is the sink for lithium ions removed from the 

anode during discharge. The electrolyte, usually soaked into a porous separator, 

provides an ion pathway between the two electrodes, forcing electrons to travel through 

the external circuit. The reactions in a lithium-ion battery can be captured by Equations 

2.1 – 2.3, where Equation 2.1 represents the anode, Equation 2.2 represents the 

cathode, and Equation 2.3 represents the overall cell reaction. 
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Figure 2.1: Cell schematic of a lithium-ion cell. 

 

6𝐶 + 𝐿𝑖+  ↔  𝐿𝑖𝑥𝐶6  +  (1 − 𝑥)𝐿𝑖+   Anode    (2.1) 

𝐿𝑖𝑀𝑂2  ↔  𝐿𝑖(1−𝑥)𝑀𝑂2 +  𝑥𝐿𝑖+   Cathode   (2.2) 

6𝐶 + 𝐿𝑖𝑀𝑂2  ↔  𝐿𝑖𝑥𝐶6 + 𝐿𝑖(1−𝑥)𝑀𝑂2  Cell  ≈ 3.7 V   (2.3) 

 

The baseline electrolyte used in most research is a 1:1 volume mixture of ethylene 

carbonate (EC) and dimethyl carbonate (DMC) whose structures are shown in Figure 2.2 

and 2.3. To provide Li+ conductivity, lithium hexafluorophosphate (LiPF6) is added to 

make a 1M electrolyte. This organic electrolyte has a window large enough to 

accommodate the intercalation/de-intercalation of graphite and the metal oxide 

cathodes10.   
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Graphite comes in several different forms: as natural and synthetic flakes, meso-

carbon micro beads (MCMB), and graphite fibers11. A slurry of the graphite particles and 

binder, such as styrene-butadiene rubber (SBR) or poly (vinylidene fluoride) (PVDF), is 

cast on a copper current collector to fabricate the anode. When charged, lithium ions are 

stored between the graphite sheets, with one lithium ion being held on the top and 

bottom by a 6 carbon ring. This stoichiometry gives a capacity of 329 mAh/g. In practice, 

capacities of 310 mAh/g have been reached12. Lithium intercalation into graphite occurs 

at 0.05 V vs. Li/Li+. Because of the graphite charging potential’s proximity to lithium 

reduction, tight voltage control is required to keep lithium from depositing on the graphite 

surface. 

Lithium cobalt oxide (LiCoO2) is a commonly used cathode in lithium-ion batteries. 

Lithium is held in a layered structure, allowing for 2D diffusion of lithium ions in and out 

of the structure. Only half of the lithium can be electrochemically removed, yielding a 

capacity of 140 mAh/g5,6. A capacity of 130 mAh/g can be maintained for the life of the 

battery13. Lithium manganese oxide (LiMnO2) alone shows a capacity of 105 mAh/g but 

by partially substituting manganese with chromium (LiMn0.5Cr0.5O2) the capacity is 

improved to 190 mAh/g14. The Cr substitution prevents in situ transformation from a 

layered structure to a lower capacity spinel phase. Lithium iron phosphate (LiFePO4) 

possess as capacity of 165 mAh/g and is thus also a serious candidate to replace lithium 

cobalt oxide5. 

Improvements to this battery as a whole have also come from the connections and 

packaging of the device, rather than from changes in the chemistry. Thinner and 

stronger separators, as well as thicker individual electrodes increase the specific 

capacity. Lighter and thinner metals used in the packaging of batteries also improved 

overall energy density. With the capacities of individual electrodes near their theoretical 
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maximums, the path to further improvements lies in changing the electrodes themselves, 

rather than improving the existing system. 

 

2.2 Solid Electrolyte Interface (SEI) Layer 

Pure lithium metal and lithiated graphite react with the electrolyte resulting in the 

consumption of active material and irreversible capacity loss. In solutions of linear 

carbonates and ethers, only modest amount of the intercalated lithium can be recovered 

on each cycle because of lithium active material is consumed or the graphite is 

exfoliated by intercalation of the solvent itself15. Lithium-ion batteries owe their 

performance to the solid electrolyte interface (SEI) layer, a Li+ conducting layer formed 

by the decomposition of cyclic carbonates. During the charging cycle of a graphite 

anode, irreversible features can be observed at 0.5 - 1.0 V vs. Li/Li+. These features are 

attributed to the passivation of the anode surface resulting in the SEI layer. This layer, if 

formed well, is permeable to lithium ions but protects the anode from further reaction 

with the electrolyte. Formation of this layer is critical because anode stability in the 

charged state represents long shelf life. The composition of this layer varies depending 

on the anode and electrolyte used but generally contains lithium alkoxides along with 

lithium fluoride (LiF), and lithium carbonate16,17.  
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Figure 2.2: a) Ethylene carbonate (EC) and b) vinylene 
carbonate (VC) are a part of almost every electrolyte 
because their reduction products form an excellent 
protective SEI. 

 

 

Figure 2.3: a) Diethyl carbonate (DEC), b) ethyl methyl 
carbonate (EMC), and c) dimethyl carbonate (DMC) are 
often used as co-solvents to make the organic electrolyte 
used in Li-ion batteries. 

 

Ethylene carbonate (EC, Figure 2.2a) is a main solvent in the organic electrolyte 

because it is responsible for forming the SEI layer. This cyclic carbonate is solid at room 

temperature, and is thus used with a co-solvent with linear carbonate such as diethyl 

carbonate (DEC), ethyl methyl carbonate (EMC), or dimethyl carbonate (DMC) shown in 

Figure 2.3. Following a ring-opening reaction at 0.9 V vs. Li/Li+, EC decomposes to form 

several high molecular weight surface species as shown in Equations 2.4 and 2.5. 

These provide a protective surface film and halts electrode/electrolyte side 

reactions12,15,18–22. Once this film is formed, the graphite anode can continue to operate 

for 1000s of cycles. In electrochemical studies, a feature around 0.9 V vs. Li/Li+ can be 

identified as the reduction of ethylene carbonate. This feature appears prominently in the 

first cycle but disappears in subsequent cycles resulting in the high reversibility of the 

graphite anode. 
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2 𝐸𝐶 + 2 𝑒− + 2 𝐿𝑖+  →  𝐿𝑖𝐶𝐻2𝐶𝐻2𝑂𝐶𝑂2𝐿𝑖    (2.4)  

2 𝐸𝐶 + 2 𝑒− + 2 𝐿𝑖+  →  (𝐶𝐻2𝑂𝐶𝑂2𝐿𝑖)2 +  𝐶2𝐻4    (2.5) 

 

While EC is by far the most utilized SEI forming additive, vinylene carbonate (VC, 

Figure 2b) has been shown to have similar effects23,24.  Vinylene carbonate results in a 

lower irreversible capacity in graphite on the first cycle, even when used in conjunction 

with EC. Vinylene carbonate can react in a similar manner as EC, as shown in Equations 

2.6 and 2.7. It is also suspected that VC forms oligomeric and polymeric species, which 

are not triggered by the electrochemical intercalation, and thus do not factor into the 

irreversible capacity loss23,24. 

 

2 𝑉𝐶 + 2 𝑒− + 2 𝐿𝑖+  →  𝐿𝑖𝑂2𝐶𝑂𝐶 = 𝐶𝑂𝐶𝑂2𝐿𝑖 + 𝐶2𝐻2
    (2.6) 

2 𝑉𝐶 + 2 𝑒− + 2 𝐿𝑖+  →  𝐿𝑖𝑂2𝐶 = 𝐶 − 𝐶 = 𝐶𝑂2𝐿𝑖 +  2 𝐶𝑂    (2.7) 

 

Many reactions that occur on lithiated graphite, also occur on lithium, including the 

reduction of ethylene carbonate and vinylene carbonate into their surface species18,25. 

Despite similar surface species, lithium metal anodes cycle poorly compared to their 

graphite counterparts. This is likely due to the volume change associated with depositing 

and stripping lithium metal. In the graphite case, the SEI forms and continues to adhere 

to the graphite, being reused on each cycle. In the lithium metal anode case, the SEI 
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must be stretched during the charging cycle to accommodate the additional lithium. 

During the discharge cycle, lithium is re-oxidized and the SEI is left with nothing to 

adhere to. The issue of volume change complicates the notion of an SEI in lithium metal 

batteries. 

 

2.2 Lithium Metal Anodes and Dendrite Growth 

The graphite anode uses six carbons to store a single lithium atom. To improve the 

energy density of the lithium battery, lithium could be stored in its metallic form without 

any supporting structure. This potential lithium metal anode has a specific capacity of 

3861 mAh/g, significantly higher than the 329 mAh/g afforded by the graphite anode. 

Lithium would be electrodeposited on a substrate during the charging process, and 

stripped away during discharge as shown in Figure 2.4 and Equation 2.8. This anode 

half reaction takes place at -3.04 V vs. NHE, just 0.05 V negative of lithium intercalation 

into graphite. 
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Figure 2.4: Schematic of a Li-metal anode battery. 

 

𝐿𝑖 ↔  𝐿𝑖+ + 𝑒−  -3.04 V vs. NHE   (2.8) 

 

Charging of the lithium metal anode is achieved by electrodepositing lithium metal on 

a substrate. Electrodeposition of lithium metal does not yield a smooth surface, rather 

lithium metal forms long whisker-like structures known as dendrites that have been 

observed by multiple groups both in-situ and ex-situ26–31. Figure 2.5 shows examples of 

several dendritic morphologies from a variety of electrolytes. Dendrite appearance varies 

depending on current density and electrolyte used but their formation occurs in almost 

every electrolyte, hinting that this is a property of lithium metal itself, rather than an effect 

of the electrolyte. 
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Figure 2.5: SEM images of dendrites from several different electrolytes 

 

These structures present a hazard to battery operation because they can grow 

through the separator and short-circuit the battery. This not only destroys the battery but 

can overheat the battery due to rapid discharge, leading to vaporization of the 

electrolyte. The high surface area of dendrites is problematic because lithium batteries 

operate on the principle that an SEI can be formed to protect the surface, and can be re-

used on subsequent cycles. Passivating the dendrite surface requires too much charge 

and active material, and the SEI is lost on each cycle as lithium is stripped away. Lastly, 

dendrites suffer from poor adhesion to the substrate, thus lithium active material can be 

lost to delamination. If the lithium dendrite is oxidized at the base before the tip, the 

lithium metal in the dendrite is lost, leading to further inefficiencies. 

Dendrites are observed with several different characteristics: constant diameter 

(Figure 2.5a), cone shaped (Figure 2.5b), and bulb headed (Figure 2.5c). Given that the 

entire dendrite surface is in contact with the electrolyte, the electrochemical growth rate 

at the tip of the dendrite must be significantly higher than on the sidewalls. We 

hypothesize that dendrite growth is caused by an accelerated growth on a certain 

crystallographic face. In the case of the constant diameter dendrites (Figure 2.5a) this 

facet is at the flat tip. The screw-like dendrites shown in Figure 3b can also be explained 

by crystallographic growth via a dislocation at the center. Dendrites themselves have 
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been identified as single lithium crystals by two groups using in situ transmission 

electron microscopy (TEM) techniques32,33. No ex-situ studies have observed the 

crystallinity of dendrites.  

An additional mode of dendrite growth, by extrusion or base growth, has been 

experimentally observed34,35. In this case, the dendrite is not formed by material 

electrodepositing on the tip, but by material being extruded from the bulk deposit.  

Yamaki et al. predict a bulbous shape to arise from the unbalance between creep 

strength and surface tension34. This morphology was observed and is shown in Figure 

2.5c. Tin is also known to form dendrites by this extrusion mechanism as shown by 

Howard et al.1, where whiskers are formed by metal migrating along the substrate-metal 

interface and grain boundaries.  For tin, electroplating causes compressive stresses that 

are relieved through whisker extrusion. In lithium, this compressive stress could be built 

up under the SEI layer with similar results. 

Lithium dendrite suppression has been achieved by physically confining the lithium 

metal behind a solid electrolyte36, however, the large volume change associated with 

cycling a lithium metal battery could make the solid-state approach problematic as 

materials could crack or delaminate. Heavily fluorinated electrolytes37–39 and the 

LiAsF6/dioxolane electrolyte40,41 have also lead to non-dendritic lithium deposits. A study 

in organic propylene carbonate/dimethyl carbonate (PC/DMC) showed non-dendritic 

lithium deposition by addition of rubidium and cesium hexafluorophosphate to the 

electrolyte42. This was explained by an electrostatic shield mechanism where the 

adsorbed rubidium or cesium ions on the dendrite repel the lithium ions from the region 

of the dendrite. A low concentration of rubidium or cesium ions was required so that the 

deposition potential for rubidium or cesium was shifted to values negative of the lithium 
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deposition potential. The method does not allow for non-dendritic plating above a certain 

current/potential where cesium or rubidium reduce, thus limiting the charging current. 

The SEI on a lithium metal anode is more difficult to form and maintain than the SEI 

on a graphite anode. On graphite, the SEI can adhere to the graphite structure and 

protect the pathways to the planes between carbon layers. A lithium metal anode 

presents a more dynamic surface that changes upon each cycle. The uneven 

electroplating of lithium metal calls into question the possibility of a reusable SEI. Many 

studies exist to document the surface species on lithium metal in contact with various 

solvents and salts, but simply generating a certain species on the surface does not 

necessarily lead to a good SEI and stable cycling. The layer must prevent further 

reaction with the electrolyte and maintain the same thickness through many cycles. 

Electrolyte species that react to form soluble or porous products with lithium are thus not 

suitable for lithium metal batteries. 

 

2.3 Whisker Growth in Other Systems 

Lithium is a difficult system to study because of the air-sensitive nature of the metal. 

Meaningful mechanistic work on the crystallinity and mode of dendrite growth has only 

been done with in-situ techniques. These techniques require much preparation and 

instrumental expertise, thus it is useful to gain insight from other well established 

systems.  

Tin-lead alloys are used in microelectronic applications rather than elemental tin to 

prevent the spontaneous formation of dendrites. Safety concerns exist with pure tin 

metal because it will spontaneously form whiskers up to millimeters in length, long 

enough to bridge gaps between different components. It has been determined that tin 
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whiskers form to relieve compressive stress in the metal, thus studies on this particular 

whisker growth center around preparing a tin coating, applying a known compressive 

stress, and observing the resulting whisker growth. Howard et al. conducted one such 

experiment where tin was electroplated on a stainless steel substrate and clamped at 0 - 

12 MPa pressures1. Subsequent observation and cross-sectioning revealed that 

whiskers originated from the substrate/tin interface and were extruded out through the 

bulk tin (Figure 2.6a and 2.6b. Metal in the whisker likely diffused along the interface and 

long the grain boundaries. For a given pressure, the number of whiskers leveled off over 

time, indicating that the whisker growth halts when the compressive stress is relieved1. 

Silver also forms dendrites when electrodeposited but unlike tin, these are formed 

directly from deposition, not from the release of compressive stress. Silver dendrites 

display multiple branches as shown in Figure 2.6c. Silver and copper deposit at similar 

potentials from ammonia solutions, and thus can be co-deposited electrochemically43. 

The ratio of silver and copper ions in solutions can be used to tailor the composition of 

the co-deposit. A non-dendritic, granular morphology can be achieved with a silver 

content below a certain level. A second method that mitigates silver dendrites from 

silver/copper solutions is the addition of aminopolycarboxylate ligands (EDTA and 

HEDTA) which can form complexes with silver and copper ions, as well as adsorb on the 

substrate surface. The addition of such ligands inhibits silver reduction and thus lowers 

the silver content of the electrodeposit, resulting a granular, non-dendritic deposit43. 
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Figure 2.6: Tin whisker observed (a) in situ after 7.53 days 
under 12 MPa (b) and ex situ in an SEM1. Highly branched 
silver dendrites resulting from electrodeposition (c). 

 

Dislocation based growth has been observed in potassium and lead sulfide (PbS) 

nanowires synthesized via chemical vapor deposition (CVD). PbS nanowires can be 

grown using a CVD with PbCl2 and sulfur as precursors. The resulting christmas tree-like 

structures have a constant diameter trunk and perpendicular branches as in Figure 2.7. 

Bierman et al. conducted TEM and growth rate analysis showed significantly higher 

growth rate on the trunk than the branches. This was attributed to a dislocation found at 

the center of the trunk. Bierman et al. proposed that this central dislocation resulted in 

accelerated growth at the tip of the nanowire. In order to fully explain the significantly 

faster growth rate, material had to not only come from the vapor phase, but also from 

surface diffusion along the length of the trunk. That is, material would adsorb on the 

sides of the trunk and diffuse along it until reached a suitable place to join the lattice at 

the tip dislocation2,3. 
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Figure 2.7: Schematic and SEM image of PbS nanowire 
trees grown by CVD. The dislocation at the center, as well 
as diffusion along the length of the wire results in constant 
diameter nanowires2,3. 

 

A similar mechanism was proposed by Dittmar et al. for the growth of single 

crystal potassium whiskers condensed from super supersaturated potassium steam44. 

The whisker length increased too quickly for direct condensation at the tip only, thus 

adsorption and subsequent diffusion was proposed to explain the accelerated growth. 

The diffusion coefficient along the length of the whisker necessary to account for the tip 

growth was calculated45–47. 

The two mechanisms observed for needle-like growth are extrusion, as in tin, and 

crystallographic dislocation driven growth, as in PbS and potassium. In these cases, the 

whiskers were identified as crystalline, suggesting that such a driving force is necessary 

for the directional growth observed. 

 

 



17 
 

2.3 Ionic Liquids as Electrolytes 

The organic electrolyte used in lithium ion batteries is responsible for the swelling 

and/or ignition in the case of battery failure. Its flammability adds to the hazard during a 

short circuit or overheating event. Ionic liquids (IL) are presented as next generation 

electrolytes that circumvent these safety hazards. Room temperature ionic liquids are 

salts with melting points below ambient temperature. These liquids have no vapor 

pressure, ensuring that they will not swell the battery or form vapors should the battery 

fail. Thermogravimetric analysis (TGA) and differential scanning calorimetry (DSC) 

shows thermal stability of IL’s to be 350-450°C, but UV/vis spectra show structural 

changes as low as 150°C that may limit high-temperature operation48,49. Ionic liquids are 

not flammable adding an additional layer of safety in case of a battery malfunction50. 

Room temperature ILs typically consist of an asymmetric organic cation and an 

inorganic anion. Figure 2.8 shows several examples of possible cations such as 

pyrrolidinium, piperdinium, imidazolium, and aliphatic quaternary ammonium. Lower 

melting points, which result in lower viscosity and higher conductivity, are achieved by 

picking cations with asymmetric side-chains51. While there is some synergistic effect 

between cation and anion, the cation choice largely determines the anodic stability of the 

IL, which is a primary concern when considering an electrolyte for a lithium metal 

battery. Generally, imidazolium ILs are only stable to -1.7 V vs. NHE49,52,53, making them 

questionable as electrolytes for lithium batteries, which operate at -3.04 V vs. NHE. The 

remaining cations shown in Figure 2.8 show anodic stability negative of -3.0 V, making 

them candidates for lithium battery electrolytes. 
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Figure 2.8: Examples of possible anions for room 
temperature ionic liquids: a) pyrrolidinium, b) piperdinium, c) 
imidazolium, and d) aliphatic quaternary ammonium (used 
in this work). 

 

The inorganic anion determines the cathodic stability of the IL and, in the case of 

lithium electrolytes, is often fluorinated to promote hydrophobicity and SEI formation. 

Anions such as chloroaluminate (AlCl4-), hexafluorophosphate (PF6
-), tetrafluoroborate 

(BF4
-), bis(fluorosulfonyl)imide (FSI-) and bis(trifluoromethansulfonyl)imide (TFSI-) have 

been tested for battery applications and are shown in Figure 2.9.  
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Figure 2.9: Examples of possible anions for room 
temperature ionic liquids: a) chloroaluminate (AlCl4-), b) 
hexafluorophosphate (PF6

-), c) tetrafluoroborate (BF4
-), d) 

bis(fluorosulfonyl)imide (FSI-), and e) 
bis(trifluoromethansulfonyl)imide (used in this work). 

 

Ionic liquid electrolytes have been tested with commercial graphite anodes with 

some success, however a robust SEI layer required for the graphite does not form with 

ionic liquid only. A cyclic voltammograms (CV) of graphite in neat ionic liquid shows that 

the cation itself intercalates into the graphite structure, reducing capacity available for 

lithium ion storage54. This can be mitigated by adding organic SEI forming additives that 

are responsible for stabilizing lithiated graphite in traditional organic electrolytes, such as 

EC or VC. This mimics the SEI in organic electrolytes and can lead to stable cycling. By 

minimizing the amount of organic additive the non-flammable properties of the IL can be 

maintained54,55. The FSI- anion has shown compatibility with graphite anodes without 

addition of organic additives56,57. A comparison of the SEI layer formed with FSI- and 

TFSI- has not been done but based on impedance data, Ishikawa et al. believe the 

double layer formed by FSI- results in Li+ directly on the surface rather than the IL cation. 

This is possible because FSI- does not bind Li+ as strongly as TFSI-. The greater 

freedom of Li+ results in less cation decomposition upon cycling58. 



20 
 

3. Materials and Experimental Methods 

 
 
 

Metallic lithium is sensitive to oxygen and moisture, easily forming lithium oxide 

(Li2O) and lithium hydroxide (LiOH). Under a nitrogen atmosphere, lithium can also form 

lithium nitride (Li3N) making a well-controlled atmosphere imperative. All work was 

conducted in a Vacuum Atmospheres glovebox under argon. A dew point meter in the 

glovebox continually measured the water content, which was maintained at less than 

0.04 ppm. This extremely dry atmosphere allowed for the preparation and operation of 

open lithium metal cells 

 

3.1 Organic Solvents, Ionic Liquids, and Salts 

Three different electrolytes were used in the course of this study: (1) the traditional 

organic EC:DMC electrolyte, (2) an imidazolium chloroaluminate Ionic liquid, and (3) an 

aliphatic ammonium TFSI ionic liquid.  

The traditional organic electrolyte was mixed from a 1:1 volume ratio of ethylene 

carbonate (EC, anhydrous, 99%, Sigma-Aldrich) and dimethyl carbonate (DMC, 

anhydrous, ≥99%, Sigma-Aldrich) without further purification. Lithium 

hexafluorophosphate (≥99.99%, Aldrich) was added to make a 1 M Li+ electrolyte. 

The imidazolium chloroaluminate ionic liquid was synthesized from ethyl-methyl-

imidazolium chloride (EMI+Cl-, 97%, Acros) and aluminum chloride (AlCl3, anhydrous, 

Fluka). Ethyl-methyl-imidazolium chloroaluminate (EMI-AlCl4) was synthesized by 

buffering an acidic melt of EMI+Cl- and AlCl3 with either lithium chloride (99%, Baker) or 

sodium chloride depending on the desired electrolyte.  
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𝐸𝑀𝐼+𝐶𝑙− +  𝐴𝑙𝐶𝑙3(𝑒𝑥𝑐𝑒𝑠𝑠)  →  𝐸𝑀𝐼+ + 𝐴𝑙𝐶𝑙4
−     (3.1) 

𝐴𝑙𝐶𝑙4
−  +  𝐴𝑙𝐶𝑙3  →  𝐴𝑙2𝐶𝑙7

−      (3.2) 

𝐴𝑙2𝐶𝑙7
−  +  𝑀𝐶𝑙 →  𝑀+ +  2𝐴𝑙𝐶𝑙4

−      (3.3) 

 

The initial melt was made by slowly mixing the EMI+Cl- and AlCl3 in a 55:45 molar 

ratio until only a clear liquid remained (Equations 3.1, 3.2). This liquid was dried under 

vacuum for 8 h before adding 100% excess of the metal chloride to ensure a completely 

buffered melt (Equation 3.3). In order for this melt to plate and re-dissolve lithium and 

sodium, ~0.5 wt% of SOCl2 was added to each melt to facilitate metal ion reduction51,59–

61. 

The ionic liquid used as a basis for the TFSI- electrolytes was 

trimethylbutylammonium bis(triflouromethanesulfonyl)imide (N1114-TFSI, 99%, Iolitec). 

Salts with the matching TFSI- anion were purchased of synthesized according to 

Equation 3.4-3.5. Lithium bis(trifluoromethanesulfonyl)imide (Li-TFSI) was purchased 

from Wako. Barium bis(trifluoromethanesulfonyl)imide (Ba-TFSI2), magnesium 

bis(trifluoromethanesulfonyl)imide (Mg-TFSI2), and calcium 

bis(trifluoromethanesulfonyl)imide (Ca-TFSI2) were purchased from Sigma Aldrich. The 

sodium, potassium, rubidium, and cesium salts were synthesized by reaction of the 

metal hydroxide with a stoichiometric amount of trifluoromethanesulfonimide (H-TFSI, 

Wako) and then adjusting to neutral pH (Equation 3.4). The solution was gently heated 

to remove water and then dried under vacuum for 12 h. Strontium 

bis(trifluoromethanesulfonyl)imide (Sr-TFSI2) was synthesized in a similar manner, 

Equation 3.5.  
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𝑀𝑂𝐻 + 𝐻𝑇𝐹𝑆𝐼 → 𝑀𝑇𝐹𝑆𝐼 + 𝐻2𝑂     (3.4) 

𝑀(𝑂𝐻)2 + 2 𝐻𝑇𝐹𝑆𝐼 → 𝑀𝑇𝐹𝑆𝐼2 + 2 𝐻2𝑂    (3.5) 

 

Electrolytes were made by dissolving the appropriate amount of metal-TFSI salt in 

N1114-TFSI ionic liquid. 

 

3.2 Instrumentation and Experimental Set-up 

A three electrode cell was used to conduct electrochemical experiments in the 

imidazolium chloroaluminate ionic liquid. The working electrode was a 0.5 mm diameter 

tungsten wire and the counter electrode was a 1 mm diameter tungsten wire. Both were 

encased in borosilicate glass and polished before each use. The reference electrode 

was an aluminum wire (Fluka) immersed in a 40:60 mol ratio EMI+Cl-:AlCl3 melt in a 

fritted glass tube. The electrochemical couple is between the acidic chloroaluminate 

species and the metallic aluminum, as described by Equation 3.6. 

 

4 𝐴𝑙2𝐶𝑙7
− + 3𝑒−  ↔ 𝐴𝑙 + 7𝐴𝑙𝐶𝑙4

− E=0.0 V    (3.6) 

 

A simplified two-electrode cell was used to carry out experiments in the organic 

electrolyte and N1114-TFSI ionic liquid electrolyte. The chloroaluminate reference 

electrode described in Equation 3.6 was not compatible with the organic electrolyte or 

TFSI-based ionic liquid, thus a piece of lithium foil was used as both the counter and 
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reference electrode in these systems. Stainless steel type 316 foil was used as a 

working electrode.  

A Perkin Elmer Parstat 2263 with PowerSuite software was used to carry out most 

simple electrochemical experiments such a chronopotentiometry and 

chronoampeometry. Cyclic voltammograms (CV) were conducted with the appropriate 

set up at a potential scan rate of 0.01 V/s. Longer cycling experiments were performed 

on an Arbin Instruments BT-2000 battery tester by programming the appropriate charge 

and discharge currents with the MITS Pro software, which supports normal 

potentiostat/galvanostat methods as well as more detailed cycling regimes. 

A Zeiss Ultra 60 scanning electron microscope (SEM) was used for imaging 

samples. SEM samples were prepared in the two- or three-electrode cells as required, 

and subsequently washed with anhydrous DMC to remove the viscous ionic liquid. This 

step was necessary because the ionic liquid does not evaporate and would obscure the 

sample if not removed. This same procedure was followed when using organic 

electrolyte to maintain consistency and prevent salts and EC from crystalizing on the 

sample as DMC evaporates. Samples were mounted on the chuck in the glovebox, and 

the chuck was subsequently transferred in an air-tight container to the instrument, where 

it was loaded quickly. An operating voltage of 5 eV and 20 µm aperture were used to 

observe samples. Elemental analysis was done with energy dispersive x-ray 

spectroscopy (EDX) using Oxford Instruments X-Sight column and INCA software. An 

operating potential of 8-10 eV and 60 µm apertures were used to generate element 

maps and sample compositions. EDX can identify elements as light as carbon, so lithium 

could not be directly observed by EDX. In addition, the intense bombardment often 

melted lithium samples under the beam, complicating some analyses. 
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A second method used to analyze the elemental composition of a sample was time 

of flight secondary ion mass spectroscopy (ToF-SIMS, SIMS). Samples were prepared 

as for SEM or EDX and mounted onto the stage in the glovebox. The stage was 

transferred to the instrument in an air tight container and quickly transferred to the 

instrument. Samples were analyzed in an ION-TOF5 SIMS using Bi+ as the primary ion. 

Depth profiling was done by sputtering the samples using 500 keV Cs+ over a 500 x 500 

µm area. The analysis area was 150 x 150 µm within the larger sputtered area. SIMS 

works by pulsing Bi+ at the sample surface. The heavy Bi+ ions knock atoms loose from 

the sample surface and ionize some of them. These secondary ions are then analyzed 

and a spectrum is recorded. Depending on the frequency of the ion bursts and analysis, 

the instrument can be run in burst mode (prioritize elemental information) or bunch mode 

(prioritize spatial information). In burst mode, the high mass resolution means that peaks 

in close proximity can be distinguished. For example, around mass 14, Li2+ (13.882), N+ 

(14.0067), and CH2
+ (14.0269), can all be clearly distinguished in burst mode, Figure 3.1. 

Burst mode does not provide very good spatial resolution, so bunch mode is used for 

imaging. Features as small as 1 µm can be observed, however, mass resolution is 

significantly reduced. Ions at similar atomic mass can no longer be distinguished, which 

can complicate generation of an ion image if the desired peaks are close to each other. 
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Figure 3.1: Count profile Comparison between SIMS burst 
and bunch modes. Peaks observed are Li2+ (13.882), N+ 

(14.0067), and CH2
+ (14.0269). 

 

 

3.3 Cycling Methods and Coulombic Efficiency Calculations 

The coulombic efficiency of a redox process can be determined by several different 

experiments. Because of the parasitic reactions that occur to form the SEI in lithium 

batteries, each experiment gives a slightly different coulombic efficiency and it is 

important to understand how to interpret this number. In this work, the coulombic 

efficiency is calculated from CV, full cycles, and shallow cycles. 

Cyclic voltammetry scans a potential range and reverses the scan at a given 

switching potential while recording the current. Current peaks at given potentials indicate 

an electrochemical process. A process can be identified as reversible if a matching peak 

centered around a specific potential in opposite sign currents are identified, such as the 

reduction and re-oxidation of lithium. By integrating under the reduction and re-oxidation 

peaks, the charge passed for each process in coulombs (C) can be calculated. A 
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coulombic efficiency can then be determined by dividing the charge associated with the 

re-oxidation by the charge associated with reduction (Figure 3.2). When looking at the 

anode reaction of a lithium battery, a single first cycle will include not only battery 

charging (lithium intercalation or lithium plating) and discharging (lithium de-intercalation 

or lithium stripping) but also the formation of the SEI layer and other one-time surface 

modification.  This results in the calculation of a lower coulombic efficiency than what 

would be expected from an actual battery. 

 

 
Figure 3.2: Schematic of a typical CV of a lithium electrolyte 
demonstrating the coulombic efficiency calculation. 

 

Another method used to calculate the efficiency is by full charge and discharge. This 

method applies a constant current to the cell for a given amount of time to simulate the 

charging cycle. The current is then reversed and applied until a certain cut-off potential is 

reached. The process is repeated as many times as desired, as shown in Figure 3.3. 

The total charge passed during each cycle can be calculated along with an efficiency for 
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that cycle. This is the most common method used to characterize cycling and coulombic 

efficiency behavior. Lithium-ion batteries tested with this regimen begin with several low 

efficiency cycles that are representative of SEI formation on the graphite anode, before 

going into steady cycling. For a lithium metal anode, this type of full charge/discharge is 

not ideal because it involves stripping away all deposited lithium, leaving behind only the 

substrate and SEI layer. The formed SEI layer thus has nothing left to adhere to and is 

lost upon each cycle, lowering the coulombic efficiency recorded. 

To maintain an SEI layer from cycle to cycle, a shallow cycling regime can be 

employed. In this regime, an excess of lithium is reduced on a substrate, but only a small 

amount of it is subsequently cycled. Because the coulombic efficiency of each cycle is 

not 100% the excess lithium will slowly be consumed and an overall coulombic efficiency 

can be calculated. First, excess metal (1 C/cm2) was deposited on the stainless steel at 

0.1 mA/cm2. Then, 10% of the initial lithium capacity was cycled at 0.1 mA/cm2 on each 

cycle until the lithium was exhausted during the oxidation part of the cycle. That is, 0.1 

C/cm2 of lithium was deposited and then 0.1 C/cm2 of lithium was oxidized during each 

cycle. The potential was recorded during the constant current reduction and oxidation 

portions of the cycle, as shown in Figure 3.3. When there was no longer adequate 

lithium metal for the oxidation step, the potential rose sharply and the experiment is 

terminated. The number of cycles was recorded and the total charge for deposition and 

oxidation was used to give an average coulombic efficiency for the lithium deposition 

and stripping process. Thus, the SEI can adhere to a familiar surface and be maintained 

from cycle to cycle, resulting in the highest coulombic efficiency calculated. Given that a 

full battery would operate with excess lithium, this is also the most accurate cycling 

regime to ascertain real life performance. 
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Figure 3.3: Schematic demonstrating full (left) and shallow 
(right) cycling. Full Cycling allows for a coulombic efficiency 
to be calculated each cycle while shallow cycling can only 
give an overall efficiency. 
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4. Dendrite-Free Electrodeposition and Re-oxidation 

of Li/Na Co-deposit 

 
 
 

4.1 Objective 

In this chapter, the effect of co-depositing lithium metal with a small amount of 

sodium in order to suppress dendritic growth was investigated. Figure 3.1a-b shows 

dendrites that appear to have a crystalline character and accelerated growth rate in 

specific areas. By co-depositing lithium with another alkali metal, that rate could be 

altered and dendritic growth could be prevented. Specifically co-deposition could 

physically block these high growth rate sites leading to a smaller deposit rate. In a 

similar case, silver can be co-deposited with copper to form a granular deposit. By 

carefully controlling the silver content and current density, a non-dendritic metal deposit 

with excellent conductivity can be achieved43. 

Such a co-deposit requires that the both metals be deposited from the same 

electrolyte and that they have redox potentials close to each other so that co-deposition 

can occur. Sodium was chosen because its reduction potential is -2.714 V vs. NHE 

compared to lithium, which is -3.04 V vs. NHE. Sodium is difficult to deposit 

electrochemically and cannot be deposited from the EC/DMC organic electrolyte. Ionic 

liquids however, have been shown to suitable for sodium deposition60,62.  Lithium 

deposition experiments have been carried out in ionic liquid electrolytes54,60,63,64, 

however, the electrochemical co-deposition of lithium and sodium has not been reported.    

Although the non-dendritic growth of lithium addresses some of the safety issues, the 

electrochemical instability of lithium in contact with the electrolyte causes self-discharge 
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and capacity loss through reaction of the metal with the electrolyte. The formation of a 

stable, solid electrolyte interface (SEI) is necessary for graphite-based anodes to 

achieve stable performance and low self-discharge. SEI formation by itself is not an 

effective strategy for full dendrite elimination or high coulombic efficiency because of the 

high surface area and volume changes of the deposit. If the SEI layer were formed over 

a dendrite, it would leave a high surface area, empty shell upon reoxidation of the metal. 

In this study, an efficient SEI layer is formed on the non-dendritic lithium-sodium co-

deposit.  

 

4.2 Experimental 

The initial electrolyte selection was driven by the need to electrodeposit sodium and 

lithium from the same electrolyte at high coulombic efficiency. EMI-AlCl4 has already 

been shown as a suitable electrolyte for the deposition of both metals65,66. More recent 

studies have focused on TFSI-based ionic liquids where it was shown that these too are 

suitable for depositing both lithium and sodium62,67. For our work, we chose an aliphatic 

ammonium, trimethylbutylammoniun TFSI (N1114-TFSI). Preparation of the EMI-AlCl4 and 

N1114-TFSI ionic liquid is detailed in chapter 3. 

Inductively coupled plasma emission spectroscopy (ICP-ES) was used to determine 

the composition of deposits at different conditions. Samples were prepared by passing 

0.2 coulombs (C) of a given potential. Samples were then washed in DMC to remove the 

viscous electrolyte and dissolved in a matrix of 5 vol% HCl and 2.5 vol% HNO3 in 

deionized water. The sample solutions were passed through a 45µm syringe filter before 

analysis. The ICP-ES was calibrated with 100 ppm standards diluted with the same 

deionized water and then used to analyze the dissolved samples. 
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4.3 Results and Discussion 

Cyclic voltammograms (CV) on tungsten, Figure 4.1, demonstrate electrochemical 

reduction of the both lithium and sodium subsequent re-oxidation of the metal on the 

positive-going potential sweep. It is interesting to note that the reduction potential for Li+ 

and Na+ in EMI-AlCl4 are each more positive than their standard potentials. Li+ reduction 

starts -2.15 V and Na+ at -2.45 V vs. Al/Al(III), compared to their standard potentials of -

3.01 V and -2.68 V vs. Al/Al(III) (-3.04 V and -2.71 V vs. NHE) for lithium and sodium, 

respectively68. This is most likely due to an interaction with the chloroaluminate anion, as 

no such shift occurs in imidazolium-TFSI ionic liquids69. In EMI-AlCl4, sodium is reduced 

at a more negative potential than lithium but the oxidation peak, having a shallower 

onset, extends more positive of the lithium peak. Sodium redox reactions straddle those 

of lithium over the potential scale. 

 

 

Figure 4.1: CV of Lithium and Sodium buffered EMI-AlCl4 melts at 100mV/s. 
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The coulombic efficiency for deposition and re-oxidation of the metal can be 

calculated from the voltammograms as detailed in chapter 3. From Figure 4.1 the 

coulombic efficiency was 90% for lithium and 82% for sodium. For lithium, the loss of 

efficiency is likely due to the reaction of the electrolyte with the metal and the inefficiency 

of re-oxidizing dendrites, as described above. Sodium also reacts with the electrolyte 

and the loss of efficiency here may be greater than that of lithium since its reduction 

occurs at more negative potentials. Studies of the SEI on lithium in EMI-AlCl4 

electrolytes have found that the surface layer formed in this melt on lithium and sodium 

metals is not entirely stable. Parasitic reactions are thought to occur because of AlCl4 

and residual Al2Cl7- in the electrolyte52,70,71. Dark films were observed after extended 

exposure to the ionic liquid for both metals, but their composition was not studied in 

detail. 

An unbuffered acidic EMI-AlCl4 electrolyte can be reduced at -2.2 V on a tungsten 

electrode. The addition of SOCl2 to the ionic liquid increases the stable potential range to 

-2.4 V, which coincides with the sodium reduction potential. There is a 200 mV 

overpotential and hysteresis for the reduction and reoxidation of sodium ions when 

deposited on a tungsten surface. The hysteresis and overpotential on the initial CV scan 

on tungsten has been attributed to the difficulty in nucleating sodium metal on a foreign 

surface (i.e. tungsten) possibly confounded by the presence of chloride or 

chloroaluminate species. Sodium oxidation also shows a low exchange current upon 

oxidation compared to lithium. The oxidation of sodium began at a potential negative of 

lithium, however, the mass-transfer limited oxidation peak did not occur until potentials 

positive of lithium.  

Since ionic liquid electrolytes capable of depositing both sodium and lithium metal 

are available, the focus of this study shifted to the possible co-deposition of lithium and 
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sodium, and the potential to suppress dendrite growth.  A 1:1 volume ratio of Li buffered 

EMI-AlCl4 and Na buffered EMI-AlCl4 ionic liquids were mixed and the behavior studied 

using cyclic voltammetry. Figure 4.2 shows the CVs for the 50%Li/50%Na electrolyte 

when scanned to several switching potentials. When the switching potential was -2.3 V, 

only a single oxidation peak was observed. This CV has many features in common with 

the CV from the pure lithium ionic liquid, Figure 4.1. The reduction current was 

characterized by an onset potential of -2.15 V followed by a sharply defined, single 

oxidation peak. When the switching potential was made more negative (i.e. -2.5 V and -

2.7 V), a second oxidation peak appeared at -1.7 V upon scan reversal. This second 

peak matched closely to that seen for the pure sodium containing ionic liquid, Figure 4.1, 

in potential and in slope. 

 

 
Figure 4.2: CV of 50%Li/50%Na EMI-AlCl4 electrolyte at 
100mV/s with different switching potentials. 

 

 

That is, the combined Li/Na ionic liquid produced a CV which was the linear sum of 

the two separate ionic liquids. The peak at -1.7 V did not appear in the scan reversed at 
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-2.3 V because sodium would not have deposited at this potential. Sodium did deposit in 

the scans reversed at -2.5 V and -2.7 V and because of the sloped onset of sodium 

oxidation, Figure 4.1, the peak for the sodium oxidation process did not occur until -1.7 

V. The shift in reduction potentials does suggest a role for chloride or chloroaluminate 

intermediates on the surface which can disrupt redox reactions.  

To identify the composition of the two peaks in Figure 4.2, inductively coupled 

plasma emission spectroscopy (ICP-ES) was carried out on the solid deposits formed at 

constant potential. ICP-ES cannot distinguish between elements in the metallic 

(deposited) phase and the ionic (SEI) phase. This resulted in significant error because 

the electrolyte, containing both lithium and sodium, reacted with the metallic surface to 

incorporate both metals, even if only one was deposited. A control sample (Sample #1) 

was used to quantify this surface reaction. The ICP results are shown in Table 3.1. 

 

Table 3.1: ICP-ES results showing elemental analysis of 
deposits from EMI-AlCl4. 
 

Sample Li 
(ppm) 

Na 
(ppm) 

Li 
(mol%) 

Na 
(mol%) 

(1)   Li buffered, contaminated 22.1 2.24 90.8 9.2 

(2)   50%Li/50%Na dep at -2.2V 13.9 1.67 89.3 10.7 

(3)   50%Li/50%Na dep at -2.6V 5.46 22 19.9 80.1 

 

Lithium was deposited from a lithium buffered EMI-AlCl4 ionic liquid to establish a 

baseline. The lithium deposit was then dipped in a sodium buffered ionic liquid to 

simulate contact with the mixed electrolyte (sample #1). The sample was rinsed with 

DMC to remove as much electrolyte as possible. This process introduced a 10% error in 

the elemental analysis. The analysis showed only 90.8% lithium and 9.2% sodium. The 

second and third samples shown in Table 1 were deposited from a 50%Li/50%Na EMI-



35 
 

AlCl4 ionic liquid at different potentials. At -2.2 V (sample #2), only the single oxidation 

peak, associated with lithium, was observed in the CV. The deposit was essentially all 

lithium, within experimental error of the control sample, #1.  At -2.6 V (sample #3), the 

CV clearly shows two oxidation peaks with one each associated with lithium and sodium. 

The elemental analysis shows that at this potential, the deposit is 80% sodium. Thus, we 

conclude the oxidation peak at -1.7 V is sodium, while the oxidation peak at -2.0 V is 

mostly due to lithium. 

To further understand this double peak, the deposit morphology was analyzed by 

examining metal topography at several different potentials. SEM images of these 

deposits from a 90%Li/10%Na EMI-AlCl4 ionic liquid are shown in Figure 4.3. For 

comparison, SEM images of deposits from a lithium-only EMI-AlCl4 ionic liquid are 

shown in Figure 4.4. 

 

 

Figure 4.3: SEM images of deposits from a 90%Li/10%Na 
buffered EMI-AlCl4 melt. Metal was deposited at the current 
shown until a charge of 5 C/cm2 was reached. 
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Figure 4.4: SEM images of typical deposits from a lithium 
buffered EMI-AlCl4 ionic liquid. 

 

 

The low current deposits (e.g. 1 mA/cm2) produced from the pure lithium and 

90%Li/10%Na EMI-AlCl4 ionic liquids looked the same in structure. Curl-shaped 

dendrites formed moss-like structures on the substrate surface. At higher current density 

however, the deposit changed significantly. At 5 mA/cm2 and 7 mA/cm2, the lithium 

deposit formed straight, sharp needles (Figure 4.4). Deposits produced from the 

90%Li/10%Na EMI-AlCl4 ionic liquid showed only small, stunted, dendrites at 5 mA/cm2. 

At higher current, 7 mA/cm2, elongated structures were visible, but no sharp, needle-

shaped dendrites could be found. 

Based on the potentials recorded in the chronopotentiometry experiments, the 

disappearance of dendrites coincides with the appearance of the second oxidation peak 

in the CV, as shown in Figure 4.2. ICP results indicate that the appearance of the 

second peak coincides with an increase in sodium in the deposit. Thus it is likely that the 

co-deposition of sodium with the lithium hinders dendritic growth. 

The suppression of dendritic growth could increase the coulombic efficiency for the 

deposition and reoxidation of the metal because of the lowered surface area that must 
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be passivated. Figure 4.5 shows the coulombic efficiency as calculated from the CV 

experiments as a function of switching potential from the Li buffered, Na buffered, and 

50%Li/50%Na EMI-AlCl4 ionic liquids. 

 

 

Figure 4.5: Coulombic efficiencies calculated from CV at different switching potentials. 

 

The maximum coulombic efficiency obtained for lithium deposition/dissolution was 

90% for a switching potential of -2.2 V. Scanning to more negative potentials lowers the 

efficiency because the EMI+ reduction occurs within this potential range and a fraction of 

the charge could go toward the reduction of the electrolyte. At negative potentials 

outside the electrolyte stability window, electrolyte reduction was observed as gas 

bubbling from the substrate surface indication that the reduction of the EMI+ results in 

gaseous products. For sodium, the highest efficiency was 82% at a switching potential of 

-2.6 V. At a switching potential of -2.5 V, a small reduction peak was recorded, but the 



38 
 

background current was not negligible causing the efficiency to drop. Again, going to 

more negative potentials lowered the efficiency because of electrolyte reduction.  

Figure 4.5 also shows the coulombic efficiency for a 50%Li/50%Na ionic liquid. The 

maximum efficiency for this electrolyte, 87%, was achieved at a switching potential of -

2.6 V. This efficiency is, unfortunately, not higher than that of the lithium-only though an 

optimum does occur at a potential that includes some sodium. It is likely that there is 

some benefit to the morphology change associated with co-depositing sodium, but 

because sodium also then lowers the efficiency compared to lithium, it appears that only 

a small amount is beneficial. The better electrolyte performance of the lithium/sodium 

electrolyte at a given potential than the sodium-only electrolyte, indicates that the higher 

coulombic efficiency of lithium, and better morphology of the deposit are having a 

positive effect. 

Although dendritic growth was successfully suppressed in the EMI-AlCl4 system, the 

change in morphology did not lead to a large increase in efficiency or cycle life. Use of 

cyclic carbonate SEI formers, such as EC and VC, was investigated; however, the 

chloroaluminate anion acts as a catalyst to polymerize cyclic carbonates72. No increase 

in coulombic efficiency was achieved using such carbonate additives. This makes the 

EMI-AlCl4 ionic liquid unsuitable for efficient lithium cycling, as would be required for 

application in a lithium-metal anode battery.  

Trimethylbutylammoniun TFSI (N1114-TFSI) based ionic liquids have been shown to 

have better tolerance for water and oxygen contamination compared to their 

chloroaluminate counterparts. The shift in sodium and lithium reduction potentials 

described above in chloroaluminate ionic liquids does not occur to the same extent. This 

results in a more negative reduction potential which would lead to a higher voltage 
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battery. N1114-TFSI has previously been shown to support lithium and sodium reduction 

and re-oxidation62,67. Electrochemical experiments were performed at a type 304 

stainless steel working electrode because this substrate yielded better reversibility in the 

TFSI system. Figure 4.6 shows the CV behavior of 1 M Li N1114-TFSI, 0.3 M Na N1114-

TFSI, and 1 M Li/0.1 M Na N1114-TFSI. The low solubility of NaTFSI in N1114-TFSI did not 

allow for testing at higher sodium concentrations.  

The coulombic efficiency was calculated by integration of the reduction and oxidation 

processes from the CV scans. The coulombic efficiency was 55% for 1M Li N1114-TFSI 

and 54% for 0.3M Na N1114-TFSI. The reduction potentials for the two metal ions are -

2.85 V for sodium and -2.75 V for lithium, which are more negative compared to EMI-

AlCl4, but close to the theoretical redox potentials. Co-deposition was studied using a 

mixed ionic liquid containing 1M Li/0.1M Na in N1114-TFSI. The efficiency from the CV 

experiments in Figure 4.6 was 57%, which is slightly higher than that of the 1M Li N1114-

TFSI electrolyte. Contrary to the chloroaluminate ionic liquid, this mixture exhibited only 

a single oxidation peak, rather discrete peaks of the two metals.  
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Figure 4.6: CV of 1M Li, 0.3M Na, and 1M Li/0.1M Na in 
N1114-TFSI. Coulombic efficiencies were 55% for lithium, 
50% for sodium, and 57% for the mixture. The scan rate was 
10 mV/s. 

 

Figure 4.7 shows deposit morphology from each ionic liquid. The lithium-only deposit 

shows long dendrites that are 1-2 µm diameter as well as some granular character, 

which was not observed in the EMI-AlCl4. The 0.3 M Na deposit was very fine grained 

and shows no dendritic growth. The deposit shows some signs of pits and cavities 

forming as a result of the electrodeposition process, and is thus not completely smooth. 

The 1 M Li/0.1 M Na electrolyte, however, shows a granular, uniform film without 

dendrites. The addition of a small amount of sodium had the same non-dendritic effect 

shown with EMI-AlCl4 earlier. 
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Figure 4.7: SEM images of deposit from a 1 M Li, 0.3 M Na 
and a 1 M Li/0.1 M Na electrolyte. A constant current of 
0.1mA/cm2 was applied for 1000s for 0.1C/cm2. 

 

Chronopotentiometry experiments consisting of full cycles were used to evaluate the 

redox character of the different electrolytes. Material was deposited for 100 s at 0.1 

mA/cm2 followed by re-oxidation at the same current density (see chapter 3). The 

coulombic efficiency was calculated from these chronopotentiomery experiments and the 

results are shown in Figure 4.8.  The efficiency of 1 M Li N1114-TFSI ionic liquid increased 

through the first 10 cycles until a value of 70% was reached and remained relatively 

constant for more than 100 cycles. No significant change in efficiency was observed with 

the ionic liquid mixture of 1 M Li/0.1 M Na compared to the 1 M Li in N1114-TFSI. This is 

also similar to the results from the EMI-AlCl4 electrolyte, where despite the better 

morphology, no increase in efficiency was observed. In both electrolytes, the coulombic 

efficiency of sodium was lower than that of lithium, thus the coulombic efficiency of the 

mixed ionic liquid could again simply be a linear combination of lithium and sodium 

separately. 
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Figure 4.8: Cycling experiments at 0.1 mA/cm2 for 100 s in 
N1114-TFSI. 

 

 

The continued loss of efficiency, despite morphology improvement, could be 

because of sustained reaction between the metal deposits and the electrolytes, which 

can be attributed to the lack of an adequate SEI layer. Vinylene carbonate (VC) was 

evaluated as an SEI forming additive. In these experiments, 5 wt% VC was added to a 1 

M Li/0.1 M Na N1114-TFSI electrolyte. CV and chronopotentiometry experiments were 

carried out as described before. The coulombic efficiency calculated from CV 

experiments was 60%, which is higher than the 1M Li or 1M Li/0.1M Na ionic liquids 

without VC. The cycling performance also greatly improved. The coulombic efficiency 

calculated from chronopotentiometry reached 85% within 30 cycles and reached a 

steady value of 90% through 100 cycles (Figure 4.8). The improvement in cycling 

behavior is credited to a lower reaction rate between the deposit and the electrolyte. 

Vinylene carbonate can react with the deposit over multiple cycles to form a stable film 

that prevents further reaction. 
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4.4 Summary 

Two ionic liquids, EMI-AlCl4 and N1114-TFSI, have been studied as electrolytes for 

lithium metal batteries. Both have a large electrochemical stability window to support 

lithium deposition and dissolution, making them candidates for lithium battery 

applications. The approach to mitigating the dendrite growth, which currently prevents 

lithium metal anodes from becoming commercially viable, was to add a small amount of 

sodium to the lithium electrolyte. A non-dendritic co-deposit was achieved by both ionic 

liquid electrolytes. Since sodium is non-dendritic in nature, the non-dendritic co-deposit 

likely results from a physical blocking of lithium’s active dendritic sites.  

A second issue with forming a successful lithium metal anode is that lithium reacts 

with the electrolyte, causing capacity loss and blocking the substrate. This problem was 

approached with SEI forming additives. These additives can react with the deposited 

metal to form a stable, protective film that prevents further reaction. 

In this work, we have shown that both EMI-AlCl4 and N1114-TFSI support non-

dendritic deposits by the addition of a small amount of sodium to a lithium-based ionic 

liquid. Additives were studied with N1114-TFSI and it was shown that 5% VC added to a 1 

M Li/0.1 M Na N1114-TFSI ionic liquid could help build a stable SEI, resulting in a cycling 

efficiency of 90% over 100 cycles. Despite this increase in coulombic efficiency, a 

battery application requires a coulombic efficiency of ~99.99% to last 600 cycles, so the 

need for improvements remain. 

  



44 
 

5. The Role of Dissolved Gas in Ionic Liquid 

Electrolytes 

 
 
 

5.1 Objective 

Because of lithium’s reactivity, the formation of a stable SEI is imperative to prevent 

the irreversible reaction between lithium and the electrolyte. On a graphite anode, the 

SEI is supported on the graphite surface while the lithium ions intercalate into the bulk. 

The SEI on the surface of the lithium metal must form directly on the active material, 

which is more difficult than a host-type anode due to the dissolution of metal surface 

upon oxidation during cycling. Vinylene carbonate and other additives have been 

successfully used as SEI forming agents but have not completely solved the lithium 

anode stability problem.25,73,74  

In this chapter, dissolved gases were investigated for their role in forming the SEI on 

the metal surface.  Lithium batteries can be assembled in the absence of ambient water 

vapor (i.e. dry rooms) where the electrolyte is saturated with air74–77. Gases dissolve in 

the electrolyte in small amounts and can thus be used the affect the SEI in controlled 

ways. This effect has been studied for organic electrolytes such as propylene 

carbonate78 and ethylene carbonate/diethyl carbonate75. Aurbach et al., also studied the 

effect of water and oxygen contamination on the SEI in dioxolane and γ-

butyrolacetone17,79. No such study has been conducted for ionic liquid electrolytes, which 

interact differently with gases than their organic counterparts. The effect of atmosphere, 

including oxygen, nitrogen, argon, carbon dioxide and under vacuum are studied here. 
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Regarding gas solubility, ionic liquids have received attention as a carbon dioxide 

capture medium. In particular, researchers have investigated imidazolium-based ionic 

liquids for CO2 capture because of the high solubility of CO2. Data comparing CO2, N2, 

and O2 solubility in ionic liquid have been reported80–84. TFSI-, the anion used in the 

study, was shown to increase gas solubility over ILs with PF6
- and BF4

- anions84. In 

battery applications, soluble gases can be used to deliver small amounts of potentially 

SEI forming reactants. N2 and O2 can both react with lithium and be potential 

components of the SEI. The effect of dissolved gas on the lithium metal SEI and cycling 

efficiency are investigated in this study. 

 

5.2 Experimental Set-up 

In order to study the effect of gases on the lithium redox reaction, a specialized 

beaker-cell with connections for two electrodes and a gas port was constructed for 

maintaining the ionic liquid under saturated conditions with each of the gases during the 

electrochemical cycling experiments (Figure 5.1). The ionic liquid was taken from 

vacuum line into an argon filled glovebox and transferred into the modified beaker cell 

for the experiment. The gas port allowed for bubbling of a test gas before starting the 

electrochemical experiments. During the electrochemical experiments, the head space 

above the ionic liquid was maintained with the same test gas to avoid contamination 

from the ambient. A second cell of similar design was used to for the experiments under 

vacuum. The vacuum cell had ground glass joints and vacuum tight electrical 

feedthroughs. The cell was leak tested with a helium lead detector before use. 
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Figure 5.1: Schematic and Image of cell modified for gas 
bubbling. 

 

The shallow cycling method detailed in chapter 3 was used for these experiments. 

This method, based on excess lithium, provides the best coulombic efficiency for the 

lithium redox system. The electrochemical half cell consisted of a stainless steel foil as 

the substrate and a lithium foil as the counter and reference electrode. 

 

5.3 Results and Discussion 

Ionic liquids absorb ambient gas from the surroundings, but can be degassed by 

placing them under vacuum. The absorbed gas can be observed as bubbles leaving the 

liquid. In this work, the ionic liquid was saturated with specific gases to determine their 

effect on SEI formation and the coulombic efficiency of Li-metal cycling. The gases 

evaluated include argon, oxygen, nitrogen, dry air, and carbon dioxide. 

A 1M Li+ ionic liquid electrolyte was bubbled with nitrogen gas for 15 min, 3 h, and 6 

h followed by measurement of the cycling efficiency. After the initial bubbling period, the 
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gas of interest was maintained in the head space of the cell so that the electrolyte would 

be blanketed with the proper gas during the experiment. The electrolyte was allowed to 

settle for 10 min before the cycling experiment began. The coulombic efficiencies 

calculated from these experiments are shown in Figure 5.2. 

 

 
Figure 5.2: Coulombic efficiency plotted for different gas 
bubbling times. 

 

The coulombic efficiency using argon gas, 75%, was used as a reference. Argon was 

chosen as a reference because it is not reactive with lithium metal and is commonly 

used in gloveboxes. After 15 min of nitrogen bubbling, the coulombic efficiency 

increased slightly compared to the argon reference. A longer nitrogen bubbling time, 3 h, 

led to higher coulombic efficiency values, however, no further improvements were 

observed by extending bubbling times beyond 3 h. These results indicate that the time 

required for the electrolyte to saturate and equilibrate with the ambient is about 3 h. 
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Each subsequent experiment was started with the cell assembled in the argon glovebox 

and the same saturation time of 3 h was used for each gas. 

Figure 5.3 shows the coulombic efficiency for lithium with different gases bubbled for 

3 h prior to the experiment. The vacuum experiment was conducted as a control since 

little or no gas should be present in the system. The experiments under vacuum and 

argon yielded similar coulombic efficiencies, which confirms that argon has essentially 

no effect on the coulombic efficiency. In these cases, the SEI is formed solely from ionic 

liquid components. An increase in coulombic efficiency was seen when the cell was 

purged with oxygen or nitrogen. Dry air, being mainly a mixture of nitrogen and oxygen, 

also showed higher coulombic efficiency over the argon case but did not perform as well 

as nitrogen and oxygen individually. Dry air also contains a small amount of carbon 

dioxide. When the cell was purged with carbon dioxide, a pronounced decrease in 

coulombic efficiency was observed. The potential curves for all cycling experiments were 

similar, showing an overpotential of 50-60 mV vs. Li/Li+. This indicates no major changes 

in conductivity as a result of the gas treatment. SEM observation of deposited samples 

showed no major differences in the surface structure of the lithium. Samples were 

characterized by mossy and dendritic growth, as expected from previous work85,86. The 

main difference between the samples here should be the SEI layer formed to passivate 

the lithium surface. ToF-SIMS was used to sputter into the sample and an elemental 

depth profile of the SEI and sample was obtained. 
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Figure 5.3: Coulombic efficiency for a lithium anode in ionic 
liquid bubbled with different gases. 

 

Figure 5.4 shows a typical depth profile of a lithium sample deposited under argon. 

Normalized counts are plotted vs. the sputtering time, which is proportional to sample 

depth, assuming uniform sputtering rate between the different layers on the lithium 

surface.  The sensitivity factor for each species was not determined so an exact mole 

fraction of each material could not be calculated. The SEI was clearly observed as a 

layer of LiF on the surface extending to ~60 s depth, where depth is expressed as a 

sputtering time. During the course of the experiment, Li+ and Li2+ signals increased 

indicating bulk lithium was reached. Li2+ represents a lithium cluster peak that appears 

when the bulk Li deposit was reached. This makes it a good indicator for the SEI 

thickness. The Li2O+ peak was not tracked because it overlaps with a prominent surface 

species distorting the results. Instead, the LiO+ peak is shown. LiO+ is a natural 

byproduct of Li2O+ during ion bombardment and shows the expected trends. Peaks for 

Li3N+ and LiOH+ were also tracked and did not appear to be significant. When saturated 

with argon, the SEI was primarily composed of a LiF layer on the surface. 
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Figure 5.4:  SIMS depth profile of sample deposited under 
argon atmosphere. 

 

Depth profiles of samples when the ionic liquid was saturated with dry air, oxygen 

and nitrogen are shown in Figure 5.5. Each profile shows a dominate LiF+ peak at the 

surface with Li2+ increased after a decrease in LiF+. Surprisingly, Li3N+ and LiO+ were 

absent from all profiles in Figure 5.5 even though they are possible reaction products 

produced between lithium and nitrogen or oxygen. That these reaction products are 

soluble in the electrolyte and simply do not become part of the SEI is not ruled out but 

chemically, the SEI appears to remain a layer of LiF regardless of absorbed gas. This is 

a sharp departure from previous results by Momma et al. and Younesi et al., who 

conducted similar experiments in organic electrolytes75,78. Specifically, Momma et al. 

observed Li3N in the SEI when conducting experiments in dry air, however, no Li3N or its 

fragments were observed in several iterations of our experiments. 
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Figure 5.5: SIMS depth profiles for lithium samples 
deposited under nitrogen, oxygen and dry air. 

 

The lack of reaction with oxygen and nitrogen is consistent with the fact that lithium 

reacts quickly with humid air but only slowly with dry air. The thermogravimetric analysis 

(TGA) by Markowitz et al. showed no weight gain under dry gas, thus no reaction was 

observed with lithium metal87,88. In addition to the slow reaction with nitrogen or oxygen 

under dry conditions, the gases are present in the ionic liquid at relatively small 

concentrations compared to the concentration of the ionic liquid components. Thus, LiF 

formation due to reaction between lithium and the ionic liquid is favored. 

There appears to be a significant difference is in the thickness of the SEI layer 

formed depending on the different ambient gases used. Under argon, the thickness of 

the SEI corresponded to 60 s sputtering time and the coulombic efficiency was 75%. For 

oxygen and nitrogen, the coulbombic efficiency was 86% and the thickness of the SEI 

corresponded to 20 s of sputtering time. Finally, under dry air, and coulombic efficiency 

was 83% and it took 150 s to sputter through the SEI. The coulombic efficiency 
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correlated with the thickness, except for the dry air case. Dry air has a coulombic 

efficiency near nitrogen and oxygen, but an SEI thickness close to the argon sample. 

The apparent inconsistency with dry air may be explained by the presence of carbon 

dioxide. Carbon dioxide was quite detrimental to the coulombic efficiency. A depth profile 

of the SEI formed in carbon dioxide ambient, Figure 5.6, has a very thick layer of LiF, 

requiring 250 s sputtering time to reach the lithium. In addition, there was no rise of Li2+ 

as seen in other profiles. When the experiment was conducted in carbon dioxide 

ambient, bulk lithium deposition was inhibited and a large amount of LiF was produced.  

 

 
Figure 5.6: SIMS depth profile of sample deposited in 
carbon dioxide ambient. 

 

Of the gases tested, carbon dioxide formed the thickest SEI. According to 

Condemarin et al., Henry’s constant for carbon dioxide is 60 atm, while oxygen and 

nitrogen were not detectable80. No data was found for argon solubility. TFSI-based ionic 

liquids have the highest affinity for CO2 regardless of cation84,89. Separation of the anion 

and cation was observed at high CO2 pressures, no separation would be observed at 
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ambient pressures as in this experiment90. The association of CO2 with TFSI- seems to 

inhibit lithium ion reduction and allow direct electrolyte reduction and degradation. The 

salt, Li-TFSI, could also be affected by the presence of carbon dioxide. 

In an attempt to quantify the amount of SEI formed on each sample, two methods 

were used to estimate the SEI thickness. First, the SIMS depth profiles were converted 

to depth assuming the materials here sputter at the same rate as a standard material. 

The sputter rate of gold was experimentally measured at the same sputtering conditions 

used in the lithium experiments and found to be 5.2 nm/s. Gold was chosen because it 

has a molecular weight-to-density ratio similar to lithium, which is a determining factor in 

the sputter rate. The time to sputter through the SEI was determined from the SIMS 

depth profile and converted to thickness. Second, the SEI thickness was calculated 

assuming that LIF formation is the sole cause of the loss in coulombic efficiency. The 

theoretical LiF thickness was calculated by assuming that all lost charge in the cycling 

experiments (i.e. all lost lithium) went to form LiF instead of metallic Li. By assuming a 

bulk density for LiF, a thickness can be calculated. The results of these two methods are 

shown in Table 5.1. The SEI thickness correlates very well with the loss of efficiency. A 

thinner SEI leads to a higher efficiency, lending credibility to the second method for 

calculating SEI thickness. 

 
  

Table 5.1: Comparison of SEI thicknesses based on SIMS 
and efficiency calculations. 
 Ar 

(75%) 
N2/O2 
(85%) 

CO2 
(44%) 

Thickness based on Au 
sputter rate 

312 nm 104 nm 1300 nm 

Thickness calculated from 
coulombic efficiency 

255 nm 152 nm 570 nm 
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For the argon, nitrogen, and oxygen samples, the two thickness approximations 

shown in Table 5.1 are in reasonable agreement. Given that lithium deposits are uneven 

by their nature and the deposit itself not evenly distributed, the calculated and 

experimental thicknesses are similar. For carbon dioxide however, the second method, 

loss of coulombic efficiency, gave a smaller value compared to the sputtering rate 

measurement. This could be due to a difference in density of the LiF formed when 

carbon dioxide was present, which could change the sputter rate. Encapsulation of the 

electrolyte could make the SEI thicker than what would be expected from pure 

electrochemical reactions. Considering the lack of bulk lithium formed, as evidenced by 

the low Li2+ peak, it is likely that higher molecular weight reaction products are present in 

the SEI layer. Peaks for the fragments of the N1114 cation were found throughout the 

carbon dioxide depth profile suggesting an increased breakdown of the ionic liquid which 

would also affect the sputtering rate. The presence of residual ionic liquid on the surface 

complicates analysis of the exact products on the surface. Another possibility is that 

some of the LiF formed in the carbon dioxide electrolyte was due to direct reaction 

between lithium and Li-TFSI, rather than electrochemical reduction. The association of 

TFSI- with carbon dioxide may destabilize the salt causing additional, non-

electrochemical side reactions that would not be captured by the coulombic efficiency 

measurement. 

 

5.4 Summary 

Lithium metal deposition and re-oxidation was studied under different gas 

atmospheres in an attempt to evaluate the SEI formed. Cycling experiments were 

conducted to determine the efficiency of a lithium metal anode under these conditions. 

SIMS depth profiling was performed on samples deposited under the same conditions to 
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analyze the SEI layer formed. Nitrogen and oxygen atmospheres resulted in higher 

coulombic efficiency compared to argon. An experiment under vacuum confirmed that 

argon does not affect the SEI formation. Carbon dioxide had a detrimental effect on 

cycling efficiency. 

The chemical make-up of the SEI was similar regardless of atmosphere, consisting 

of LiF. This is a departure from similar studies in which composition changed to include 

more oxygen and/or nitrogen species. That cycling efficiency increases with exposure to 

nitrogen, oxygen, and to a lesser degree air, makes this electrolyte promising for lithium-

air batteries when paired with a water rejecting membrane. A correlation between the 

thickness of the SEI and cycling efficiency was observed, thus the lower efficiency 

comes from the active material and charge lost through formation of the SEI. The SEI 

layer thickness in carbon dioxide ambient does not correlate as well as the other gases. 

Carbon dioxide does not change the underlying structure of the IL, rather, it occupies the 

free volume in the IL and solubility is particularly in high in IL’s with with fluoroalkyl 

groups89,90. Carbon dioxide associates strongly with the TFSI- and likely destabilizes the 

ionic liquid and salt causing other side reactions.  
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6. Nucleation of Electrodeposited Lithium Metal 

 
 
 

6.1 Objective 

Lithium electrodeposits are shown to be dendritic in nearly every electrolyte. Images 

of these impressive structures are usually taken after extended cycling or longer term 

chronopotentiometry or chronoamperometry experiments. This allows for the 

observation of several dendrites in one frame, thus easing characterization of length and 

diameter distributions. These later-term deposits also show the degree of entanglement 

and any orientation that may be present. In contrast, few studies show images of short-

term deposits and no nucleation studies have been performed.  

At its early stages, the current recorded for a potential step is very sensitive to the 

geometry and active area of the deposit. While the macroscopic current may be similar, 

trends in the real active surface area of the deposit can lead to vastly different local 

current densities and deposition rates (material flux). These current densities, can in turn 

affect the SEI formation on the active area. The dendritic and non-dendritic lithium 

deposits observed from N1114-TFSI ionic liquid present two distinctive morphologies, 

which result in different active areas given the same volume of material. By calculating 

the deposition rate based on the active area and plotting this value over time, we can 

draw conclusions about the effect of the SEI layer on the deposit as a whole.  

 

6.2 Theory 

A typical current-time transient resulting from an applied potential is shown in Figure 

6.1. When a potential is applied to an electrode to nucleate a foreign surface, an initial 
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current peak is observed. This peak corresponds to the non-faradaic current of the 

double layer formation. At slightly longer times, nuclei grow unencumbered in the area 

labeled ifree. In this segment, the current recorded is directly proportional to the active 

surface area of the deposit, making this the segment of interest where the active area 

can be determined and the local deposition rate can be calculated. As nuclei continue to 

grow in size, they start to overlap and no longer grow independently. At this point the 

active area becomes equal to the superficial area of the substrate. Because the active 

area associated with dendritic and non-dendritic growth differs significantly, the local 

current density will also be quite different even if the overall current profiles look similar. 

Analysis of the initial growth of nuclei can lead the local current density and growth rate 

that can explain macroscopic trends. 

 
Figure 6.1: Generic current-time trend observed at constant 
potential for nucleation on a foreign surface (reproduced 
with permission)4. 
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At short times, the observed current is a direct result of the surface area available 

due to the growing nuclei. This current can be broken down into the total area of all 

nuclei, A(t), a potential dependent rate, k(t) in mol/cm2s, Faraday’s constant, F, and the 

equivalents per mole, n, as shown in equation 6.1. At a given time, tg, the total active 

area, A(t), is a function of the number of nuclei and the average area per nuclei as in 

Equation 6.2 

 

𝑖(𝑡) = 𝐴(𝑡) ∙ 𝑘(𝑡) ∙ 𝑛𝐹     (6.1) 

𝐴(𝑡𝑔) =  (#𝑜𝑓 𝑛𝑢𝑐𝑙𝑒𝑖, 𝑁) (
𝑎𝑣𝑒𝑟𝑎𝑔𝑒 𝑎𝑟𝑒𝑎

𝑛𝑢𝑐𝑙𝑒𝑖
)    (6.2) 

 

Because the experiment is conducted under constant potential, the rate at which 

material adds to the surface, k(t), is ideally a constant in the absence of surface layers or 

other conditions that might limit the rate. The total active area, A(t), will grow depending 

on the geometry and number of the nuclei. A single atom adding material equally in all 

directions will grow into a hemisphere. For the three-dimensional growth of this nuclei, 

the current will be proportional to the square of the time based on the area of a 

hemisphere with growing radius (Equation 6.3). A potential dependent constant, E, 

includes the rate, k, which is assumed to be a constant for this ideal case. The potential-

dependent constant is shown in equation 6.4, where M is the molecular weight in g/mol, 

ρ is the density in g/cm3, n is the number of equivalents per mole and F is Faraday’s 

constant. Finally, k is the potential-dependent deposition rate in mol/(cm2s). The cm2 

area in the denominator refers to the active area (nuclei area), not the superficial 
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substrate area. This deposition rate, k, itself is directly proportional to the local current 

density by a factor of nF. 

 

𝑖 = 𝐸 ∙  𝑡2       (6.3) 

𝐸 = 2𝜋 (
𝑀

𝜌
)

2
𝑛𝐹𝑘3      (6.4) 

 

The current in equation 6.3 applies to a single growing nuclei but an applied 

potential will result in many nuclei populating the surface, thus an equation for the 

nucleation rate is required to compute the total area at any given time. The first order 

nucleation law based on a maximum number of available sites, N0, and a nucleation 

constant, A, is given in Equation 6.5. Since the geometric model will focus on short 

times, t, and slow nucleation rates (low overpotential) we can simplify this nucleation rate 

to give a linear dependence as in Equ. 6.6. 

 

𝑁 =  𝑁0 (1 − 𝑒𝑥𝑝(−𝐴 ∙ 𝑡))     (6.5) 

𝑁 ≈ 𝑁0𝐴 ∙ 𝑡      (6.6) 

 

When taken together, Equations 6.3 and 6.6 can be used to calculate the total 

area of all nuclei. Because nucleation and growth occur simultaneously, integration of 

the nucleation rate and the current expression for a single nuclei is required. The 
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expression for the current resulting from simultaneous nucleation and growth for 

hemispherical nuclei is given in Equation 6.7 where u is the time at which an individual 

nucleus is formed and fi(t) is the current resulting from an individual nucleus (Equation 

6.3). Integrating this expression gives a general equation for A(t) multiplied constants, 

including the rate k. This final expression for the current is given in Equation 6.8. The full 

integration is shown in Appendix B.  

 

𝑖 =  ∫ [
𝜕𝑁

𝜕𝑡
]

𝑡=𝑢
𝑓𝑖(𝑡 − 𝑢)𝑑𝑢

𝑡

0
     (6.7) 

𝑖 =  
𝐴𝑁02𝜋𝑀2𝑛𝐹𝑘3

3𝜌2 𝑡3      (6.8) 

 

Depending on the geometry of the deposit, the time dependence coming from the 

growth of a single nuclei (fi(t), Equation 6.3), will change. For one dimensional growth 

there is no time dependence, while two-dimensional growth will result in a linear growth 

of area with time for a single nuclei. This varying time dependence based on geometry 

will allow us to evaluate the current associated with dendritic and non-dendritic growth 

accurately. 

Equation 6.8 gives an ideal current without mass transfer limitations to the surface. In 

the electrolyte/lithium-metal system however, formation of the SEI can limit lithium ion 

reduction and distort the growth of nuclei. This would result in a non-constant rate, k, 

because as the SEI changes with time so does the flux through it. Because the rate k is 

time dependent in our system it would also affect the active surface area and have to be 
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integrated in equation 6.7. However, the general function for k is not known, 

complicating the analysis.  

The basis of the model rests on the idea that at a given time, tg, the current is a 

function of the number of nuclei, the average area/nuclei, the potential dependent rate k, 

and Faraday’s constant as shown in Equation 6.1 and 6.2. Because the non-constant 

rate k, results in an unpredictable area-time relationship, we cannot solve the general 

equation for current with time. However, we can determine the area at any given time 

experimentally by holding a substrate at a given potential for that time, and then 

analyzing the resulting deposit in an SEM. By analyzing images of the deposit we can 

determine the average area/nuclei from the diameter of the particles as well as the 

density of nuclei on the surface. These two elements can be used to determine the 

active surface area of the sample at any given time. The current is also known, allowing 

us to solve for the rate, k, using Equations 6.1 and 6.2. A non-constant deposition rate 

with time suggests an external factor, in our case SEI formation coupled with dendritic 

growth, which can then be examined based on the deposition rate’s trend. 

 

6.3 Experimental 

Stainless steel foil was used as the substrate and working electrode for nucleation 

experiments. The counter and reference electrode was a lithium foil. Data on the 

nucleation rate was derived from SEM images of samples under applied potential for a 

specific amount of time. A standard grain counting method was used to determine the 

number of nuclei/area. To determine the number of nuclei without over-counting the 

ones at the edge of the area of analysis, a box with “hard” (red) and “soft” (blue) lines 

was drawn on an SEM image as shown in Figure 6.2. The area density of nuclei can be 
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determined by counting all nuclei within the box in addition to all nuclei that cross the soft 

lines. Nuclei that cross the hard lines are omitted. The total number of nuclei is divided 

by the area of the box (area of analysis). The advantage of this method is that if two 

areas are analyzed, no nuclei are counted twice. The method is thus not affected by the 

size variations of the selected area of analysis. 

 

 

 
Figure 6.2: Nuclei density determined from SEM images 
using a common grain counting method. Counted nuclei 
are outlined in green. 

 

 

6.4 Results and Discussion 

The initial stages of lithium growth form the basis for the build-up of a bulk lithium 

deposit, as would be used in a lithium metal battery anode. Samples were examined by 

scanning electron microscopy (SEM) after different deposition times using the organic 
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electrolyte. A stainless steel foil electrode was polarized to -150 mV vs. Li/Li+ in a 1 M 

LiPF6 EC:DMC electrolyte for a specific amount of time. A progression of SEM images is 

shown in Figure 6.3.  

 
Figure 6.3: Progression of lithium electrodeposition from 1 
M LiPF6 EC:DMC. Hemispheric nuclei appear and 
eventually overlap. At longer times, dendrites appear to 
extrude from the particle-like layer. 

 

The nuclei density, N(nuclei/cm2), was determined at each time and plotted in Figure 

6.4. In this case, the cm2 term in the denominator refers to the superficial area over 

which the nuclei were counted. This results in the calculation of a current density 

(mA/cm2) when using the Equation 6.7. The SEM images were also used to determine 

the average diameter of the nuclei at each point. Using the area for a hemisphere, this 

will give the average area/nuclei required in Equation 6.7. 
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Figure 6.4: Nuclei density and diameter as a function of time 
in 1 M Li+ EC:DMC. 

 

The nuclei in Figure 6.3 have a hemispherical shape and a high contact angle with 

the stainless steel surface. The same contact angle and nuclei shape were observed 

when the deposition was carried out on a section of freshly cleaved lithium foil indicating 

that the shape of the deposit was not specific to stainless steel. Deposition on a foreign 

surface can sometimes lead to different morphologies because of a higher overpotential 

associated with the surface. In this case, the deposit morphologies are likely similar 

because SEI formation prevents lattice match when plating lithium on a Li substrate, 

even when the substrate is freshly cleaved.  

The experimental current-time plot shown in the inset in Figure 6.5 shows the current 

due to double layer formation, followed by the rise in current to a steady value. The 

general shape corresponds to the theoretical one outlined in Figure 6.1 with several 

deviations. First, the timescale associated with double-layer formation in Figure 6.5 is 

longer than expected. The current does not drop after the initial current spike and does 

not rise almost a full second after the potential is applied. The double layer capacitance 

in organic electrolytes has been measured at ~25 µF, which should result in double layer 
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formation in ~30 ms92. In our case, the initial current spike also includes lithium 

intercalation into surface oxides. A small, generally insignificant peak can be seen at 0.5 

V vs. Li/Li+ in a cyclic voltammetry scan that contributes to the current at short times. 

These events delay the nucleation and deposition of lithium and cause the current 

plateau between double layer formation and the expected current rise. A second 

observation is that the current at long times in Figure 6.2 levels off due to the onset of 

overlapping nuclei and their diffusion layers. When nuclei begin to overlap, the true 

surface area does not grow as rapidly with time, as when nuclei are forming. The 

leveling off of the current in Figure 6.5 is not due to overlapping nuclei, as shown by 

sparse distribution of nuclei in Figure 6.3. 

 

 
Figure 6.5: Deposition rate, k, assuming hemispheric 
growth. Inset: Current-time transient for polarization to -150 
mV in 1M Li+ EC:DMC. The current is measured in mA per 
superficial area. 
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The active area deposition rate, k, can be solved for at specific times by using the 

observed nuclei density and diameter (Figure 6.4) and the measured current density 

(Figure 6.5 inset) in Equation 6.7. The resulting active area specific rate, k, indicates that 

the growth rate decreases with time. This is a departure from the ideal geometry based 

model because the rate, k, should be a constant with time. The decrease in the local 

deposition rate observed here is consistent with the inhibiting effect of an SEI layer 

forming on freshly deposited lithium. While the nuclei are able to grow unencumbered at 

the very beginning, an SEI layer starts to form immediately. As each nuclei continues to 

grow, the SEI layer must be stretched and/or broken to accommodate the growing 

surface area. This adds additional resistance to nuclei growth, slowing the rate over 

time, as shown in Figure 6.6. 

 

 
Figure 6.6: The SEI stretches and breaks as the nuclei grow, 
resulting in a decreasing deposition rate at constant over-
potential. 

 

Another observation from this study is that dendrites are not formed at the time of 

lithium nucleation in the EC:DMC system. The deposit remained mostly dendrite free 

until ~5000 s when dendrites seemed to extrude from the deposit. Several dendrites had 

grooves along their length that further suggest extrusion. Dendrites with a bulged head 

and narrow trunk were also observed. The latter shape corresponds to the model 

previously proposed by Yamaki et al.  The model is based on an interplay between 
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surface tension and creep strength34. When surface tension and creep strength are 

balanced, a straight-walled whisker is extruded. When surface tension is greater than 

creep strength, the system is unstable and the dendrites form with a bulbous head, like 

the ones seen in our experiments. The model predicts that the head would eventually 

pinch off. Although this was not directly observed, it would be difficult to see this effect 

since the pinched-off head would have already left the deposit surface. 

The same nucleation experiment was conducted in the N1114-TFSI electrolyte and 

yielded very different results. In the EC:DMC electrolyte, dendrites did not appear at 

nucleation and formed much later in the bulk growth process. The same -150 mV over-

potential in the ionic liquid system created dendrites immediately after nucleation. Figure 

6.7 shows SEM images of the lithium deposit from N1114-TFSI at -150 mV. Because of 

the lower conductivity, deposition in N1114-TFSI is slower than that in EC:DMC, resulting 

in a longer timescale. Small circular nuclei 100-200 nm in diameter initially appeared on 

the surface, but instead of growing with an equally expanding radius, the radius stayed 

almost constant and cylinders form, eventually growing into dendrites. Dendrites do 

thicken over time, but at a much slower rate than the lengthwise growth.  
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Figure 6.7: SEM images of deposits from 1M Li+ N1114-TFSI. 
Nuclei are dendritic immediately upon nucleation. Growth is 
isolated due to the dendritic shape. 

 

Tracking the size of the individual nuclei with deposition time in the N1114-TFSI 

electrolyte showed that nuclei growth was not uniform with time. SEM analysis showed 

that at 50 s, the larger nuclei were micrometers in size, however, a significant number of 

nanometer sized nuclei were present that did not grow in size. A similar observation was 

made at 500 s. When only the larger, growing nuclei were counted, a decreasing trend in 

terms of number of growing nuclei occurred with time, as shown in Figure 6.8. The 

dashed, upper curve in Figure 6.8 shows the total number of nuclei increasing with time, 

while the dotted line shows a decreasing population of growing nuclei. Thus the 

deposition current becomes restricted to fewer nuclei driving up the local current density. 
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Figure 6.8: Nuclei appearance as a function of time in 1M 
Li+ N1114-TFSI. White the total number of nuclei increases, 
only a decreasing number of them continue to grow and 
contribute to the measured current. 

 

The hemispheric geometry used for the EC:DMC case is not valid for the dendritic 

case because the dendrite growth is a one-dimensional process, rather than three 

dimensional. The nuclei geometry observed in the ionic liquid electrolyte was simplified 

to that of a cylinder with a constant 0.5 µm diameter reflecting the size of the observed 

dendrites. The active area for deposition is thus a constant area circle representing the 

trip of a dendrite. The current going to the creation of smaller non-growing nuclei was 

negligible, so the equation used for N, the number of nuclei over time, was that of the 

growing nuclei in Figure 6.8. An illustration of this modified equation is shown in Figure 

6.9. The resulting rate k, is shown in Figure 6.10. 
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Figure 6.9: Current equation based on tip-only growth of 
dendrites. 

 

 

 
Figure 6.10: Deposition rate, k, solved for by assuming a 
cylindrical geometry where only the tip is electrochemically 
active. Inset: Current-time transient for polarization to -150 
mV in 1M Li+ N1114-TFSI. The current is measured in mA per 
substrate area. 
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If only the decreasing population of nuclei is taken into account from Figure 6.8, the 

rate of growth of the large nuclei can be solved for based on one-dimensional cylindrical 

growth. The increasing trend for the rate k in Figure 6.10 shows that the inhibition 

behavior of the SEI seen in the EC:DMC electrolyte is not present in the dendritic growth 

from the ionic liquid electrolyte. The negligible growth on the dendrite sidewalls observed 

indicates that for the same volume of material, a smaller electrochemically active area is 

available. This leads to a high local current density and faster growth rate, k, on the 

active areas.  

The rate k, which is proportional to the local current density, increases with time even 

through the overpotential is constant. This means that the timescale for lithium 

deposition outstrips that of SEI formation. The high local current density at the dendrite 

tips outpaces the SEI formation on some dendrites while adjacent locations are inhibited. 

This leads to an unstable condition where some nuclei grow faster because the SEI on 

their electrochemically active areas is thin or unformed. Once a dendrite starts 

developing an SEI at the tip, growth immediately slows relative to its neighbors. Because 

of the additional resistance, growth stops altogether soon after the SEI develops. 

Meanwhile, the neighboring dendrites see an increased current density due to the 

decrease in active surface area resulting in even faster growth. In this way, only a few 

large dendrites and many smaller stunted ones are observed. Because the deposition 

rate increases with time, the effect of the SEI is mitigated and the deposition rate rises. 

It was previously shown that a lithium/sodium co-deposition can mitigate dendrite 

growth91. To further investigate how this occurs, a nucleation-rate study was conducted 

in a 1 M Li+/0.1 M Na+ N1114-TFSI electrolyte. Figure 6.11 shows SEM images of the 

stainless steel surface as a function of time. It can be seen that the co-deposition of 

sodium acts to inhibit dendritic growth from the initial point of deposition, by comparison 
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of Figure 6.7 (no sodium) to Figure 6.11 (with sodium). Instead of forming cylindrical 

nuclei (Figure 6.7) as in the lithium-only electrolyte, the lithium/sodium electrolyte 

showed round and dimpled nuclei (Figure 6.10). The dimples are particularly evident in 

the 1000 s image of Figure 6.11. 

 

 
Figure 6.11: Deposit from 1 M Li+/0.1 M Na+ N1114-TFSI 
appears round and dimpled instead of dendritic. 

 

As in the EC:DMC case, the nuclei/substrate area and average diameter of those 

nuclei were counted as a function of time. The geometry of the deposit falls into the 

hemispherical category and the deposition rate k, can be solved for at each data point in 

the same manner as the EC:DMC electrolyte. The Figure 6.12 inset shows the current-

time transient for 1 M Li+/0.1 M Na+ N1114-TFSI and the corresponding rate k is shown in 

the main figure. A decreasing trend in k, similar to the EC:DMC electrolyte is observed. 

Because the area available for deposition is larger in the hemispherical geometry, the 
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local current density and rate k, are much lower than in the dendritic case. This results in 

a better formed SEI layer over time, instead of the runaway case for dendritic growth. 

The rate k decreases over time because stretching and breaking the SEI imposes an 

additional resistance for the deposition process. 

 

 
Figure 6.12: Rate k, for 1 M Li+/0.1 M Na+ N1114-TFSI 
solved for assuming a hemispheric geometry. Inset: 
Current-time transient for polarization to -150 mV. 

 

In order for lithium dendrites to grow in the cylindrical manner shown in Figure 6.7, 

the growth rate at the tip must be much higher than the growth rate of the sidewalls. 

Simple explanations such as the electrolyte resistance being lower at the tip than the 

base of the dendrite do not explain formation of dendrites because of the variety of 

experimental setups that produce the whiskers. Given the TEM data presented by Liu et 

al. confirming the crystallinity of lithium dendrites32, the lithium deposition rate is crystal 

face dependent with some faces being more active for electrodeposition than the other 
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faces. It is possible that the dimpled morphology observed with the co-deposition of 

sodium results because sodium also deposits on the active lithium face. Sodium would 

act to inhibit the lithium growth rate because it is a foreign element and acts to block the 

progress of the growing dendrite formation. At the same time, lithium continues to 

deposit in other areas at the normal rate that would otherwise occur because the high 

current areas are slowed. This would result in a dimpled morphology (Figure 6.13).  

 

 
Figure 6.13: Illustration of potential mechanism for dendrite 
mitigation in the presence of sodium. 

 

ToF-SIMS was used to analyze the location of the deposited sodium metal with 

respect to the lithium nuclei. An ion image of a deposit from the 1 M Li+/0.1 M Na+ N1114-

TFSI electrolyte is shown in Figure 6.14. Because of the large amount of Li in the SEI 

and on the surface, an ion map of Li+ cannot distinguish clear bulk features. To observe 

only bulk Li, the Li2+ peak was used as a substitute. This peak represents a cluster of Li 

ions that can be released from the bulk and thus accurately shows bulk lithium only. The 

same could have been done with Na+ however, the peak for Na2
+ was weak and did not 

give a sharp image, thus the Na+ peak was used. Individual lithium particles are 

observed on the substrate of the sample, as well as very localized sodium particles. It is 

clear that sodium was not deposited uniformly on the substrate but rather in very specific 

areas. This observation supports the theory that sodium was likely deposited on the 

active face of lithium, thus blocking dendrite growth. 
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Figure 6.14: Element map from Tof-SIMS for deposit from a 
1 M Li+/0.1 M Na+ N1114-TFSI electrolyte. 

 

Ex-situ, SEM images point to the existence of both extruded dendrite growth and tip-

based dendrite growth. In-situ observations of dendrite growth were performed to better 

understand the progression of growth. Images of single dendrite growth were recorded 

as a function of time. A cell sandwiched between two glass slides, as described in the 

experimental section, was used to observe dendrites in an optical microscope. Dendrites 

grown from EC:DMC and N1114-TFSI electrolytes were both on the order of micrometers 

in size and thus too small to observe in a light microscope. Lithium deposited from the 

imidazolium chloroaluminate electrolyte produced much larger dendrites, tens of µm in 

diameter, which could be observed with an optical microscope. Video footage was 

recorded at 5 mA/cm2 applied current. Figure 6.15 shows frames from two separate 

dendrites whose growth was observed with time. 
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Figure 6.15: Optical microscope observations of individual 
dendrite growths in imidazolium chloroaluminate ionic liquid. 
a) Tip growth shown by a kinked dendrite and b) base 
growth of two loops by extrusion. 

 

Figure 6.15a follows a dendrite that developed a kink. Using the kink as a reference 

point, we can clearly see dendrite growth progressing via the tip of the dendrite. The 

growth rate at the tip was far greater than the growth from on the sidewalls, suggesting 

that the crystal face at the tip was significantly more electrochemically active. This 

cannot be explained by mass transfer effects alone because once clear of the lithium 

lump at the base, the sidewalls around the tip are in a similar environment to the tip 

itself. One might expect a thickening at the tip due clearing the diffusion layer of the base 

lump, but this does not occur. The fact that the dendrite was straight before and after the 

kink further supports that the dendrite is crystalline in nature and the kink arose from a 

defect in the crystal. Figure 6.15b shows a different case where a lithium structure 

spawned a looped dendrite. In the first frame, two loops can be seen coming out of the 

main lithium structure. In subsequent frames, the loops become larger but no tip was 

visible to propagate the growth. The most reasonable explanation is that lithium was 

extruded out from the main structure. 
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6.5 Summary 

We were able to definitively observe both tip-based and extrusion-based dendrite 

growth in-situ and ex-situ. Tip-based growth is an electrochemical process where the tip 

is an electrochemically active face that grows at a significantly faster rate than the 

sidewalls or base. Extrusion-based growth is not a direct electrochemical event, but 

rather occurs as a side-effect of pressure build-up as a result of lithium deposition under 

a strained SEI layer.  

Sodium can play a crucial role in suppressing tip-based dendrite growth. When 

sodium is co-deposited with lithium, the two metals do not form an alloy. Instead, distinct 

areas of sodium are visible in the ToF-SIMS analysis. Considering the lack of dendrites 

when these sodium clusters are present, it is believed that lithium dendrites can grow 

because of increased electrochemical activity on a specific crystal face of lithium. 

Sodium acts to block the accelerated growth and resulting in a dimpled and dendrite-free 

morphology.  Such a blocking effect could also be the reason why no dendrites are seen 

in EC:DMC or with certain additives such as HF and VC25,38,39.  

No tip-growth dendrites were observed in this set of experiments from EC:DMC while 

many were observed in N1114-TFSI. The SEI formed in these electrolytes is chemically 

very different. The SEI formed in N1114-TFSI consists of mainly LiF93, while the EC:DMC 

system forms a layer of EC decomposition products such as alkoxides76. The physical 

properties of these layers will also be different. It is probable that alkoxides and other 

additives can have a similar blocking affect as the sodium co-deposit observed here or 

that the SEI is simply robust enough to suppress the tendency for high-rate dendritic 

growth. Sodium is advantageous over the other electrolyte decomposition materials 
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because it can double as active material in the cell. Sodium can be oxidized along with 

the lithium anode and thus the charge stored is not lost. Sodium can then be re-

deposited in the next cycle without material waste whereas fresh electrolyte would have 

to be decomposed on the new active areas in each cycle. 

By using the geometry of the nuclei at short times, it was possible to calculate a rate 

k, which is directly proportional to the local current density seen by the nuclei. Since a 

constant potential was applied, this rate should also be a constant with time, but 

calculations based on the overall current density as well as number and size of nuclei 

show that this rate varies in magnitude and trend given the deposit morphology and 

electrolyte. The cause of this variation is an interplay between the geometry of the 

deposit and the rate at which the SEI layer forms. Depending on the rate k, deposition 

can either outstrip SEI formation (dendritic growth) or be hampered by it (granular 

growth). Thus, the trends seen in the calculated rate allow us to draw several 

conclusions about the effect of the SEI on the local current density. When a granular, 

hemispheric, geometry is observed at constant potential (EC:DMC and Li/Na N1114-

TFSI), the rate dropped from an initially high value because the SEI imposed additional 

resistance as it fully formed. In the dendritic case, lithium deposition occurred over a 

limited active area. The high local current density, and rate k, resulted in lithium 

deposition that outstripped the SEI formation, so an initial increasing rate was observed. 

If the SEI is formed by a reaction of freshly deposited lithium metal with the 

electrolyte, the thickness of the SEI will be inversely related to the rate, k. A thicker SEI 

will provide increased resistance to lithium-ions depositing at the surface because ions 

must diffuse through the SEI. The decreasing deposition rate calculated from these 

experiments could be further used to determine a thickness of the SEI on lithium with 

time. Under the assumption that the both hemispheric cases become limited by the 
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diffusion of lithium ions through the SEI layer, the diffusivity through the SEI, along with 

the rate k (also the flux, mol/cm2s) can be used to determine the thickness of the SEI 

with time. 

While this work looked at early deposits only, there are consequences for the thicker 

deposits that might be used in the lithium metal battery. The deposition of contiguous 

films of metal with excellent coulombic efficiency upon cycling are highly desired but the 

SEI plays a large role in preventing nuclei from growing together in long-time 

experiments. Despite non-dendritic results with sodium co-deposition, the SEI film 

formed on lithium still presents a major hurdle for the lithium-metal anode. 
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7. Effect of Alkali and Alkaline Earth Metal Salts on 

Lithium Metal Anodes 

 
 
 

7.1 Objective 

In ionic liquid systems, the suppression of dendritic growth of lithium has been 

studied by co-depositing a second metal with lithium from 

bis(trifluoromethanesulfonyl)imide (TFSI) and chloroaluminate ionic liquid 

electrolytes30,91. A non-dendritic, sphere-like lithium morphology was achieved through 

the co-deposition sodium with lithium. The remaining alkali TFSI salts have been 

synthesized and their reduction potentials characterized, opening the door for their study 

in conjunction with lithium. Potassium, rubidium, and cesium can be reversibly deposited 

at potentials negative of lithium deposition in TFSI-based electrolytes, making co-

deposition feasible94.  

The group 2 alkaline earth metals, of which magnesium has been considered for 

battery applications, are of interest. Magnesium is more difficult to deposit than lithium 

because the surface films formed on magnesium are more insulating and are not as ion 

conducting as their lithium counterparts11. In addition, reduction of a doubly charged 

cation generally involves a more complex series of reactions. Magnesium deposition has 

been demonstrated from Grignard based solutions and some ionic liquids electrolytes95–

99. The remaining alkaline earth metals, calcium, strontium and barium, have not been 

studied alone or as additives in lithium deposition. Calcium, strontium, and barium are 

used in phosphate and carbonate coatings for biocompatibility, but these coatings are 

formed by electrochemically assisted deposition, not a direct reduction of the metal. 

Nitrates are electrochemically reduced lowering the pH at the substrate, which causes 
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phosphates and carbonates of these metals to precipitate100–103. While the clear goal for 

the alkali metals is a co-deposit, the effect of alkaline earth metal is less clear. 

 

7.2 Results and Discussion 

The added cation can have one of several affects including co-depositing, changing 

the electrolyte conductivity, and changing the electrode double layer. When the Li-TFSI 

dissolves in N1114-TFSI, a clear, viscous electrolyte is formed. A constant potential 

deposition yields a deposit, shown in Figure 7.1, where the surface is dominated by 

dendrites. 

  

 
Figure 7.1: Lithium deposited from a 1 M Li+ electrolyte at -
0.3 V for 500 s. 
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The group 1 alkali metals ions investigated were sodium, potassium, rubidium and 

cesium. Previously, sodium ions were shown to be co-deposited with lithium forming a 

non-dendritic, sphere-like deposit as shown in chapters 3 and 430,91. The reduction 

potential of the remaining metal ions were experimentally measured in pyrrollidinium 

TFSI ionic liquid by Wibowo et al.94. The pyrrollidinium TFSI ionic liquid is similar to the 

quaternary ammonium ionic liquid used in this work so it is reasonable to assume that 

the potentials will follow the same trend. While sodium reduces 0.184 V positive of 

lithium, the remaining alkali metals reduce at potential negative of lithium, even though 

their standard potentials are positive of lithium. Potassium reduces at -0.109 V vs. Li/Li+, 

rubidium at -0.117 V, and cesium at -0.122 V based on work by Wibowo et al. in 

pyrrolidinium-TFSI. To observe a co-deposit of lithium with these three metals, potentials 

more negative than these values, corrected for concentration by the Nernst equation, are 

necessary assuming underpotential deposition does not occur. Each alkali metal was 

first tested in a 0.1 M solution in N1114-TFSI without lithium ions being present. The 

voltammetry with 0.1 M Na+ is shown in Figure 7.2 while voltammetry with 0.1 M K+, Rb+, 

and Cs+ is shown in Figure 7.3. With the exception of lithium, sodium exhibited the most 

defined redox behavior with a distinct reduction peak starting at 0.09 V vs. Li/Li+. On the 

reverse scan, Na oxidation began at 0.16 V, which is consistent with the results from 

Wibowo et al.94. The overpotential observed is likely due to the nucleation effect of 

plating a metal on a foreign surface and has been observed previously 62,66,94. 
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Figure 7.2: CV of 0.1 M Na+ electrolyte shows reduction 
starting at 0.09 V vs. Li/Li+. 

 

 

 
Figure 7.3: CV of 0.1 M potassium, cesium, and rubidium 
electrolytes. 
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In contrast, no reduction of potassium was observed on the stainless steel 

electrodes, as seen in Figure 7.3. Two peaks at 0.9 V and 0.4 V were observed on the 

first cycle but not observed on subsequent cycles, suggesting a one-time surface 

modification to the stainless steel, rather than an irreversible deposit. While reduction 

and oxidation of potassium from TFSI-based ionic liquids has been observed on nickel 

and tungsten electrodes 63,94, another attempt from chloroaluminate ionic liquid failed on 

tungsten but succeeded on mercury59.  Based on the different results for potassium 

deposition, it appears that potassium is more surface dependent than the other metal 

ions.  

Wibowo et al. reported that rubidium and cesium were reduced near the potential 

limit of the ionic liquid used here, which is ca. -0.35 V vs. Li/Li+94. The 0.1 M Cs+ 

electrolyte displayed several small reduction peaks between 0.2 V and 1.0 V. When a 

sample was held at 0.5 V, well within the range of these peaks, SEM and EDX showed 

sparse nanometer-sized cesium-rich particles on the surface but the CV shows no 

electrochemical evidence that this material can be stripped from the substrate. 

Subsequent CV cycles show that these peaks decreased in height, but did not disappear 

altogether. This indicates that they are likely caused by reactions with the pristine 

surface, rather than bulk processes. A small oxidation peak was observed at and -0.29 V 

for cesium. To isolate this peak, a sample was held at -0.4 V for 500 s. A porous deposit 

with high cesium content was observed. This indicates that the small oxidation peak at -

0.29 V is metallic cesium. The peak is small because the potential at which cesium is 

deposited also causes electrolyte decomposition as a competing reaction. In addition, 

some cesium could have been lost to reaction with the electrolyte after the metal is 

formed.  
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The CV of 0.1 M Rb+ shows a similar oxidation peak to cesium at -0.25 V. A sample 

held at -0.4 V for 500 s showed a roughly textured rubidium-rich deposit indicating that 

this anodic peak is due to the oxidation of metallic rubidium. The reduction of Rb+ is 

likely also too close to the decomposition potential for the electrolyte to observe a 

deposit with high coulombic efficiency for reduction and re-oxidation. The peaks at 1 V 

and 0 V could not be specifically identified, but decreased in height with each CV cycle. 

This indicates that they are due to one-time surface reactions, rather than bulk 

processes. 

The electrolytes containing 0.1 M concentration of K+, Cs+, Rb+ described above 

were made 1.0 M Li+, in addition to the 0.1 M alkali metal. Figure 7.4 shows the cyclic 

voltammograms recorded for these new electrolytes, which now contain 1 M Li+ and 0.1 

M alkali metal ions. Each electrolyte showed peaks for lithium deposition and stripping. 

The overpotential for the Li redox process remained -0.075 V regardless of which metal 

was added indicating a minimal effect of the foreign metal ions on the Li/Li+ couple. 

Rather, the addition of the second metal ion affected the peaks between 0 V and 1 V, 

which are associated with surface, rather than bulk, processes. On stainless steel, 

lithium showed two peaks at 1.3 V and 0.4 V on the forward scan, prior to the reduction 

of lithium ions to metallic lithium. The first peak at 1.3 V is an irreversible surface 

process that only appears on the first cycle. It is likely an initial surface film that forms on 

the substrate involving Li+ ions, as the peak does not appear for the neat ionic liquid. By 

reversing the scan direction at 0 V, prior to Li+ reduction, the second peak at 0.4 V can 

be paired with the peak at 1.3 V on the reverse scan. This set of peaks remained 

constant over multiple cycles and is likely the intercalation/de-intercalation of lithium into 

the surface oxide present on stainless steel. Allowing the potential scan to go negative of 

0 V vs. Li/Li+ shows that lithium reduction begins at -0.075 V and the re-oxidation peak 



86 
 

appears on the reverse scan starting at 0 V. The coulombic efficiency associated with 

lithium ion reduction and re-oxidation is 65%, which is lower than what can be achieved 

in an actual battery because deposition on a foreign surface, here stainless steel, affects 

the charge passed on each cycle. In a commercial cell, a shallow cycling method could 

be used to avoid this problem 93,104. In addition, the background current associated with 

the surface oxide intercalation lowers the calculated efficiency. 

 

 
Figure 7.4: Cyclic voltammograms of lithium electrolytes 
with 0.1 M alkali metal ions. 

 

The addition of sodium ions to the lithium ion containing electrolyte shifted the first 

irreversible peak at 1.3 V to 0.9 V. As described above, this peak did not appear on the 

second cycle pointing to a one-time surface modification. From previous work, it has 

been shown that lithium and sodium can be co-deposited to form a non-dendritic deposit 

30,91. The lithium/sodium co-deposit consisted of many spheres with at least one 
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indentation on the surface. This morphology is shown in Figure 7.5a and was studied in 

detail in previous chapters. The coulombic efficiency for the deposition and re-oxidation 

of the lithium/sodium system was calculated to be 44%. While it is possible for the 

absence of dendrites to lead to an increase in the coulombic efficiency, the coulombic 

efficiency of sodium from the CV results was only 41%. This relatively poor redox 

efficiency for sodium appears to be the cause of the lower coulombic efficiency for the 

lithium/sodium system.  

 

 
Figure 7.5: SEM images of lithium deposits from 1 M Li+ 
electrolyte with 0.1 M alkali metal ions. Substrate was held 
at a) -0.15 V, b) -0.3 V, c) -0.4 V, and d) -0.4 V for 500 s. 
Potentials were chosen based on the different 
overpotentials for each electrolyte and the ability to deposit 
the alkali metal ion at that potential. 

 

No metal was electrodeposited from the potassium-only electrolyte, thus no co-

deposit of lithium and potassium was expected. A CV of the 1.0 M Li+/0.1 M K+ 
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electrolyte showed two reduction peaks prior to lithium ion reduction, followed by lithium 

re-oxidation on the reverse scan. The surface related peak that appears at 1.3 V in the 

lithium-only electrolyte has again been shifted to 0.9 V, as in the lithium/sodium 

electrolyte. This peak appeared only on the first cycle, indicating an initial surface 

reaction, rather than a bulk process. The peaks related to lithium intercalation into the 

surface oxide, at 0.4 V on the forward scan and 1.3 V on the reverse scan, were not 

affected by the addition of potassium. The coulombic efficiency for lithium reduction and 

re-oxidation was 51%. The lithium/potassium deposit exhibited a flake-like morphology, 

as shown in Figure 7.5b, different from the long, thin dendrites observed for a lithium-

only electrolyte (Figure 7.1). The flakes were 1 µm wide and 2-3 µm long. The edges of 

the larger flakes and smaller platelets give the deposit a crystalline appearance. 

Individual flakes look detached from the substrate as well as each other and exhibited 

the same high surface area that is detrimental to cycling efficiency. 

The potential scans changed little when either Rb+ or Cs+ (0.1 M) were included to 

the 1.0 M Li+ electrolyte. The coulombic efficiency for the Rb+ and Cs+ containing 

electrolytes was 57% and 61%, respectively. The characteristic peaks seen in lithium-

only electrolytes remained unchanged. Cesium and rubidium are electrodeposited at 

potentials negative of lithium, as shown in Figure 7.3.  The dendritic lithium deposit 

morphology in the presence of Rb+ or Cs+ was unchanged even when material was 

deposited at -0.4 V, a potential where the metal ions are reduced from their individual 

electrolytes. Figure 7.5c and 7.5d show that dendrites from the lithium/rubidium and 

lithium/cesium electrolytes have a diameter of 0.2 to 0.5 µm, similar to the dendrites of a 

lithium-only deposit shown in Figure 7.1. The dendrites were entangled, constant-

diameter needles that had a high surface area and poor adhesion to the stainless steel 
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substrate. The EDX results showed no cesium or rubidium present in the electrodeposit, 

thus only the Li+ and IL reduction occurred. 

  The results from the addition of 0.1 M alkali metal to the 1 M Li+ electrolyte 

suggest that in order to prevent dendritic growth, the alkali metal ion must be co-

deposited. In this IL, co-deposition was only possible with sodium because the reduction 

potentials for cesium and rubidium were negative of the decomposition potential of the 

IL.  

The group 2 alkaline earth metal ions, Mg2+, Ca2+, Sr2+ and Ba2+, were added to the 1 

M Li+ electrolyte to examine their effect on the form of the lithium electrodeposit. The 

higher charge density of the divalent ions increased the viscosity of the IL. Electrolytes 

containing 0.1 M Mg2+, Ca2+, Sr2+, or Ba2+ yielded milky-white solutions compared to the 

clear solutions formed with the alkali metal salts. CVs for each of these electrolytes are 

shown in Figure 7.6. 
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Figure 7.6: Cyclic voltammograms of lithium electrolytes 
with 0.1 M alkaline earth metal ions. 

  

Because of the interest in a magnesium metal battery, a 0.1 M Mg2+ electrolyte was 

tested for Mg deposition, however, no CV peaks or deposit were observed. Although 

magnesium metal does not deposit from the Mg-only electrolyte, Mg2+ had a dramatic 

influence on the form of the lithium deposit. The magnesium salt also appeared to 

increase the voltage stability window of the IL. As shown in Figure 7.6, a CV of a 1 M 

Li+/0.1 M Mg2+ electrolyte showed no sharp current rise at -0.35 V, where the ionic liquid 

is usually reduced. Instead, a gradual rise in current was observed with a much reduced 

slope was observed. The CV for the 1 M Li+/0.1 M Mg2+ electrolyte (Figure 7.6) showed 

no peaks until the gradual rise at -0.4 V, which was due to electrolyte reduction. None of 

the above-mentioned peaks associated with lithium appeared in the scan. Lithium ion 

reduction was observed at a lower 0.05 M Mg2+ followed by re-oxidation, however, the 

overpotential for lithium ion reduction was -0.4 V, which also led to electrolyte reduction. 

The coulombic efficiency, based on the reduction and oxidation peaks, was only 17% 
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because of the extreme value of the potential required to reduce lithium ions. The 

electrodeposit had the appearance of spheres covered by a web-like material, as shown 

in Figure 7.7. The webbing was shown to be carbonaceous by EDX analysis, and most 

likely due to products from reduction of the electrolyte. The spheres mostly disappeared 

after re-oxidation of the lithium at 1 V, showing that they were indeed lithium metal. 

 

 
Figure 7.7: Lithium deposit from a 1 M Li+/0.05 M Mg2+ 
electrolyte at -0.5 V for 500 s. 

 

The addition of Ca-TFSI2 to a 1 M Li+ electrolyte did not suppress lithium reduction 

and re-oxidation currents to the same extent as magnesium salt. The current density 

observed with 1 M Li+/0.1 M Ca2+ in the electrolyte was lower than for the lithium-only 

electrolyte. The CV shown in Figure 7.6 shows a clear lithium reduction and re-oxidation 

current in the Ca2+ containing electrolyte, although the overpotential for Li+ reduction 

increased to 0.2 V (the reduction current started at -0.2 V vs. Li/Li+) compared with the 

lithium-only electrolyte, where the overpotential was 0.08 V vs. Li/Li+. The lithium metal 

oxidation peak was smaller than the reduction peak, yielding a coulombic efficiency 31% 

for the 1 M Li+/0.1 M Ca2+ electrolyte. The sloping onset of the oxidation peak also 

indicates an overpotential associated with the oxidation. Lithium was deposited from 
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electrolytes with a Ca2+ concentrations of 0.05 M and 0.1 M. The lithium concentration 

was held constant at 1 M Li+ (Figure 7.8) in both cases. Deposits from the 0.05 M Ca2+/1 

M Li+ electrolyte had a tendency to deposit dendritically, however, a majority of the 

particles were dimpled spheres, similar to the sodium case. The deposit was fully non-

dendritic when the electrolyte was changed to 1 M Li+/0.1 M Ca2+. Despite the similar 

appearance to the lithium/sodium deposit, this deposit, originating from the 

lithium/calcium electrolyte, contained no calcium within the detection limits of EDX. Thus, 

the dendrite blocking mechanism appears to occur via an adsorption mechanism, rather 

than by co-deposition. Close inspection of the deposit shows a roughened substrate with 

fibrous material between the dimpled spheres. This could be decomposed electrolyte, 

which results in the lower efficiency.  

 

 
Figure 7.8: Lithium deposited at -0.3 V for 500 s from a (left) 
1 M Li+/0.05 M Ca2+ electrolyte and (right) 1 M Li+/0.1 M Ca2+ 
electrolyte. 

 

The addition of 0.1 M Sr2+ or Ba2+ to the IL electrolyte showed similar behavior to that 

of Ca2+. Based on the CV in Figure 7.6, the coulombic efficiency was 43% for the 

strontium and 65% for the barium containing electrolyte. Current densities were lower for 

these two electrolytes compared to the lithium-only electrolyte. The deposits produced 
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from the lithium/strontium and lithium/barium electrolytes (i.e. 0.05 M and 0.1 M 

concentrations of Sr2+ or Ba2+ in addition to 1 M Li+) were examined. The images, Figure 

7.9, show the deposit morphology for the four cases. At 0.05 M, a significant change in 

the deposit morphology was observed compared to the lithium-only deposit in Figure 7.1 

for both foreign ions. The effect of Ba2+ and Sr2+ on the deposit was similar to the effect 

of Ca2+ ions. Most of the deposit was composed of dimpled spheres with some 

dendrites. When the concentration was increased to 0.1 M, nearly all deposited material 

was in the form of dimpled spheres. Only an occasional dendrite was observed. The 

same fibrous material was observed on the deposit from the lithium/calcium electrolyte 

was observed on the deposit from the lithium/strontium or lithium/barium electrolytes, 

although to a lesser degree. EDX analysis did not show any trace of strontium or barium 

in the sample, suggesting that like the calcium and magnesium cases, dendrite 

suppression occurred at the electrode/electrolyte interface rather than by significant co-

deposition. 
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Figure 7.9: Deposits from electrolytes held at -0.3 V for 500 
s. a) 1 M Li+/0.05 M Sr2+, b) 1 M Li+/0.1 M Sr2+, c) 1 M Li+/0.05 
M Ba2+, d) 1 M Li+/0.05 M Ba2+. 

 

The doubly charged alkaline earth ions behaved differently from the singly charged 

alkali ions. It is noted that the electrical double layer (EDL) in an ionic liquid differs from 

that of an organic electrolyte because the charge density is significantly higher, resulting 

in a multilayered structure. In conventional solutions, salts are dissolved through the 

formation of a neutral solvent shell around the ions. Compact and diffuse layers form in 

the presence of a charged surface to balance that charge. Models for the double layer in 

aqueous systems are based around dilute solutions but ionic liquids do not follow these 

assumptions105,106. Molecular dynamic simulations have shown that distinct anion and 

cation layers form at the electrical interface of an IL and a charged surface107. The first 

layer consists of the large N1114
+, Li+, and double charged alkaline earth cations. Next 

distinct layer will consist of TFSI-, the only anion in the system. Ionic liquid double layers 



95 
 

consist of multiple alternating ion layers, making the charge distribution near the surface 

more complex 108. Because the doubly charged alkaline earth cations are each 

associated with two TFSI- anions, this layer will be bulkier than in an electrolyte without 

the additional anions. This could hinder lithium transport to the surface during plating, 

essentially negating the preferential growth on possible dendritic sites. 

 

7.3 Summary 

The addition of Group 1 alkali metals to a lithium electrolyte produced a variety of 

results depending on the metal ion added to the electrolyte. Sodium ions showed the 

most promising behavior for the reduction/oxidization from the N1114-TFSI ionic liquid. 

Adding Na-TFSI to the electrolyte in small concentrations resulted in a dimpled-sphere 

shaped deposit due to the co-deposition of sodium and lithium metal. Potassium ions 

were not reduced on stainless steel and their addition to the lithium ion containing 

electrolyte yielded a flake-like deposit, however dendrites still occurred. Rubidium and 

cesium ions were reduced starting at -0.11 V and -0.22 V vs. Li/Li+, respectively. Ding et. 

al proposed a mechanism whereby a foreign ion that would deposit 0.05-0.1 V negative 

of lithium prevents dendrites, as they showed with cesium ions. The same effects were 

not observed in this ionic liquid electrolyte, regardless of potential applied or 

concentration used. A co-deposit similar to the lithium/sodium electrolyte was not 

achieved due to electrolyte decomposition. A non-dendritic co-deposit may still possible 

with cesium or rubidium if a more stable ionic liquid were found and the concentration of 

cesium or rubidium ions was increased.  

The addition of small amounts of Group 2 alkaline earth ions had a dramatic effect 

on the lithium metal deposit morphology. All alkaline earth metals prevented dendritic 
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growth; however, they also lowered the current density associated with lithium 

deposition and re-oxidation. Magnesium ions suppressed the reduction of lithium ions 

even at low concentrations. The current density for the lithium redox reactions and the 

coulombic efficiency associated with them increased with higher molecular weight. The 

addition of Ba2+ was most successful in giving the highest current density and 

reversibility while maintaining a non-dendritic deposit. A concentration-dependent 

dendrite suppression effect was observed with calcium, strontium, and barium that gave 

a similar dimpled-sphere morphology to the lithium/sodium electrolyte. However, no 

second-metal appears to have been deposited, nor did these metals deposit from the 

electrolyte in the absence of lithium ions. Instead, the dendrite suppression appears to 

have occurred as a result of surface effects (i.e. blockage) and lithium ion transport 

inhibition. It is possible that alkaline earth metal ions adsorb on the surface limiting the 

rate at which lithium can be deposited (supported by lower current density) and thus 

limiting the fast growth that would lead to dendrites in lithium-only systems. 
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8. Implications and Future Work 

 
 
 

8.1 Mechanism of Dendrite Suppression using Alkaline Earth 

Metal Ions 

The addition of sodium ions to a lithium electrolyte resulted in the non-dendritic co-

deposition of the two metals. A SIMS ion image revealed that the sodium was localized 

rather than dispersed evenly, indicating a physical blocking of dendritic sites. When 

alkaline earth metals ions are added to a lithium electrolyte the resulting sphere-like 

deposit is similar to the lithium/sodium deposit in appearance but no alkaline earth 

metals were found in the deposit. The mechanism for dendrite suppression with alkaline 

earth metal ions is thus different from sodium’s physical blocking.  

A possible explanation for the change in morphology without co-deposition is an 

adsorption of the alkaline earth metal ions. This could be investigated by electrochemical 

impedance spectroscopy (EIS). EIS can be used to characterize the double layer at the 

electrode/electrolyte interface of a symmetric cell with the desired electrolyte. The 

simplest equivalent circuit for such a cell is Randles equivalent circuit shown in Figure 

8.168. The circuit includes the electrolyte resistance (RΩ), the charge transfer resistance 

(Rct), double layer capacitance (Cd), and Warburg impedance (Zw). If an adsorption is 

present, the double layer capacitance will be affected.  This capacitance can be 

calculated from the imaginary component of the impedance, as shown in Equation 8.1. 

The capacitance of the double layer can then be further broken down into the dielectric 

constant e, area A, and thickness d.  
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Figure 8.1: Randles equivalent circuit could be used as a 
basis for analyzing the electrode electrolyte interface. RΩ is 
the electrolyte resistance, Rct is the charge transfer 
resistance, Cd is the double layer capacitance, and Zw is the 
Warburg impedance. 

 

𝐶𝑑 =  𝜀𝐴
𝑑⁄       (8.1) 

Based on the changes in Cd, conclusions can be drawn about the effect of the 

alkaline earth metal ions on the electrical double layer at the anode. A lower Cd indicates 

a thicker double layer that could be caused by the increased charge density of the ions. 

The charge transfer resistance, Rct, may also be affected by the alkaline earth metal 

ions. This parameter characterizes the kinetics of lithium reduction at the surface. The 

addition of foreign metal ions could sufficiently slow the lithium reduction and negate the 

accelerated plating at dendrite tips. A more detailed analysis can be conducted by 

testing the insertion of an adsorbed layer capacitance in parallel with the charge transfer 

resistance and Warburg impedance in equivalent circuit68. 
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8.2 Overcharge Protection for Insertion Anodes 

Graphite and silicon anodes both operate just positive of the lithium reduction 

potential. The potential of these anodes must thus be very closely controlled to prevent 

lithium deposition from occurring on the surface. Lithium dendrite formation has been 

observed in situ when these anodes are overcharged32,33. In operation, such abuse 

leads to a short circuit and thermal runaway that present a safety concern. The results 

obtained in this thesis could mitigate the formation of destructive lithium dendrite growth 

in the case of overcharge. A small amount of Na+, Ca2+, Sr2+, or Ba2+ could be added to 

the existing lithium electrolyte in a graphite battery. Upon overcharge, lithium would 

deposit as a harmless granular deposit rather than dendrites. These granules could even 

be re-oxidized preserving some of the active material. 

The N1114-TFSI ionic liquid does not allow for stable cycling with graphite anodes. 

Without any additives, a capacity of ~20 mAh/g can be achieved, far from the theoretical 

capacity54. The exact reason for this is unclear, but intercalation of the quaternary 

ammonium cation has been suggested as a possible cause. Adding an SEI former, such 

as EC, prevents this intercalation and is shown to give good cycling capacity54. A similar 

pyrrolidinium TFSI ionic liquid showed good compatibility with graphite at elevated 

temperatures without such additives and would also be a candidate for further study with 

the proposed overcharge mechanism. The higher temperature required does make this 

potential battery less practical109. Finally, ionic liquids with the FSI- anion, rather than 

TFSI-, have shown stable graphite cycling without additives57,58. These ionic liquids have 

a lower viscosity due to the smaller anion, but are paired with many of the same cations. 

This is thought to be due to a different arrangement in the double layer and better SEI 

formation. Since these methods of achieving stable graphite cycling preserve the nature 

of the IL that is the basis for our experiments, it is possible that one of these approaches 
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would maintain the ability to deposit non-dendritic lithium. The lithium deposit 

morphology would have to be evaluated from the altered electrolytes to confirm that the 

foreign metal ions have a similar effect in these ionic liquids as in our test case. 

A second option to utilize this finding in a graphite battery is to perform similar 

experiments in an organic electrolyte, such as EC/DMC. Sodium salts (Na-TFSI and 

NaPF6) and potassium salts (K-TFSI and KPF6) were already tested with lithium in 

EC/DMC and did not yield a non-dendritic deposit. Sodium does not electrodeposit from 

organic electrolytes, so the co-deposition mechanism seen in ionic liquids is not possible 

in organic electrolyte. No work has been done however on the alkaline earth metals in 

conjunction with lithium. The doubly charged alkaline earth ions will behave quite 

differently than singly charged ions, making this a worthy topic to explore. 

  

8.3 The Future of Lithium Metal Batteries 

Morphology is the foremost concern in lithium metal batteries because dendrites can 

cause the catastrophic failure of the battery. Additionally, dendrites are thought to 

sometimes break off or oxidize at the base before the tip, isolating the lithium active 

material. The high surface area of dendritic growth leads to large amounts of SEI 

formation leading to lost charge and inefficiencies in the battery. The elimination of these 

dendrites should thus lead to higher efficiencies. The morphology of lithium metal has 

been addressed in this work by the addition of selected foreign metal ions, but even 

though non-dendritic deposits were achieved by several methods, these did not lead to 

higher coulombic efficiencies. In the chloroaluminate case, lithium alone had a 

coulombic efficiency of 90% while the non-dendritic lithium/sodium co-deposit only 

showed 87%. For N1114-TFSI, the coulombic efficiency was 70% for the lithium-only 
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case, and the same for the non-dendritic lithium/sodium co-deposit (chapter 3). When 

testing alkaline earth metals, non-dendritic deposits from lithium/calcium and 

lithium/strontium electrolytes had lower efficiencies than lithium-only. The non-dendritic 

lithium/barium electrolyte maintained the same coulombic efficiency as lithium-only 

electrolyte, but did not exceed it. 

The lack of increase in coulombic efficiency shows that dendrites themselves are not 

the main cause of inefficiency. Loss of contact and oxidation at the base do not seem to 

occur readily, even in beaker cells where no additional force (such as a separator in a 

coin cell) serves to keep lithium on the substrate. The main driver for coulombic 

efficiency is the electrolyte and additives used. The common battery solvents, such as 

EC/DMC, also cannot achieve the coulombic efficiency required for a battery. Thus, the 

next step in developing the lithium metal anode is to look at a broader range of solvents 

that could be used as a basis of the electrolyte. Ethereal solvents could be successful 

considering some work has already been done using tetrahydrofuran (THF) and 

dioxolane. These have shown good stability with lithium metal, though have so far failed 

at high charging rates. Aromatic compounds such as toluene have also shown good 

stability with lithium metal 5,40,110,111. 

In ionic liquids, it is the organic cation that is generally reduced at the negative 

potentials required for lithium reduction. By eliminating this organic component, the 

stability of the electrolyte could be increased. One way to do this is to use a mixture of 

the salt only that has a moderate melting point. While pure TFSI- salts melt at 450-500 K 

(178-228°C), mixtures of Cs-, K-, Na-, and Li-TFSI salts can melt at 388 K (116 °C)112,113. 

If TFSI- is replaced with FSI-, salt mixtures can melt around 330 K (48 °C)114. Eutectics of 

alkali-TFSI and alkali-FSI salts look unlikely to be liquid at room temperature but alkaline 

earth salts have not been investigated. In this work we showed that these salts have a 
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positive effect on the lithium morphology. In addition, the bulkier differently charged M2+-

TFSI2 salts could disrupt the structure of the final mixture enough to lower the melting 

point to below room temperature. Alternate anions such as triflate (CF3SO3
-) or 

methanesulfonate (CH3SO3
-) as the anion could also be explored. The lithium triflate salt 

has been used in previous lithium electrolytes and seems stable, though extensive 

cycling has not been completed115,116. Triflate has not been used as the anion of an ionic 

liquid electrolyte in lithium batteries. In existing ionic liquids, asymmetric character in the 

cation leads to lower melting points and viscosity, thus new asymmetric anions might 

also lower the melting points of these salt mixtures. 

 

8.4 Fundamental Study of Lithium Dendrite Growth 

Why does lithium deposit dendritically and other alkali metals do not? This question 

was no answered directly by this work though parallels to other dendritic systems lead to 

some conclusions about the role of crystallinity and varying growth rates in dendrites. 

While many empirical studies have observed lithium electrodeposits and the result of 

additives or configuration changes, fundamental studies of the processes at work are still 

lacking. 

An ex situ on the crystallinity of dendritic lithium was attempted, but results were not 

conclusive. Dendrites were grown from electrolytes, collected, washed, and scanned 

using X-ray diffraction (XRD) in an attempt to determine crystallinity, however weak 

signals and insufficient material precluded conclusive results. Dendrites were also 

prepared for transmission electron microscopy (TEM) both by drop casting and growing 

directly on the grid, but both methods failed to produce results, in part because transfer 

to the instrument could not be done under an inert atmosphere and the material oxidized 
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before observation. Lithium has a low melting point at 180°C and the metal is soft at 

room temperature. This resulted in melting under the TEM beam further complicating 

analysis. In addition lithium almost certainly undergoes plastic deformation and 

recrystallization when prepared by ex situ methods. 

It is hypothesized that lithium dendrites are single crystals and form because of 

preferred growth on a specific crystal face. In situ studies of micro batteries by Liu et. al 

and Ghassemi et al. have shown that lithium dendrites are single crystal. Liu et al. 

charged tin oxide and silicon nanowires in situ and observed lithium dendrites growing 

from the tips of the wires32. The dendrites were determined to be single crystal body-

centered cubic with an amorphous layer of LiF. Ghassemi et al. also used silicon 

nanowires to observe the nucleation of lithium islands and subsequent growth of 

dendrite33s. Darker areas were observed at kinks in the fibers, potentially indicating a 

crystal mismatch. While these two studies agree on the crystallinity of dendrites, the 

effect of this crystallinity on dendrite growth was not identified. 

Further in situ study of lithium dendrite crystallinity could lead to an explanation for 

dendrite growth. Such in situ TEM experiments should seek to identify the 

crystallographic growth direction of dendrites and compare this among multiple fibers. 

The previous two in situ experiments were conducted by overcharging insertion anodes, 

but conducting experiments on a simple substrate is preferable for observing nucleation 

behavior. A cryogenic stage may be necessary to prevent the melting of lithium as a high 

resolution TEM study will likely melt the lithium being studied. 
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8.5 Recommendations for Future Work 

Recommendations for future work are outlined below. 

1. Electrochemical impedance spectroscopy (EIS) study of lithium/alkaline earth 

electrolytes to determine specific adsorption behavior and effect of these 

additives of the conductivity and transport behavior of lithium ions. 

2. Compatibility study between ionic liquid electrolytes and traditional insertion 

anodes (graphite) and cathodes (cobalt oxide, manganese oxide, iron 

phosphate), including organic SEI forming additives and alternative anions and 

cations for the ionic liquid. 

3. A survey of alternative ionic liquid electrolytes that eliminate the organic cation, 

and instead are comprised of a low melting mixture of alkali and alkaline earth 

salts. 

4. An in situ TEM study to observe the formation of lithium dendrites to look for a 

pattern in growth direction with regard to crystal orientation. 
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APPENDIX A: Calculation of the Specific Capacity 

 
 
 

The specific capacity is a number used to compare the storage capacity of individual 

anode and cathode materials. In the case of lithium batteries, the number is calculated 

based on the molar ratio between the anode and lithium when the anode is charged, ex. 

LiC6 and SiLi4.4. A higher capacity indicates that more lithium can be stored in a given 

amount of material, thus higher capacity desired to enable lighter batteries. The 

commonly cited values are 372 mAh/g for graphite, 4200 mAh/g for silicon, and 3861 

mAh/g for lithium. Notice that the capacity for lithium appears lower than that of silicon, 

meaning silicon would be the better anode; however, the lithium anode eliminates all 

supporting structures, thus it should achieve the best capacity. To examine this, the 

specific capacity calculations are shown below in detail. 

 

Carbon 

 1𝑔 𝐶𝑎𝑟𝑏𝑜𝑛 ∙  1 𝑚𝑜𝑙 𝐶

12.011 𝑔 𝐶
 ∙  1 𝑚𝑜𝑙 𝐿𝑖

6 𝑚𝑜𝑙 𝐶
 ∙  1 𝑚𝑜𝑙 𝑒−

1 𝑚𝑜𝑙 𝐿𝑖
 ∙  96485 𝐴∙𝑠

1 𝑚𝑜𝑙 𝑒−
  ∙ 1000 𝑚𝐴

1 𝐴
 ∙  1 ℎ

3600 𝑠
 =  372 𝑚𝐴ℎ/𝑔  

 
Silicon 

 1𝑔 𝑆𝑖𝑙𝑖𝑐𝑜𝑛 ∙  1 𝑚𝑜𝑙 𝑆𝑖

28.086 𝑔 𝑆𝑖
 ∙  4.4 𝑚𝑜𝑙 𝐿𝑖

1 𝑚𝑜𝑙 𝑆𝑖
 ∙  1 𝑚𝑜𝑙 𝑒−

1 𝑚𝑜𝑙 𝐿𝑖
 ∙  96485 𝐴∙𝑠

1 𝑚𝑜𝑙 𝑒−
  ∙ 1000 𝑚𝐴

1 𝐴
 ∙  1 ℎ

3600 𝑠
 =  4199 𝑚𝐴ℎ/𝑔 

 
Lithium 

 1𝑔 𝐿𝑖𝑡ℎ𝑖𝑢𝑚 ∙  1 𝑚𝑜𝑙 𝐿𝑖

6.941 𝑔 𝐿𝑖
 ∙  1 𝑚𝑜𝑙 𝐿𝑖

1 𝑚𝑜𝑙 𝐿𝑖
 ∙  1 𝑚𝑜𝑙 𝑒−

1 𝑚𝑜𝑙 𝐿𝑖
 ∙  96485 𝐴∙𝑠

1 𝑚𝑜𝑙 𝑒−
  ∙ 1000 𝑚𝐴

1 𝐴
 ∙  1 ℎ

3600 𝑠
 =  3861 𝑚𝐴ℎ/𝑔 

 

 

The conflict arises because the capacities for carbon and silicon are based on the 

weight of the discharged anode, but the same calculation for lithium is based on the 

charged anode (pure Li), thus the cited capacity for lithium cannot be compared with the 

other two. Considering that lithium can theoretically be plated infinitely thick on a given 
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substrate, the comparable capacity calculation based on the discharged anode would 

result in ∞ mAh/g. This is not very useful when numerically comparing specific 

capacities. 

Alternatively, one can calculate the capacity per g of the charged anode, which is the 

basis used for the capacity of the lithium metal anode. 

 

Carbon 
 1g lithiated carbon contains 1 mol Li for every 6 mol C, effectively 81.476 g/mol 
  

 1𝑔 𝐶6𝐿𝑖 ∙  1 𝑚𝑜𝑙 𝐶6𝐿𝑖

81.476 𝑔 𝐶6𝐿𝑖
 ∙  1 𝑚𝑜𝑙 𝐿𝑖

1 𝑚𝑜𝑙 𝐶6𝐿𝑖
 ∙  1 𝑚𝑜𝑙 𝑒−

1 𝑚𝑜𝑙 𝐿𝑖
 ∙  96485 𝐴∙𝑠

1 𝑚𝑜𝑙 𝑒−
  ∙ 1000 𝑚𝐴

1 𝐴
 ∙  1 ℎ

3600 𝑠
 =  329 𝑚𝐴ℎ/𝑔  

Silicon 
 1g lithiated silicon contains 4.4 mol Li for every 1 mol Si, effectively 58.626 g/mol 

 1𝑔 𝑆𝑖𝐿𝑖4.4  ∙  1 𝑚𝑜𝑙 𝑆𝑖𝐿𝑖4.4 

58.626 𝑔 𝑆𝑖𝐿𝑖4.4 
 ∙  4.4 𝑚𝑜𝑙 𝐿𝑖

1 𝑚𝑜𝑙 𝑆𝑖𝐿𝑖4.4
 ∙  1 𝑚𝑜𝑙 𝑒−

1 𝑚𝑜𝑙 𝐿𝑖
 ∙  96485 𝐴∙𝑠

1 𝑚𝑜𝑙 𝑒−
  ∙ 1000 𝑚𝐴

1 𝐴
 ∙  1 ℎ

3600 𝑠
 =

 2011 𝑚𝐴ℎ/𝑔 
 

These capacities are directly comparable to the commonly cited capacity of lithium, 

3861 mAh/g. 
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APPENDIX B: Derivation of Geometry based Current-

time Model 

 
 
 

Depending on the growth geometry, which determines the active area for deposition, 

a different current-time relationship can be derived. The possible growth geometries are 

shown in Figure B.1. In the case of one-dimensional growth (Figure B.1a), the active are 

does not change with time, so the current resulting from the growth of a single nucleus is 

a potential-dependent constant. In the case of two-dimensional growth (Figure B.1b), a 

single nuclei growing outward over the substrate, the radius grows linearly with time. 

Lastly, the case of three-dimensional growth (Figure B.1c), a single atom growing 

outward in all directions, results in a quadratic relationship between area and time. 

These relationships are shown as Equations B.1a, B.1b, and B.1c respectively. 

 
Figure B.1: Illustration of possible growth geometries with 
the active area for deposition highlighted in green. Note that 
the radius, r, is a constant in the 1-D case but a variable with 
respect to time in the other two cases. 

 

𝑖 = 𝐸1  𝑖 = 𝐸2𝑡  𝑖 = 𝐸3𝑡2   (B.1a,b,c) 

In this work 1-D and 3-D growth were observed. A potential dependent rate, k, was 

defined in mol/(cm2s) and the constants E1 and E3 are defined in Equ. B.2 where M is 
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the molecular weight in g/mol, ρ is the density in g/cm3, F is Faraday’s constant, and n is 

the number of mole equivalents. 

𝐸1  =  𝜋𝑟2𝑘𝑛𝐹  𝐸3 = 2𝜋 (
𝑀

𝜌
)

2
𝑛𝐹𝑘3    (B.2) 

Given a linear nucleation rate as introduced in chapter 6 (Equation 6.4) the 

following integral (Equation B.3) must be solved to obtain the current for simultaneous 

nucleation and growth where u is the time at which an individual nucleus is formed. The 

derivation for 3-D nuclei is shown below. The result is that the i α t3. 

𝑖 =  ∫ [
𝜕𝑁

𝜕𝑡
]

𝑡=𝑢
𝑓𝑖(𝑡 − 𝑢)𝑑𝑢

𝑡

0
    (B.3) 

[
𝜕𝑁

𝜕𝑡
]

𝑡=𝑢
=  𝑁0𝐴 

𝑖 =  𝑁0𝐴𝐸3 ∫ (𝑡 − 𝑢)2𝑑𝑢
𝑡

0

 

𝑖 =  𝑁0𝐴𝐸3 ∙
−(𝑡 − 𝑢)3

3
|

0

𝑡

 

𝑖 =  𝑁0𝐴𝐸3 ∙ −
(𝑡 − 𝑡)3 − (𝑡 − 0)3

3
 

𝑖 =  𝑁0𝐴𝐸3 ∙
𝑡3

3
 

𝑖 =  
𝑁0𝐴2𝜋𝑀2𝑛𝐹𝑘3

3𝜌2
𝑡3 
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The same method can be used to determine the current based on the one-

dimensional case, which corresponds to dendritic growth. The result is shown in 

Equation B.4, where i α t. 

𝑖 =  ∫ [
𝜕𝑁

𝜕𝑡
]

𝑡=𝑢
𝑓𝑖(𝑡 − 𝑢)𝑑𝑢

𝑡

0
    (B.4) 

[
𝜕𝑁

𝜕𝑡
]

𝑡=𝑢
=  𝑁0𝐴 

𝑖 =  𝑁0𝐴𝐸1 ∫ 𝑑𝑢
𝑡

0

 

𝑖 =  𝑁0𝐴𝐸1𝑡 

𝑖 =  𝑁0𝐴𝜋𝑟2𝑘𝑛𝐹𝑡 
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